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There are various ways to manufacture the Chlorates and Perchlorates, the most usual being electrolysis. 


The key component is the Anode. Useful Anodes for making Chlorate and Perchlorate are Platinum and Lead 
Dioxide. Anodes that make Chlorate ONLY are Graphite, Mixed Metal Oxide (MMO), Magnetite, Manganese 
Dioxide and possibly Cobalt Oxide. 

Electrolysis consists of passing a DC electric current between an Anode (+) and a Cathode (-) in a water solution of 
the starting salt. Various Oxidation reactions take place at the surface of the Anode. Various Reduction reactions take 
place at the Cathode. In a Chlorate cell some reactions also take place in the bulk of the solution, the end result being 
a range of substances plus your desired Chlorate or Perchlorate which must be separated out and purified. 

There is a huge amount of information in Patents, books and the scientific literature describing both Chlorate and 
Perchlorate cells and processes used to make Anodes that may be viable for the Amateur. Most of this information is 
not geared toward the Amateur and very often deals with aspects of the process which are not of immediate interest to 
the Amateur but are very important to large scale manufacturers or the scientist, eg. power efficiency, Tefal plots, 
possible/actual reaction mechanisms etc. 

The biggest hurdle for the Amateur is obtaining an Anode which is cheap, easy to obtain, and long lasting. This web 
page describes ways to obtain Anodes and how to use them in the manufacture of Chlorates and Perchlorates. 
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Safety 


The presence of even trace amounts of Chlorate in Perchlorates makes mixtures using the "Perchlorate" as sensitive 
or nearly as sensitive as mixtures containing ALL Chlorate. You must take ALL Chlorates out of Perchlorates if you 
are going to treat the product as a Perchlorate. 


You should never mix any Chlorate with Ammonium Perchlorate as Ammonium Chlorate may form and you will 
have a very dangerous situation. 

You should never mix any Ammonium compound (eg. Ammonium Nitrate) with any Chlorate as Ammonium 
Chlorate may form and you will get a very dangerous situation. 

The presence of Chlorides in Chlorate has been shown to increase the sensitivity of mixtures of Chlorate and 
combustibles. If using Chlorate, remove all Chloride. 

The finished product that you have made should be made neutral (this is best done before the final crystallization) 
using NaOH or KOH. Which you use is chemically unimportant but if you are concerned about the colour that your 
final product will make as it burns you must use the proper alkali. 


"Bill Ofca's Technique in Fire Volume 10 Working Safely With Chlorate" lists Asphalt as one of the incompatible 
"chemicals that must NEVER be mixed with chlorates". It also lists "Sulfur or any compounds of sulfur, sulfides, 
and sulfates" 


Skylighter carries this book (~$17). It is not a bad idea to own a copy if you choose to work with chlorates. It could 
save your life. 

Ultraviolet light is also a problem when metal oxides are present which catalyze the reaction. This is one of the 
most common causes of spontaneous ignition especially with copper compounds. Asphalt typically contains many 
impurities. 


Herbert G. Tanner 
Instability of Sulfur-Potassium Chlorate Mixture: A chemical view 
Journal of Chemical Education Vol. 36 No. 2, February 1959 


Numerous amateur rocket enthusiasts suffered serious casualties from 

premature sulfur-chlorate explosions, according to C. Burns (1). This is most 
regrettable. These accidents should challenge elementary, chemistry teachers, 
textbook writers, and civic-minded chemists to do their utmost to teach safety to 
tyro chemists. Chemistry without safety is too frequently fatal. 


The following exposition of the chemistry of sulfur-mixture is presented-with the 
hope that the information will be conveyed to secondary school chemistry 

students as a lesson in safety. Safety is not a series of "'don'ts," but is a matter 
of foresight, with avoidance of hazards. In the discussion of the chemistry of 
sulfur-chlorate mixture, an example of how safety can be designed into an 

experiment is included for the benefit of the chemists of tomorrow. 


Sulfur, a itself, is not a particularly reactive element at ambient temperatures. 
Even in the finely divided state it is difficult to ignite. Similarly, chlorate is a 
relatively stable compound at ordinary temperature. It decomposes only when 

heated (2) almost to its melting point of 368'C. It is much less reactive at room 
temperature than is pure oxygen, for example. These facts would not incline one 

to predict that a simple mixture of sulfur and chlorate might ignite spontaneously 
after pea stored in a warehouse many months, or detonate when a fuse is 

being stuffed into a rocket charge. 


World accident records for the beets century show that sulfur-chlorate stability 
is erratic and unpredictable. This fact indicates that the mixture might contain a 
concealed chemical trigger. A close look, particularly at sulfur, discloses this 
trigger and the manner in which it becomes cocked. 


There are two basic grades of sulfur—crude and refined. Sulfur produced at the 

mine is called crude sulfur (formerly “roll sulfur"). About half of the world of sulfur 
is extracted from the ground in Texas by the Frasch process. Traditionally, this 

raw product is called crude sulfur, even though it has the amazing purity of 

99.8 to 99.9% sulfur. The chief impurities asphalt which is present in the dissolved 
state. This mere trace of asphalt makes raw sulfur difficult to burn on a large scale. 
Air oxidation at ordinary, temperature is detectable only after period of months. 
Moisture in the air assists this slow “rusting” process. 


Refined sulfur is produced by distillation. The purist is obtained conditions that 
cause the sulfur to condense directly too the solid state, i.e., the sulfur is 


sublimed. The product , called flowers of sulfur, when freshly prepared has an 
average purity of 100.0% sulfur. Even when both grades of sulfur are pulverized 

to the same degree of fineness, flowers of sulfur oxidize more rapidly because its 
surface is cleaner. 


Polythionic Acid, the "Trigger" 


Air oxidation probably produces sulfurous acid on the surface of sulfur, but this 
acid has not been detected (3) because, as H. Debus showed, sulfurous acid 

reacts quickly with sulfur_to form polythionic acids beginning with trithionic acid, 
H2S306. The latter adds sulfur atoms successively to form tetra- and penta- 

thionic acids. These acids, particularly pentathionic acid (5), are responsible for 
the fungicidal value of dusting sulfurs. Aqueous polythionic acids accumulate 

until the concentration reaches a limit (6) where evaporation or a temperature 

rise will cause partial decomposition according to the equation: 


H2S306 = H2S04 + S02 + (n - 2) S 


The reaction is irreversible, but loss of polythionic acids becomes repaired by air 
oxidation of sulfur when the temperature subsides. Reaction (1) is significant in 
that a sudden increase in temperature can, cause a significant amount of sulfur 
dioxide to be formed, not ey. direct oxidation of sulfur, but by decomposition of a 
concentrated solution of polythionic acids. This event, however, must await the 
formation of a concentrated solution of these acids. 


Reaction (1) is responsible also for the accumulation of sulfuric acid on sulfur. 
The sulfuric acid, being hygroscopic, favors additional production of polythionic 
acids. By capillary action, sulfuric acid coats the surface of chlorate and 
produces chloric acid. Although dilute chloric acid at ambient temperature is a 
very weak oxidizing agent, its presence has given rise to the theory that chloric 
acid is the ee cause of sulfur chlorate instability. 

Sulfur dioxide will react directly with moist chlorate to produce chlorine dioxide. 


S02 + 2KC103 = 2CIO2 + K2S04 (2) 

Chlorine dioxide immediately attacks, sulfur, the chief reaction being, 
2CI02 + 4S = 2802. + S2C12 (3) 

Expressing reactions (2.) and (3) as one reaction. 

S02 + 2KC103 + 4S = 2S02 + S2C12 + K2S04 (4) 


Reaction (4) is a chain reaction because more sulfur dioxide is produced than is 
consumed. Initiation of reaction (4) requires an extraneous source of sulfur 

dioxide. This trigger is cocked by the growth of polythionic acids on the sulfur, 

and is “pulled" when the heat from friction, impact, sunshine, the like is sufficient 
to release a threshold amount of sulfur dioxide from the "reservoir" of polythionic 
acids. Heat from reaction (4) quickly ignites a portion of the mixture, and, if the 
gases produced cannot escape readily, the mixture will explode. 


Popular formulas for preparing sulfur-chlorate mixtures generally specify more 

sulfur than can be oxidized by the chlorate to sulfur trioxide. The reasons for this 
are not pertinent to this subject, but it is important to note that the excess sulfur 
increases the instability of the mixture by favoring formation of a greater amount 

of polythionic acids. 


This “trigger" theory was capable of explaining some previously baffling industrial 
accident conditions, but it needed experimental confirmation. It predicted that a 
chlorate mixture prepared with an oxidation resistant crude sulfur would be more 
stable than one prepared with flowers of sulfur. Comparative tests were made 


using ignition temperature as an index of stability. 


Experiment A: 2 of flowers of sulfur, 4 g of reagent grade chlorate, and 4 g of 
cleaned and dried sand were intermingled on unglazed paper with a metal 

spatula; 1 ml of water was added dropwise, and the mixing was continued. The 
product was pressed lightly into a thin open-ended cardboard tube made from a 
paper match-cover after the striker strip had been cut off. The tube was laid on 
an asbestos board in an empty ventilated hood and was heated at approximately 

10C temperature rise per minute a a heat lamp suspended above the tube. The 
temperature was measured with a thermocouple inserted to the center' of the 
mixture. Ignition temperatures on repeat experiments ranged from 82 to 910C, 

and averaged 850C. 


Safety precautions that were designed into the above experiment include mixing 
the powders with a metal spatula and the use of unglazed paper to reduce 
accumulation of static charges. The powder was dampened primarily to give it 
sufficient cohesion to remain in the cardboard tube, but the dampness no doubt 
helped to pa aes static charges. The striker strip was removed from the 
match-cover because it contains a sulfide of phosphorus which might ignite the 
mixture prematurely by contact with stray chlorate. Porosity, contributed by sand, 
and the short open-ended tube all owed easy escape of gases, thereby reducing 
the probability of an explosion. Both ends of the tube were left open to reduce 
fire hazard by canceling rocket effects when the mixture ignited. Fire hazard was 
further reduced by the asbestos board and by the emptiness of the hood. 


Experiment B: Mixtures similar to those in Experiment A were prepared with 

crude sulfur that had been pulverized until the particles had a mass median 
diameter of 44 microns, thereby approximating the particle size of flowers of 
sulfur. These mixtures ignited ,sharply at 1240C. This temperature is above the 
melting point sulfur and indicates that ignition may have been initiated by sulfur 
dioxide produced by air oxidation of hot sulfur vapor. 


Experiments A and B definitely demonstrated the predicated greater stability of 
the crude sulfur mix. However, the chloric acid theory could predict that the 
greater sulfuric acid content of the flowers of sulfur, instead of the polythionic 
acids, would cause the lower ignition temperature. As a matter of fact, the 
flowers of sulfur contained 0.02% "acidity" calculated as sulfuric acid. The 
acidity of the crude sulfur was detectable but was too small to titrate. 


As_a test of the "chloric acid" theory, Experiment A was repeated using flowers of 
sulfur dampened with sufficient 0.2 N H2S04 to give it an acidity value of 0.50%. 
When this highly acidified sulfur was mixed with chlorate, an abnormal amount of 
chloric acid must have been formed. In spite of this excess, the ignition 
temperatures averaged only 870C in close agreement with eae anenr A. These 
results dismiss the "chloric acid" theory as a primary explanation of instability. 


Final confirmation that sulfur dioxide triggers the ignition was obtained by 

cs beer Experiment A, but. instead of heating the mixture, a long capillary 

glass tube containing sulfur dioxide flowing at the rate of 0.3 cc per second was 
thrust into the mixture. Ignition occurred almost as quickly as though the flame of 
match had been applied. 


Sulfur--chlorate typifies many fuel-chlorate mixtures. Metallic sulfides and 
polysufides behave qualitatively like sulfur. Phosphorus cannot yield sulfur 
dioxide, but at room temperature it evolves reducing vapors of phosphorus oxide 
and possibly some elemental phosphorus which react so energetically with 
chlorate that an explosion usually occurs before mixing can be accomplished. 


Carbon disulfide, rosin, turpentine, thiocyanates, aldehydes, sugars, tannin, and 
numerous other materials that form volatile reducing agents on heating, 
contribute instability to chlorate mixtures. Powdered metals such as oil 
aluminum, zinc, and magnesium are sometimes used with or without other fuels 

in chlorate mixture. These metals are corroded by chlorate. Their chlorates are 
hygroscopic and decompose at relatively low temperatures. The high heats of 
oxidation of these metals could cause local temperatures sufficiently high to 
ignite the mixture. No wonder such concoctions are unpredictable in stability. 


Much of the unsavory reputation assigned to chlorate should be reassigned to 

those who have selected the fuels. gs dle ea availability and cheapness, 

instead of chemistry, have dictated the choice of fuels. Any fuel that is subject to 
air oxidation at ordinary temperature, or forms an unstable chlorate, or produces 

an easily oxidizable vapor below 1000C, or reacts with chlorate below 1500C 

should be excluded. Starch (7) is a fuel that survives these requirements. 
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SAFETY OF COPPER/BRASS SCREENS WITH CHLORATE 
COMPOSITIONS By - The WiZ (donald j haarmann) 


(The following article was in response to Ed Raszkowski's Question in PGI 
Bulletin No. 38.) 


Dr. McLain and Donald Lewis; Effects of Phase Change in Solid-Solid 
Reactions-1966, [my al courtesy of E.R.], determined that when a 
mixture of potassium chlorate was doped with copper chlorate, and then 
ground with purified sulfur [a brave move], the mixture detonated 
Spontaneously after being let stand undisturbed on a shelf for only thirty 
minutes! The experiment was bepeobee using the same components 

simply placed in a plastic vial and mixed by "tumbling the via 

eopr aia ten minutes about its major axes." After approniate ty 
twenty-four hours of standing behind a barricade, a similar detonation 
occurred. [A less complete discussion of this work is reported in Dr. 
Milan’s book; pg. 73.4 


They concluded as_a result of these experiments that; "Aside from the 
spectacular, the finding that a potassium chlorate could be made which 
when ;nixed with sulfur is ePonr aol detonable at room temperature 
there is a byproduct(s) of this experiment." 


The doctrine of using brass, bronze or copper screens, tools and jigs for 
pyrotechnic mixing and loading for non-sparking properties certainly 
needs to be reexamined in light of these findings. Emphasis added] 


The warning is repeated by Ellern. 


J.C. Shumacher; Perchlorates: Their Properties, Manufacture and Use; 
page 206+ff reports that the "***decomposition [of ammonium perchlorate] 
was strongly catalyzed by powdered copper metal or cupric oxide, and to 
a lesser extent by sodium chlorate, lithium or potassium dichromate." 
"emphasis added] even more importantly he states on page 215: 


For example a number of fires in_the drying and packaging equipment of 

the AMMONIUM perchlorate plant of Western Electrochemical Company 

(now American Potash dc Chemical Corporation) were found to have 

been caused when the perchlorate crystals came into contact with copper 
tubing in the vibrating pan-dryer heat exchanger. When stainless steel 

was substituted for copper the fires ceased. Ammonium perchlorate was 

found to be most sensitive to ignition at a moisture content of 0.02 to 0.5 
per cent, [how dry are your stars?], particularly when it is contaminated 
with copper and possibly in the presence of other metallic contaminants. 
This experience confirms other reports of the accelerating effect of copper 
on the thermal decomposition of ammonium perchlorate, and pyridine 
perchlorate. [Emphasis added. ] 


The development of cheap electricity during the later part of the 19th 
century, was followed by the first commercial electrolysis of chloride 
solutions for the production of sodium chlorate by the French in 1866. As 
a result of this process large amounts of chlorates became available at 
reasonable cost. It soon followed that because chlorate mixtures had "at 
all times fascinated inventors on account of the large amount of oxygen 
stored up in *** chlorate(s), which can be given off so readily," these 
cheap and readably available chlorates (sodium, potassium, ammonium) 

were soon used for the production of explosives. In 1890, electrolysis of 
sodium chlorate, lead to the production of potassium and ammonium 
Perchlorates for use in the production of explosives. Although few of these 
chlorate/perchlorate based explosives ever found favor in this country, 
they were wegeee used i!1 Europe. Their use having in all cases been 
supplanted by the introduction of ammonium nitrate based blasting 

agents. 


Because of an increasing number of accidents resulting from the use of 
chlorate explosives, the US Bureau of Mines performed "Frictional Impact" 
testing of chlorate explosives between September, 1911 and February 1, 
1919. [Why they took eight years to complete these tests is not recorded! ] 
The results were reported in: Bureau of Mines; Tech. Paper 234, 1919. 


Investigated was: "A certain potassium chlorate explosive that is used in 
the United States and is designated Chlorate Explosive B." [Potassium 
chlorate, sugar, gum arable]. The mixture had come under suspicion 
because a number of premature explosions had occurred during its use in 
bituminous coal mines. Quoted from the report are the following 

examples: 


1. "While ie a copper needle in a charge *** the charge exploded." 
2. "The charge exploded while the copper needle was being inserted in 
the charge bore hole." 

3. "While pushing a 12-inch cartridge into bore hole, with copper needle 
inserted about 6 inches in it, *** charge exploded." 


They felt that: In view of the frequency of these accidents and the 

seeming ease with which they took place, not being explainable by the 

sensitiveness of the explosive itself to friction, it was considered advisable 

Eo ee be emanes if possible, the cause of the excessive sensitiveness to 
riction. 


It was thought, as practically all bituminous coals contain pyrite, perhaps 
the pyrite was the cause of the accidents. [Now time out for a little : 
mineralogy -- Pyrite or "Fools Gold" is iron-sulfide (FeS2), it can with time 


SNIP SNIP 


Mixtures containing Sulphur and a Chlorate, Black oxide of Copper or 
Sulphide of Copper (and probable all Sulphides and Seen eae with 
chlorate should be avoided. Purple fires which generally contain one of 
the above compounds of Copper have an especially bad name for going 

off spontaneously. - C.T. Brock, 1872. 


HAZARDS OF BLUE STAR METALS 
Lloyd Scott Oglesby 


First published in the American Fireworks News 
#59 & 60. August/September 1986 
Republished in Best of AFN II (from which it was scanned) 


mae Drewes Editor/Publisher of AFN has given permission for me to posted 
ere. 


I have had several letters inquiring about metal fuel blue stars. The chemical 
potential for reactions between magnesium (or mecne au) and any 
copper-plus-two salt or compound is large. All of these reactions are quite 
exothermic, enough so to make a fella worry. All of these reactions are 

AAU Ue ec re spontaneous and most are chemically spontaneous at 20°C., 
especia ly in the presence of good old water. For instance if you mix powdered 
copper sulfate pentahydrate and fine magnesium powder, pour the mix into a 

tube and squirt water into the tube, it will undoubtedly heat up, almost always 
steam, frequently catch fire with surprising violence and occasionally go pang 
with a convincing report. If the chemicals are not perfectly dry to begin with or the 
day is very humid, the reaction may start before you apply the water. 


TESTING REACTIVITY 

The reactions involved in the order of their appearance: 
Mg°® + Cu++ -> Mg++ + Cu° 

Mg° + H20 (g&l) -> MgO + H2 

Mg° + S04 -> MgO + MgS 


To observe the first reaction safely, all you need is a good heat sink, so go to the 
sink and fill a glass with water. Dissolve a teaspoon or so of copper sulfate or 

any other soluble copper salt in the water, measure the temperature of the water. 
Stir the water vigorously and add slowly a teaspoon of magnesium powder. You 

will notice the almost instant appearance of a red, brown or black precipitate of 
copper powder. Take the temperature of the water again. By increasing the 

amount of chemicals used or decreasing the amount of heat sink, water, you can 
easily reach the boiling point of water. You can easily arrange for a surprisingly 
violent steam explosion which makes a nice outdoor demonstration, tossing the 
contents of the glass into the air a good many feet. If you don't mind poisoning 
the grass with copper, you might try it. Remember that the reactions are a bit 
difficult to regulate and the shower is boiling water with chemicals. To arrange for 
the sudden "bumping" type reaction, it is best to wipe the glass with oil, which 
eliminates the porns on the glass where 

active sites help bubbles of steam form, and thus dissipate the heat harmlessly 
without the dramatic "bump'. Put water and magnesium in the glass, pour in 

suddenly a saturated solution of the copper salt and prepare for the sudden 

bump" explosion that will cause rather nasty rain. Don't do this in the kitchen, 
unless you want to paint your wife's petal scrub walls, etc. The form of ea 
powder that those reactions produce is excellent for pyrotechnic use, if distilled 
water is used. Any excess magnesium present can be dissolved with acetic acid. 
Traces of acetic acid will cause the copper to react with air forming "vertigris" so 
very thorough rinsing is required. 


SNIP SNIP 


DON'T BE FOOLED 

We have so far considered only chemical problems involving the ubiquitous 

water, magnesium and the copeee salts. You might falsely suppose that these 

could be eliminated by simply using cellulose nitrate in acetone or MEK as a 

binder, but cellulose nitrate is not sufficiently insulating electrically, not a good 
enough water barrier, and both acetone and MEK solvents commonly contain 

water and attract water from the atmosphere. Acetone, in fact, must contain 

water to preserve it, and prevent it from pony ney a eaNg: or dimerizing. Also 

cellulose nitrate slowly decomposes to yield a very hygroscopic coating on the 
magnesium. 


AMMONIUM PERCHLORATE PROBLEMS 

As my old friend and teacher William McGavok, Ph.D (God rest him well) would 

say, "we aren't out of the woods yet". In fact, we haven't even met all of the 
dangerous beasts therein. Ammonium perchlorate gives such beautiful blues in 

low temperature flames that it would be nice to ed it in high temperature flames. 
It is an excellent chlorine and HC1 donor. Since the flame of magnesium can 
consume chlorine and hydrogen chloride, we will need extra to achieve a good 

blue. Ammonium perchlorate is hygroscopic enough that the powder mixed with 
magnesium powder commonly evolves ammonia and makes a puddle of 

magne perchlorate. If you mix a tiny dab of both in the palm of your hand 

and close your hand on it for a few minutes, the reaction will start from moisture 
on the skin. In a few more minutes you can smell the ammonia. Quickly wash it 

off if you notice rapid heating! 


SNIP SNIP 


Posted to rec.pyrotechnics by: 
donald j haarmann - independently dubious 


Using new materials 


The following was posted by Tom Perigrin to Rec.Pyro. 


There is nothing inherently wrong with looking into the use of exotic 


materials for fireworks. Goodness knows I've done it. But, 
when doing so, there are some things you should consider: 
1 Safety 
2 Justification 
1) Safety - 
When working with new materials you should realize you are sfeppag 
off into the unknown. And unlike cake baking, that "first step" can be 
a REAL DOOZEY in fireworks. The very purpose of a firework mixture is 


to react violently, at a rate which is just short of uncontrolled 
mayhem. It is vey easy to make a small change in a formulation that 
can push it past that point, and convert a star into a little bomb, ora 
salute into an accident. 


An example is the lack of appreciation some people have for the 
difference between chlorate (C103-) and perchlorate (C104-). When I 
was a kid I thought that they were similar, and that perchlorate just 
had 4/3's_ as much oxygen to give off. Thank goodness I did most of my 
big experimentation with perchlorate, thinking that I'd get more oxygen 
that way. In fact, I was accidentally being safer through the use of 
perchlorate. Thats because chlorate is much more reactive than 
perchlorate. I used to make mixtures based on a simple theory; to 
make a firework you need an oxidizer and a fuel. So I'd mix oxidizers 
with sulfur or charcoal or magnesium powder, or whatever. Sometimes 
I'd make mixtures of fuels, such as Mg and sulfur. Little did I know 
at that time that chlorates and sulfur are much more dangerous than 
perchlorates and sulfur. 


Even more dangerous was the fact that I owned both red phosphorous 
and potassium chlorate. Had I ever mixed those in any substantial 
amount I probably would have lost limb or life. 


The bottom line is this - experimentation should be done from a 
position of knowledge, not ignorance. Of course, there is the old 
saying "if we knew what we were doing it wouldn't be research". 

However, one should know as much as possible about the topic before 
jumping in willy-nilly. Read up as much as you can, and learn about the 
material. You should also learn about the limitations of reasoning by 
analogy... For example - chlorate is not just perchlorate minus a 
bit... Azides (NaN3) and nitrides (Na3N) are not similar! While 
sulfur and charcoal are both fuels, they are VERY different in their 
reactions, etc... 


Take for example, the work being done on basic copper chlorate. Now 
this guy strikes me as being sensible. He made the stuff, and tested 
it's sensitivity to hammering and flame before mixing it up with fuels. 
The guy is proceeding in a exemplary fashion. 


Remember, start with small amounts and test for sensitivity, 
stability, etc. Don't ignite mixtures with a match - use fuse or 
electric ignition. 


2) Justification - 


WHY are you doing this? Okay, there can be many answers - ranging 
from "I just want to" to "I think this will give a much better color". 
But sometimes the justification should be examined in terms of 
cost/benefit analysis. 


The cost should include your risk, but lets set that aside right 


now. The cost will include terms such as cost of materials, cost of 
manufacturing, etc. Benefits will include improved effect, size, 
weight, residue, etc... Let's examine that for Boron 


Boron is interesting because the combination of it's very low atomic 
weight (10.8) along with the high heat of formation of it's oxide (B203, 
-280 kcal/mole) gives it a very high energy density. Compare the value 
against aluminum (A1203, -399 kcal/mole, at wt Al = 27): 


4B+3 02 -> 2 B203 + 560 kcals 
4 Al +302 -> 2 A1203 + 798 kcals. 


At first it may seem like Al gives off more heat, and that is true. But 
you must consider how much fuel you had to burn 


4 B = 43.2 grams 
4 Al = 108 grams 


So that means 


B: 560 kcals/43.2 grams 


12.96 kcla/gram 
Al: 798 kclas/108 grams 


= 7.38 kcals/gram 

Boron is a much better fuel on a gram per gram basis. This may make it 
seem like a great choice, but in fact, this is only somewhat useful. 

oT eace. a stoichiometric mixture of fuel and oxidizer... B/KC104 and 
A1/KC104. 


3 KC104 +8 B -> 3 KCL + 4 = B203 
3 moles * 138.5 grams/mole + 8 moles * 10.8 grams/mol = 501 grams 


4 moles * -280 kcal/mole = -1120 kcals 
Energy density = -1120 kcals/501 grams = 2.23 kcals/gram 
Ratio of oxidizer/fuel - 4.82 


3 kKC104 +8 Al -> 3 KCL + 4 A1203 

3 moles * 138.5 grams/mole + 8 moles * 27 grams/mol = 631 grams 
4 moles * -399 kcal/mole = -1596 kcals 

Energy density = -1596 kcals/631 grams = 2.53 kcals/gram 

Ratio of oxidizer/fuel - 1.92 


Boy - this sure seems wrong when you first see it... you would expect 
the mixture containing the boron to be the winner for energy density 
based on the numbers for the pure elements burning in air. But think 
of it this way: The reactions above are mixed up according to 
stoichimetries based on MOLES, not on grams. While the energy density 
of B is great on a gram per gram basis, you need far fewer grams of B in 
the mixture. Thus, the use of kcal/grams is sort of bogus - you should 
use calculate the energy density of the reaction, not of the individual 
components. 


The justification for using boron cannot be based on cost ($70/pound for 
tech grade amorphous boron): on a green color (weak green), or on nego 
energy density. So why use boron? Among other reasons, it is highly 
stable for long term storage, is less sensitive to accidental ignition, 
and forms a slag which is more useful for igniting pyrotechnic objects. 


So, lets return to a question I asked earlier this week: Why use basic 
copper chlorate? What are the projected advantages? Consider a normal 
perchlorate based blue color formulation: 


KC104 

Red Gum 
Charcoal 
Parlon 
Copper oxide 
dextrin 


The potassium perchlorate acts as an oxidizer, the red gum is a fuel, 
the 1 or 2% of charcoal is an ignition and burning propogation 
enhancer, the parlon is a chlorine donor to create copper chloride in 
the flame, the dextrin is a binder and the copper oxide is a copper 
source and a weak oxidizer. Since we are on the topic of perchlorate 
oxidizers, lets consider copper perchlorate. Compare that to the 
hypothetical formulation: 


Cu(C104)2 
Red Gum 
charcoal 
dextrin 


In this formulation the copper perchlorate would be both an oxidizer and 
the copper source. Consider the potassium ions in the first 


formulation - their only job is to hang around with the perchlorate ions 
- they are place holders, and they are useless weight as far as any 
useful pryotechny is concerned. The second formulation would be so much 
better in that aspect. Also, since the expected mode of decomposition 
of Cu(C104)2 would be to give CuCl2 and oxygen, we don't need the 
parlon... less wasted weight, perhaps better efficiency at creating 
CuCl in the flame. In the first one the CuO has to find the chlorine 
being created and react to give CuCl... 


Cu(C104)2 absorbs water to form the hexahydrate Cu(C1l04)2 * 6 H20. 
That means that at least 29% of the weight of the oxidizer would be 
useless water. At this point, the percentage of useful evden in the 
perchlorate would be 35%, compared to 46% in potassium perchlorate. 
Still, this is a useful amount of oxygen. The amount of copper in the 
perchlorate itself is 17%, so a mixture containing 80% oxidizer would 
contain about 13% copper. This is a_good improvement compared to the 
roughly 8% copper found in many blue formulations. 


So, whats the problem? Copper perchlorate is deliquescent - it absorbs 
so much water from the air that it dissolves itslef in a puddle of 
water. This is NOT conducive to making a good firework. Thus, it's a 
great idea, but technically it's not feasable for anything short of 
military pyrotechny which can afford to use vapor barriers, etc. 


What about basic copper chlorate - Cu(C103)2*3Cu(OH)2 (BCC) ??? well 


Mol wt - 523 
% oxygen - 18% from chlorate, 9% from CuO formed from Cu(OH)2 total 
27% 


% copper - 48% — (WOW) ; ; ; 
% required chlorine 25% (50% if one considers CuCl as color emitter) 


The small amount of available oxygen is going to be a problem. A 
stoichiometric mixture of BCC and charcoal (assume it 1s carbon, AW = 
12) would be either 


Cu(C103)2*3Cu(OH)2 + 3 C -> Cucl2 + 3 C02 + 3 CuO + 3 H20 
OR 
2 Cu(C103)2*3Cu(OH)2 + 9 C -> 2 Cucl2 + 3 Cu + 9 CO2 + 6 H20 


The former reaction would require 523 grams of BCC and 36 grams of 
charcoal, while the second would pegute 1046 grams of BCC and 108 
dees of charcoal (roughly 6 and 10% fuel, Bai eiareb ace That low of a 

uel content generally means that the heat output of the reaction will 
not be adequate to heat and decompose the oxidizer, thus producing a 
very poor flame, if any. 


Thus, BCC probably cannot be used as an oxidizer by itself. So, lets 
think of admixing it with another oxidizer, such as potassium 
perchlorate. Since the common formulations contain about 8 to 10% 
copper, lets use that as a goal for BCC. I'm not going to bother to do 
a complete optimization, so as a guess lets look at: 

KC104 65 

BCC 20 


Charcoal 15 


65 g KC104/138 grams/mole = .47 moles 
20 g BCC/523 grams/mole = .04 moles 
15 g charcoal /12 grams/mole = 1.25 moles 


assuming KC104 -> KCl + 2 02, we get 1.88 moles of oxygen atoms (not 
02) from the KC104 

assuming BCC -> CuC12*3Cu(0H)2 we get .228 moles of oxygen atoms from 
BCC 

Total of oxygen atoms 2.1 moles 

So, C +20 -> C02, we need 2.5 moles of O atoms, this is just a bit 
oxygen poor. Thats good. 


However, only 25% of the copper atoms in the BCC have chlorine attached 
to them. We have to add parlon or PVC... that would require a 
recalculation to determine how much. But if we add parlon, what do we 
replace - charcoal, BCC or KC104? Parlon is not a fuel, so replacing 
charcoal will make it oxygen rich and reduce the temp of the flame. 

So, maybe add 3% parlon in the following fashion: 


KC104 - 64 
BCC - 19 
Charcoal - 14 
Parlon - 3 


Okay, this still won't be good, since red gum is better at making 
conor: than charcoal. So, we replace charcoal with red gum. Add 
extrin... 


KC104 - 64 

BCC - 19 

Red gum - 12 

Charcoal - 2 

Parlon - 3 

Dextrin - 5% additional 


So, what is the advantage? Well, we have about 25% of the copper atoms 
directly associated with chlorine - maybe. But even so, 3/4's of the 
copper will still have to undergo a reaction wherein chlorine in the 
flame will have to find the copper, and form CuCl in situ... But why 
did I say "maybe"? Because there is good evidence that chlorates 
decompose via the following sort of reaction: 


2 KC103 -> K20 + C102 + C103 
2 C102 -> C1202 + 02 
C1202 -> C12 + 02 


etc... 


The main point is tht the metal chlorine bond is broken FIRST, thus 
ee no advantage to a copper chlorate over a potassium salt... at 
east as far as the formtion of CuCl is concerned. Obviously this 
needs to be studied in greater detail. 


So, if the material doesn't give a better color, then what is the | 
justification for using it? Probably none. It won't be cheaper, it 


isn't more efficient, etc... However, research must be done to see if 
it will work better. But it has to be done in a rational sane 
fashion. Not some willy-nilly method of slapping shit together to see 


what happens. And that is what separates the quick from the dead. 


Tom Perigrin. 
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Tests for Chlorate and Perchlorate 


The ability to be able to tell what, and how much of what, is in your product is very useful. The ability to test for 
trace amounts of Chlorate in Perchlorate is particularly useful when it comes to making other Perchlorates from 
Sodium Perchlorate especially Ammonium Perchlorate as you don't want any Ammonium Chlorate to be formed 
under any circumstances. The presence of small amount of Chlorate in Perchlorate is OK so long as you are aware 
of the problems/dangers that it poses. The problems arise when someone thinks that having 99% Perchlorate + 1% 
Chlorate is similar to having pure Perchlorate. This is not the case. 

In order to ascertain how much Chlorate or Chloride you have in a product you must do a titration. The following 
is some very useful tests that are quick and easy to do. Some of the chemicals will have to be purchased from the 
Lab supply store. It should be noted that some of the tests below will work better (or it is sometimes essential) if a 
SOLID sample of what you are testing is added to the reagent. You will have to take out some of the liquid sample 
and dry it on a watch glass and use the solid obtained, for the test. 


Perchlorate tests 


Methylene blue 


The following test for Perchlorate is very useful when you are making Perchlorate by letting a Chlorate cell run and 
run until all the Chloride---->Chlorate has been converted to Perchlorate. This test will tell you when Perchlorate 
has started to form. 

Methylene blue is used for staining specimens that are to be examined under a microscope. It may be possible to 
purchase it in a shop that sells dyes. It is sometimes sold in pet shops as a dilute solution for treating diseases of 
fish. 

A 0.3% solution of Methylene blue is made by dissolving 0.3 grams Methylene blue in 100ml water. When a drop 
of this is put into a (liquid) sample from a cell that has Perchlorate in it the Methylene blue will form an insoluble 
purple precipitate. The solution should not be acid, if it is the purple ppt. will dissolve and you will not see it. The 
solutions must also be cold (important). It is fairly sensitive and will detect Perchlorate levels at one gram per litre 
or less. You should add the Methylene blue to the sample to be tested for to see the color change. 

If a drop of the sample is put on a glass slide and a drop of Methylene blue added, this will make the test more 
sensitive. 

Persulphates and Dichromate (cell additives) also give a purple colour which is difficult to distinguish from the 
Perchlorate precipitate. The dilution of theses substances will be fairly large and will probably not interfere with the 
test. Test a sample of your cell at the start of the run in order to see if the Persulphate or Dichromate is causing a 
purple colour. You will then be able to judge an increase in purple colour as being caused by Perchlorate formation. 
See here and here for more info. 


Potassium Chloride 


This is a very crude and insensitive test. Since Potassium Perchlorate is not very soluble you will get an 
IMMEDIATE white fine precipitate of K Perchlorate in a solution of Sodium Perchlorate. The Perchlorate 
concentration will need to be fairly high. The test sample should be as cold as possible to get the best sensitivity. If 
the you are testing a very concentrated solution of Sodium Chlorate for the presence of Perchlorate you may 
mistake the precipitate of K Chlorate that you may get (since the solution is very concentrated). Dilute your 
solution a bit so that you are not getting a precipitate of K Chlorate. This test can be difficult to interpret correctly. 
Make sure you do not confuse the K Chlorate precipitate that you will get with a K Perchlorate precipitate. It 
generally takes a few seconds for a K Chlorate precipitate to form. K Chlorate forms plates which can be seen 
reflection light (glinting) when viewed under a strong light. The K Perchlorate ppt happens immediately and has 
very small crystal size with no glinting. Also if you have a solution containing Chlorate + Chloride (no Perchlorate) 
you may get a ppt similar to Perchlorate (ie. a fine white ppt with no crystal glinting). 

Using Ethanol instead of water will increase the sensitivity of this test. 

This test is not recommended, better to use Methylene blue. 


Chlorate tests 


N-Phenylanthranilic Acid 


See Wouters page or better here. 


This will have to be purchased from a lab supply store. It is added to some concentrated Sulphuric acid. A red, 
orange or yellow colour indicates the presence of Chlorate in a Perchlorate sample. The test is fairly sensitive. 


Mix about 0.1g of the Phenylanthranilic acid with about 15cc concentrated Sulphuric acid to give a blackish/blueish 
solution. Some of the solid sample to be tested is put in the bottom of a small (preferable white) container and a 
few drops of the reagent added and put in contact with the sample. The colours above will appear if Chlorate is 
present. Be careful and do not use too much Perchlorate sample because if it contains a lot of Chlorate you may get 
splattering when the Chlorate reacts violently with the concentrated acid. 

You can also use the test by adding the test reagent to a sample of dissolved Perchlorate to be tested. This can be 
problematic because if the test reagent is made up for a period of time it seems to give a yellow colour when added 
to pure water. 

The sensitivity of the test in solutions is thus: 

A 0.4 g/l KCI1O3 solution gives a just barely visible discoloration. The best is to do the test both on clean water and 
on the unknown. If you then compare the colors of the precipitates side by side you can spot the yellow color more 
easily if you are testing low concentrations. For concentrations above 2 g/l or so this is not really necessary. The 
concentration of the indicator may also make a difference. 26.3 mg phenylanthranilic acid in 2.00 ml of 96% 
Sulfuric acid was used to prepare the indicator solution used here. 

Be careful 

A few drops of indicator solution was left over. A tiny bit of solid KCIO3 was dropped into it. Two seconds later a 
-bang- followed. ClO2 I guess. 

Lesson: 

Be careful you don't have pure or nearly pure Chlorate as it will react when it comes into contact with the 
Sulphuric acid. 


Aniline Reagent 


The Aniline Reagent is made by adding 3.6grams of Aniline to 100ml of 17% HCl acid solution. The 100ml of acid 
can be made by adding 50ml water to 50ml concentrated (35%) HCl acid. The 2g sample of solution (use solid for 
maximum sensitivity) is mixed with about 2ml of the reagent and 0.5ml water added. If Chlorate is plentiful you 
will get a red colour immediately which will turn to dark blue. If Chlorates are only there in smallish amounts, a 
blue or green colour appears within 30 minutes. 

A solid sample can be added directly to the reagent and the solid left sitting on the bottom of the container. A blue 
colour will be seen on/at the sample if Chlorate is present. 

Note: You can compare the Chlorate content by comparing the colour obtained from your test, with the colour obtained with solutions of pure 
Chlorate of known contents. I don't know if coloured solutions made up from known Chlorate concentrations will hold there colours for long 
periods of time. If they do hold their colours for long periods of time, then this test would be a good way to do a "quick and dirty" titration. 
You would simply have a row of coloured bottles for to compare your unknown with. 


Aniline Sulphate 


A small quantity (less than 0.5g) of the solid is mixed with 1ml of concentrated Sulphuric acid and 2-3ml of 
aqueous Aniline Sulphate solution added. A deep blue colour is obtained if Chlorate is present. Sensitivity of this 
test is not known. 


Indigo Carmine 


Indigo Carmine is used for microscopical staining (similar to the methylene blue) 
It will have to be purchased from a lab supply store. It is fairly expensive per gram but you will only need a few 


grams for to do a lot of tests. This test in used in US Patent No. 2,392,769. 

This test is extremely sensitive and will detect Chlorate levels down to parts per million. 

A stock test indicator solution is made by dissolving one gram of Indigo Carmine per liter water. Tests for Chlorate 
are made by mixing 1ml of the Indigo Carmine stock test indicator with 5ml of concentrated Hydrochloric acid, 
and the mixture heated to boiling. To this boiling mixture, 5ml of the cell solution are added. Five parts per million 
of Chlorate will cause a sharp decoloration of the indicator, and one part per million can be detected. Sulphur 
Dioxide does not interfere with this procedure so it will be suitable for use with all the Sulphite chemicals when 
destroying Chlorate. 

See here for more info. 


Manganous Sulphate-Phosphoric Acid 


Manganous Sulphate in syrupy (concentrated) Phosphoric acid solution reacts with Chlorates to form the violet 
coloured Mangani- Phosphate ion: 

6Mn** + 12P04" ~~ + 6H* + ClO3~ === 6[Mn(PO4)2]" ~~ + Cl- + 3H20 

Persulphates, nitrates, bromates, iodates and also periodates react similarly. 

A drop of the test solution is put into a micro crucible and a drop of the reagent is added. Warm rapidly over a 
micro burner and allow to cool. A violet coloration appears. Very pale colorations may be intensified by adding a 
drop of 1% alcoholic diphenylcarbazide solution when a deep violet colour, due to an oxidation product of the 
diphenylcarbaxide, is obtained. 

Sensitivity: 0.05 ug (micro grams). ClO’. 

Concentration: 1 in 1,000,000. 

The reagent is made up by adding equal volumes of concentrated phosphoric acid and saturated manganese (II) 


sulphate solution. 
Inorganic Spot Tests. F. Feigl. (Rec. Trav. chim. Pays-Bas, 1939, 58, 471-480.) 


Rapid test using Ammonium Thiocyanate 
See here for a rapid test using Ammonium Thiocyanate soaked test paper. 
Concentrated acids 


A crude test for the presence of Chlorate can be make by placing a drop of concentrated Sulphuric acid onto a very 
small amount of the test sample. The test sample is made my mixing the solid that may contain the Chlorate with a 
similar amount of Sucrose. Grind both up to a fine powder (seperately) and then mix. A drop of conc. Sulphuric 
acid will cause the mixture to ignite if it contains some Chlorate. It is a relatively crude test. 


Pyridine 
See here for a method of detection and approximate colorimetric estimation of Chlorate. 
Chloride strips 


When making Chlorate you can ascertain the amount of Chlorate present by determining the amount of Chloride 
that has not been converted to Chlorate. You need to know the starting concentration of the Chloride and when 
taking cell samples make sure the volume of liquid in the cell is equal to the starting volume. See below for 
Chloride determination. 


See here for Chlorate Titrations. 


Chlorides 


Chlorides can be easily tested for by using a solution of Silver Nitrate. Silver Chlorate and Silver Perchlorate are 
soluble so they will not interfere. The test is extremely sensitive. 

A drop of the Silver Nitrate solution is placed into a sample of the solution to be tested and a visible white 
precipitate of insoluble Silver Chloride is formed if Chlorides are present. 


Strips for determination of Chloride are available, see here for a description of their use from Swede. 


See here for Chloride Titrations. 


Hypochlorites 


Starch-Iodide paper 


This can be purchased from lab supply house and is cheap. Dip a strip of KI-starch paper into the solution and if 
the paper does not turn immediately blueish/blackish, Hypochlorites are absent. If there are a lot of Hypochlorites 
present the starch paper will not turn blue immediately but will be bleached by the Hypochlorite. Take the paper 
out of the solution and hold it for a while and the paper at the solution edge (where it was wetted to) will turn blue 
after about 20 seconds if there are hypochlorites present. 


Hypochlorites can be hard to eliminate completely by boiling the solution. 

Hypochlorites can be destroyed be adding Urea or Formate to the solution, about 1¢/] is usually sufficient, and 
heating a bit. Hydrogen Peroxide can also be used. 

Hypochlorite exists in commercial cells at approx. 4 to 6 grams per litre when cell is running. Hypochlorite breaks 
down on boiling the solution 


3NaClO---->2NaCl + NaClO3 
and this will increase both the Chloride and Chlorate concentration by approx. 2 to 3 grams each. 


Chlorites 


If Hypochlorites are absent, add about 2ml of 0.1 N Sulphuric acid to about 20ml of your solution and dip the KI- 
starch paper into it. If it does not turn immediately blue, Chlorites are absent 
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Detection of Small Quantities of Perchlorates, D. Kriiger and E. 
Tschirch. (2. anal. Chem., 1931, 85, 171-176.) —Monnier's methylene blue test 
for perchlorates (ANALYST, 1917, 42, 51) is applied on the micro-scale, and details 
of the sensitiveness of the test in different conditions are investigated. On the 
macro-scale, using | ¢.c, of test solution in a test tube, the smallest amount of 
perchloric (CiO,) ion detectable is 1000y, and the limit of diiution L : 1000. Far 
the micro-test one drop of the solution under examination is evaporated to dryness 


a slide, and one drop of a @-2 per cent. aqueous solution of methylene blue is 
ced. Blue and biua viskst, needle-shaped crystals and crystal ageregates are 
formed in the presence of perchlorates, and may, be seen under the microscope. 
The smallest amount recognisable is 3y of ClO, and the limit of dilution is 1217000; 
sulphate and acetate lons do not interfere, The test is more sensitive in a saturated 
solution of sodium acetate, when 0-5y of ClO; is detectable in a 1; 100,000 dilution. 
In the presence of cellulose acetate 2-5y of C1O{ is detectable in a dilution of 

1:20,000, The test has been applied in an investigation of the use of perchloric 
acid as a catalyst in acetylations of cellulose, When sulphuric acid is used as a 
catalyst the cellulose acetate contains some sulphate in the form of ester, but — 
perchloric acid is used the perchlorate contamination in the cellulose aceta is 
nndetectable by the methylene bine method, and is therefore less than Be os aoe 
Use of Methylene Blue as a Reagent in Chemical Analysis. Application 
-of the Process to the Detection and Estimation of Perechlorates in Chile 
= Saltpetre. A. Monnler. (Arcd&. Sci. phys. nat, 1916, [iv.], 42, 210-216; threwgh 
Pd. Chem, Soc., 1916, [ii }. 110, 639-640.})—The following acids in dilute sohitions, 
+ preferably in the form of their slkali salts, give coloured, crystalline precipitates 
with o solution of methylene blue. Hydriodie acid gives a deep blue precipitate, 
showing brooze-green by reflection; perchloric and hydroferricyanic acids, violet 
precipitates, bronze-green by reflection; persulphuric, dichromic, and permanganic 
acids, rose-violet precipitates, bronze-green by reflection; metavannic, molybdic, 
and tungstic acids, deep blue precipitates. The precipitate with a persulphate is 
readily distinguished from that with o perchlorate in that the former when calcined 
feaves a slight residue showing the reactions of a sulphate, and the latter when heated 
decomposes violently with deflagration, The amount of potassium perchlorate 
can be readily estimated colorimetrically in a sample of Chile saltpetre by this 
metho? To 20 c.c, of a 5 per cent. solution of the crude nitrate 1 ¢.c. of a 0-3 per 
cent. solution of methylene blue in water js added, and the mixture left overnight. 
A erystalline precipitate forms, and the supernatant liquid is tinted blue. This 
eolour is compared with that of standard tubes containing varving amounts of pure 
potassium perchlorate, If the pervhlorate is present to the extent of lees than 
0-2 per cent., a 10 per cent. solution of crude rutrate, and if more than 0+ per cent., 
* 25 per cout. solution of crude nitrate, is used. If the crude nitrate contains any 
_Todide, this can be first removed by shaking the solution with moist silver oxide. 


The following is from http://www.orcbs.msu.edu/chemical/resources_links/contamhoods.htm and used WITHOUT 
KIND PERMISSION. 


A Simple Qualitative Detection Test for Perchlorate 
Contamination in Hoods 


Wayne C. Wolsey, Ph.D., Associate Professor of Chemistry, 
Macalester College, St. Paul, Minn. 55105 


The use of perchloric acid in chemical analysis frequently brings questions of chemical safety to the minds of chemists and 
safety engineers. Precautions for the safe handling of perchloric acid and perchlorates have been summarized in various 
sources (1, 2, 3). The problem sometimes arises concerning whether perchloric deposits are present, such as in hoods or 
whether perchloric acid may be leaking from an apparatus. It would be highly desirable to have a simple means of detecting 
perchlorate available in such cases. 


An examination of the analytical chemical literature for perchlorates shows that there are few tests which are specific for 
perchlorates or perchloric acid. This is not too surprising, considering the relative chemical "inertness" of perchlorates under 
normal conditions. The desirable characteristics of a test for perchlorates would include: formation of a colored substance, 
minimal interference by other similar species, the use of a readily available reagent, and easy interpretation of the test. An 
analytical reagent which comes close to satisfying these criteria is methylene blue. The use of methylene blue in analytical 
chemistry has been treated thoroughly by Welcher (4). It has been frequently used for both the qualitative and quantitative 
determination of perchlorates. It was used in the early part of the century to detect small amounts of naturally-occurring 


perchlorates in the Chilean nitrate deposits. 
Table | Colored Precipitates 
formed with Methylene Blue? 
Salt Color of Precipitate 


Vanadate Blue 


Violet-blue 


Molybdate Violet-blue 


Ferrocyanide |/Dark Blue 


Perchlorate 


@ adapted from Welcher (4) 


Methylene blue forms a violet precipitate with perchlorate ion. Other substances which form similar appearing precipitates are 
shown in Table |. In most cases, knowledge of the composition of the chemical system being investigated will eliminate the 
majority of these species. 


It has been reported (6) that the detection limit of perchlorate with methylene blue is 0.003 mg., but investigations in the 
author's laboratories has shown that a more practical limit in a finite time is 0.001 M perchlorate. We have found that the use of 
a 0.3% aqueous solution of methylene blue gives satisfactory results. 


It should be noted however, that concentrated perchloric acid, such as the 70% HClO, of commerce, destroys the reagent. 
These solutions will give the expected results, however, if the acid is diluted. 


A practical application of the test was carried out recently by the author in investigating a Technicon Continuous Digestor which 
uses a perchloric acid mixture for the digestion of blood samples for protein-bound iodine. The apparatus had been setting for 
a number of years under a metal hood. The design of the Continuous Digestor is such that the perchloric acid mixture is 
heated to 350° C. to decompose the perchloric acid before the effluent is vented up the hood or down a drain. 

The hood was washed down with water and a few drops of methylene blue reagent applied to the washings. A violet precipitate 
formed immediately, indicative of the presence of perchlorate salt deposits in the hood. Further investigation showed that small 
amounts of perchloric acid was in the effluent from the digestor. These findings were subsequently confirmed by the Technicon 
Corporation which has issued a precautionary bulletin. 
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Is it Pure? Testing for Chlorates 


The following is from Swede's blog on ata WWW.APCFORUM.NET 
http://www.apcforum.net/forums/index.php? autocom=blog&blogid=2&showentry=20 


One of the most critical things you can do when you manufacture perchlorates is to ensure that your product is, in 
fact, free of chlorate contamination. There's no reason to bother converting your chlorate to perchlorate if you are 
not going to clean it up... you may as well use the chlorate itself. 


There are a few methods to test for chlorate. I am not going to go into them in detail, except for one. Suffice it to 
say that none of them is totally simple AND sensitive. It's not like dipping pH paper. It takes a bit of effort to create 
a sensitive test, but of course it's worth it. 


One of the tests I tried makes use of a chemical called N-Phenylanthranilic Acid, which I will call NPAA. NPAA 
is not something you buy in a feed store. It took some effort to obtain 50 grams of so, and it is not cheap. The good 
news is, a little goes a long way. The bad news is, the traditional test procedure itself, as Wouter Visser describes it 
on his excellent website, frankly sucks, and I think I have come up with a better way to do it. 


NPAA comes as a fine, grey powder, with a bit of a funky smell. It is not particularly hazardous. Wouter's 
procedure is to dissolve a small amount in concentrated sulfuric acid, and then add a few drops of this to your 
aqueous sample. A brown or red coloration is indicative of chlorate presence, while a white precipitate indicates 
pure perchlorate. This is the result, using Wouter's method, on three different test samples: 


It kind of worked. The sample far right is commercial perchlorate. The other two were intentionally chlorate- 
contaminated in varying degrees. Overall I didn't think this test had good sensitivity, and as-described by Wouter, I 
simply didn't care for it. Getting significant color required too much acid, which chews up the goods, as I am 
guessing the ratio of acid to NPAA is too high. It is the NPAA that creates the color in an acid environment. 


Dissolving NPAA in sulfuric is a pain; storing it in that state, ready to use, is out of the question. 


I thought a bit... NPAA is simply an indicator. Why not use something else to carry the NPAA, then slowly acidify 
the sample with the sulfuric? This way, I can go heavy or light with the indicator stock, and acidify as needed to 
develop the coloration if it is there. 


I dissolved a very small amount of NPAA in 99% isopropyl alcohol, which promptly turned a transparent grey 
color. I also added some concentrated sulfuric acid to an erlenmeyer flask, ready to use as needed. The tincture of 
NPAA is on the right: 


My first test was to repeat the earlier effort with three samples, 1.0 g/l chlorate, saturated chlorate, and commercial 
perchlorate. Aqueous samples are used. I strongly recommend you DO NOT drip concentrated sulfuric acid on 
unknown, powdered oxidizers! Three test tubes were prepared with the samples. The sample size was small, just 
enough to cover the bottom of the test tube. Into each, I added three drops of the indicator tincture. This 
immediately produces a white precipitate in all cases, as seen here: 


Then, each sample received 5 drops of concentrated sulfuric. If you see color, but it disappears, add a few more 
drops of sulfuric. The color then stabilizes. Here are the results: 


All right! Looks good! Interestingly, the sample that had a lower chlorate concentration produced a deeper 
coloration. The colors do seem to vary, but ANY discernible color equals chlorate contamination. 


The next step... how sensitive is it? If the test is not sensitive enough, it's useless. I diluted my 1.0 g/l sample by 
ten, creating a 0.1 g/l chlorate solution. Was it sensitive enough to detect this low level? 


The colour can be easily seen. 


The sample was cut by a factor of 10 again, creating a 0.01 g/l chlorate solution. 


NOW it's getting tricky. The picture doesn't show it well, but there was a discernible color. 0.01 g/l is like a 
pinhead of chlorate tossed in a one liter bottle. Excellent sensitivity. After this test, I halted any further dilutions... I 
knew the procedure worked. 


The next interesting test for me was to check my raw, recently harvested perchlorate. I was under no illusion that it 
would be pure, and I fully expected strong coloration. I was not disappointed... 


It didn't even have the dignity to turn a pretty shade - it looked more like mouse turds in water. 


The test development was a total success, and the use of a tincture of NPAA vs. dissolving it in sulfuric allows for 
a MUCH easier test procedure. It also allows me to store the tincture in a ready to use form. The other promising 
chlorate test Wouter describes makes use of indigo carmine, HCl, and a bit of boiling. If I can get away from 
boiling, especially boiling HCl, I'm all for it, and will stick with the NPAA test, but I'm sure I'll try the indigo 
carmine at some point. 
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Electrochemical process for 
production of Perchlorate. 


Joseph R. Ryan, Williamsville, N. Y., assignor to 
Buffalo Electro-Chemical Compant, Inc., Buffalo, N. Y. 
Application March 20, 1943, Serial No. 479,905 


The present invention relates to manufacture of sodium perchlorate in a relatively pure condition and free from 
contamination with lower oxy acids of halogens. 

The presence of minute amounts of unconverted Chlorate in Perchlorate increases the sensitivity of the Perchlorate 
to heat and to shock. 

It is an object of the present invention to manufacture pure Sodium Perchlorate free of halogen oxy acids or salts 
thereof. 

It is also an object of the present invention to produce Sodium Perchlorate directly from Sodium Chlorate while, at 
the same time eliminating excess of Chlorate or avoiding the presence of Chlorate in the Perchlorate produced. 

In accordance with the present invention, therefor, a cell solution of Sodium Chlorate is oxidized anodically, in the 
usual way, in a conventional oxidation cell well known for this purpose. Thus a cell solution is prepared containing 
about 700g/1 of sodium chlorate. To this solution there is added about 2 g/l of sodium chromate or dichromate. The 
purpose of the chromate is to protect the cathode and to prevent formation in solution of reducing hydrogen from 
electrolysis of the aqueous electrolyte with destruction of some of the chlorate in the cell and therefore at a reduced 
cell efficiency of output. 

The solution is electrolyzed in the usual way and generally in a conventional cell cascade. The operating voltage 
and amperage will depend upon the construction of the cell and the movement of electrolyte therethrough. 
However, these are factors which are well known in the art and constitute no part of the invention herein described 
and claimed. In general. the temperature is permitted to rise in the last cell of the cascade and may reach 60C. At 
this point, the cell electrolyte contains about 840g/l sodium perchlorate. This figure may be increased to a limiting 
value of about 1100g/1 by adding additional sodium chlorate to the electrolyte from two-thirds to half way through 
the cascade to compensate for the sodium chlorate that has already converted to perchlorate. However, as the 
presence of unconverted chlorate in perchlorate imparts very serious and undesirable characteristics to the 
completed product, it is preferable to operate the cell to the lowest concentration of chlorate that is economically 
feasible. The economic limit is reached when a concentration of about 1 to 5 g/l chlorate is reached. This is due to 
the fact that the high current density of 450 amperes per square foot (480mA/cm‘2) produces excessive quantities 
of ozone by reason of electrolysis of the aqueous electrolyte, thus lowering the cell efficiency to unacceptable 
levels. 

The perchlorate cell solution at the end of the conversion is, in accordance with the present invention, already at a 
relatively elevated temperature, namely in the neighbourhood of about 60C. To this solution, removed from the 
cell, a substance is added having the power of selectivity reducing any residual chromate and chlorate. The 
reducing material selected must possess in addition to this selective reducing power, the characteristic ready 
removability from the solution. Sulfur dioxide provides an excellent reducing substance for the purpose intended, 
since this material may be bubbled through the electrolyzed cell solution, destroying the residual chlorate which is 
normally present at this point to the extent of about 1g/l and reducing any portion of the chromate not already 
reduced at the cathode. The chlorate is reduced to chloride and the chromate to chromic compounds. 

The sulfur dioxide treatment is continued until such time as the cell solution given no further test for the presence 
of chlorate ion. To this end, the electrolyzed cell solution is added to a test indicator make of one gram per liter 
indigo carmine. The test is made by mixing 1ml of the indigo carmine with 5ml of concentrated hydrochloric acid, 
and the mixture heated to boiling, To this boiling mixture, 5ml of the reduced cell solution are added. Five parts 
per million of chlorate will cause a sharp decoloration of the indicator, and one part per million can be detected. 
Sulphur dioxide does not interfere with this procedure. Sulfur dioxide is therefor added to this solution until a test 
make with the indigo carmine indicator shows the presence of less than one part per million of chlorate, that is, the 
elimination of substantially all of the chlorate and any other halogen oxy acids. 

Excess sulphur dioxide is eliminated from the treated solution by boiling and bubbling air through the solution to 
sweep out such excess. Sulphur dioxide may be tested for by permitting the evolved gases to act upon 1/1000 N 


potassium permanganate solution. 

The acidity of the treated solution is then adjusted to a pH of about 7. To this end, sodium carbonate or other mild 
alkali may be employed. The chromic ion is precipitated as chromic hydroxide and may be removed. 

The cell solution thus purified, is evaporated to dryness and the sodium perchlorate dried carefully and slowly at 
about 160C. The material may be dried in any suitable or conventional fashion by employment of conventional 
pulverizing and drying equipment and in general the time required to dry the material will be dependent directly 
upon the efficiency of the drying equipment. 

An analysis of the dried sodium perchlorate gave the following composition: 


The present invention provides a method of purifying electrolyzed 
sodium chlorate and the production of sodium perchlorate free of the 
Sodium Perchlorate |98.70 deleterious chlorate whereby the sodium perchlorate may be used 
Sodium Sulfate 1.00 directly as a compounding agent in explosive materials without the 
Sadun chlonde 0.04 necessity of changing the perchlorate to the potassium or ammonium 
salt as has been done heretofore. 
Sodium Carbonate ||0.32 


What is claimed is: 

The method of manufacturing solid sodium perchlorate uncontaminated 
with chlorate which comprises anodically oxidizing an aqueous solution of sodium chlorate containing a water 
soluble salt of hexavalent chromium with the production of perchlorate contaminated with chlorate, treating the 
oxidized solution with sufficient sulfur dioxide to reduce chromates to chromic salts and the residual chlorate to 
chloride, adding mild alkali to adjust the pH of the solution to about 7 to precipitate chromic hydroxide, removing 
the precipitated chromic hydroxide, and thereafter evaporating and drying the relatively purified solution to recover 
the sodium perchlorate. 


JOSEPH R. RYAN 
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r Chiorates, Bromates and Sulphites. I. M. 
20, 225-226.)—Two ml. of the nentral nr acid 
, OS mi. of saturated sodium sulphite solution, 
lution of indigo carmine are added, and 


Senaltive Reaction fo 
Korenman. (Mikrochem., 1016, 
chlorate solution are treated witl 

f a O-O2 per cent. aqueous $0 
inmeeeiniag Sites wih 1 ml. of 3. hydrochloric acid. If the blue colour 


rapidly disappears the presemec of chlorate is indicated. The NYS Sane 
is U4y of potassium chlorate in 2 ml,, and the concentration a eh se - 
The reaction may be catried out as a spot-test by placing one e i , 

chlorate on the spot-plate, followed by I to 2 drops of 0-02 per cent. carmine 


solution, 1 crop of saturated sodium sulplite solution and 2 drop of 3.N hydra 
chioric acid. The mixture is rapidly decolorised, while a blank test remains 
coloured, The limit of identification is O23» KCI, in 0-03 ml., and the concen- 
tration mit is 1: 140,000. The decolonisation of indigo is not specific for chlorates, 
as some other oxidising agents, such as bramates or chromates, behave similarly, 
The sensitivity of the test applied to bromutes is as follows: m a test-tube the limit 
of identification 1 @O6y of putassium bromate in 2m, and the concentration 
limit is 1: 3,000,000; as a spet-test the limit of identification 1s O-24y in 0-03 rl, , 
and the concentratiun inmit is 1: 125,000. By means of thts reaction as litle as 
GO per cent. of potassium bromate may be detected in potassium bromide, 
Oxihsing agents suchas permanganate and hypochlorite decolorise indigo carminein 
the absence of sulphije. Oilier oxidising agents do not decolorise indigo carmine, 
but potassiuin ferricyanide and potassiurn iodale impart a green colour to the 
solution under the conditions of the test. When applied as a test for sulphite 
the reaction is camied out as follows:—Two mL of a solution of sulphurous acid 
or sulphite are treated wiih 0-3 mil, of saturated potassium chlorate solution, and 
ther acidified with 1 ml. of 3.¥ hydrochloric acid, and 2 to 3 drops of 0-02 per cent. 
indigo carmine selution are added. In the presence of sulphite the blue colour 
disappears, The limit of identification is 2-3, of sulphur dioxide in 2 mil., and the 
concentration limit 1 1° 800,000. For a spot-test, 1 drop of the test solution 15 
mixed with a drop of a mixture uf 1 volume of 0-02 per cent. indigo carnmine 
galition, I vuhime of saturated petassium chinrate solution, and 2 volumes of 
38 hydrochloric or sulphuric acid. In the presence of sulphite the blue colour 
of tte drop rapidly disappears, The limit of Mlentification is O-Sy of sulphur 
dioxide in (49 ml., and the concentration lout is 1:40,00%). Sodium sulphide 
(1 part in 40.000) and sodiicny triusutplate (1 part in 154400) also give this reaction. 
Jj. WM. 


Rapid Test for Chlorate. H. R. Offord. (Ind. Eng. Chem., Anal. Ed., 
1935, 7, 93-95.)—A test-paper method has been devised for testing for chlorate 
in a few drops of solution. Tesi-paper.—No. 1 Whatman paper is soaked in 3 N 
ammonium thiocyanate solution and dried in a current of warm air at a temperature 
not exceeding 70°C. The dry paper may be kept without deterioration for several 
months if protected from light and dust. Method.—A drop of the solution to be 
tested is added to the paper, which has been dried before use at 60° C. for 
10 minutes. The paper is supported on glass and placed in a drying oven at 
95 to 105° C. for 5 to 30 minutes, the time required being the longer with small 
amounts of chlorate. A yellow colour is produced when chlorate is present. 
The use of duplicate test-papers is advised. The smallest detectable concentration 
of chlorate (either the sodium, potassium or calcium salt) was found to be 0-01 mg. 
per ml, The colour produced varies from a pale lemon-yellow (0-01 to 1-0 mg. 
per ml.), through a lemon-chrome (1 to 10 mg. per ml), to orange or cadmium- 
yellow (over 10mg. per ml.). The yellow colour is chiefly due to canarine 
(C,H,N,OS,) and pseudothiocyanic acid (C,HN,S,). Chlorate in concentration of 
0-1 mg. per ml. can be detected when present in 0-1 N solutions of sulphuric, 
nitric, acetic and oxalic acids, or sodium hydroxide, and also in acid or alkaline 
solutions containing 100 mg. per ml. of sodium chloride. Cyanide, thiosulphate 
and sulphite tend to interfere when present in quantity greater than the chlorate. 
The presence of any appreciable quantity of iron masks the test, and halogens, 
bromate, iodate, hypohalites, persulphate, peroxide (but not perborate) and cupric 
salts yield colours similar to that given by chlorate. Application to plant extracts.— 
Among tests carried out, it was found that chlorate in concentration of 0-05 mg. 
per ml. added to Nitella expressed sap was readily detected, the pale yellow colour 
of the sap itself not interfering. Positive results for chlorate were obtained in 
unfiltered or unclarified cold-water extracts of 1-g. samples of roots, stem, leaves 
and petioles of R. pettolare, when the plants had previously been soaked in dilute 
sodium chlorate solution, extracts of the untreated plants giving no interfering 
colour. 5. GC, 


Detection and Approximate Colorimetric 
Estimation of Ghiorate. M. 5B. Roy. (/. 
indian Chem. Soc., 1941, 18, 165-166.) —The method 
was devised chiefly for detechng small amounts of 
chiorate in presence of chloride. The reagent is 
prepared by adding 9 ml. of conc, sulphuric acid, 
drop by drop, to 3m. of pyridine with constant 
shaking, and cooling the liquid. The seclution toa 
be tested is evaporated to dryness m a porcelain 
dish, and a drop ar two of the reagent is added to 
the solid residue. A permanent violet colour is 
produced by chlorate (0-01 mg. per mi. of test 
solution detectable}. Chioride, bromide, iodide, 
perchlorate, nitrate, persulphate and phosphate 
do not interfere. Bromate and lodate give a 
colour similar to that developed by chlorate: 
coloured substances, such as chromate, mask the 
colour. Under comparable conditions the intensity 
of shade is proportional to the quantity of chlorate 
present, and an approximate estimation may be 
made by comparing colours developed with standards 
produced by evaporating solutions containing 
known amounts of potassium chlorate. at 


Chlorate Titrations 


Sodium Chlorate determination using Fe?*/MnO, ~ system 


Titration for solid sample 


The Titrations described here are called back titrations. All Chlorate in the sample is destroyed and the amount of 
Chemical used up in the destruction process is ascertained and that figure is used to ascertain the original amount of 
Chlorate present 


A solution of Ferrous Sulphate in water + acid (acid Ferrous Sulphate solution) is made up by dissolving 7.0 grams 
of Ferrous Sulphate Heptahydrate (3.83g Anhydrous FS) in 80ml freshly boiled distilled water + 5ml concentrated 
Sulphuric acid (add acid to water first). This solution (approx. 85ml) is made up to 100ml. 

Make up a solution of 0.1N Potassium Permanganate (3.1608g per liter, 0.02M). You may need approx. 200ml per 
titration if you run a blank each time. 

Obtain a 10% Manganous Sulphate (112g/1 Monohydrate) solution. 


Weigh accurately a 0.1g (Chlorate + other) sample (previously dried over conc. Sulphuric acid for 24 hours) and 
dissolve it in 10ml1 distilled water in a 250ml flask. 

Add 35.0ml1 of the acid Ferrous Sulphate solution and boil gently for 10 minutes. 

Cool, add 10ml of 10% Manganous Sulphate (112g/1 Monohydrate) solution and titrate the excess Ferrous Sulphate 
with 0.1N Potassium Permanganate solution. 

Run concurrently a blank with 35.0ml of the acid Ferrous Sulphate. 


% NaClO3 = [(A-B) x 0.17742/w] 
where A = ml of K Permanganate solution used in blank, B = ml used in the sample test, W = weight of 
sample(use around 0.1g). 


The above can be used for testing an unknown with a Chlorate content from zero to 100% Chlorate. If you are sure 
your solid sample contains a low percentage of Chlorate (say a sample from the end of a Perchlorate run) you may 
want greater resolution than what the above can offer. Take a larger sample size to titrate (say 1 gram as opposed 
to 0.1 gram) and proceed as above. The % Chlorate will now be : 

%NaClO3 = [(A - B) x 0.1772/1.0] 

The 1g sample method will work OK so long as the percentage of Chlorate in the unknown is less than 15%, ie. 
from zero to 15% Na Chlorate. 


The advantage of this system is that no redox indicator is needed. Chemicals are easy to obtain. The biggest 


problem is that Cl” will interfere. This is prevented by adding MnSO4 to the solution before titrating with K 
Permanganate. 

Manganous Sulphate can be made with Sulphuric acid, K Permanganate and Oxalic acid. The MnCO3 is then 
precipitated by adding NaHCO3. The MnCO3 was then washed and added to Sulphuric acid to give MnSO4. 
Note that it is very dangerous to add Sulphuric acid to solid K Permanganate, it should only be done in solution. 
Ferrous Ammonium Sulphate Heptahydrate, Fe(NH4)2(SO4)2:6H20, (molecular weigh 392.2g) can be used 
instead of the Ferrous Sulphate and it is in fact better as it does not get oxidized by Oxygen from the atmosphere. 
Use 9.8 grams per 100ml acid solution. 

It may be difficult to weigh 0.1 gram of solid if you do not have an appropriate scales. Dissolving 5 grams solid in 
a solution made up to 250ml will give you 0.1 gram per 5ml. This will be easier to measure. 

The procedure can be tested using pure K Chlorate which is easy to obtain pure by crystallization. Dissolve 11.5 
grams K Chlorate in 500 ml solution and use 5ml to give the equivalent 0.1g of 100% pure Na Chlorate as above. 
Titrating this should give a result of 100%. 

A redox indicator can be used in the above to more clearly show end points if you like. See here for more info on 


KMn0O4 titrations. 

Solutions of Permanganate and Fe Sulphate should me made up fresh as they do not keep well for long periods 
though they should be OK for a few months in tight capped bottles. Attempt to keep the Permanganate 
concentration as accurate as possible. Wash the container(s) for the Permanganate using a small amount of 
Permanganate solution before using them to get rid of organics. Make up more than one liter if you do not have 
appropriate scales. Use lab grade K Permanganate or recyrstallize to purify. 


Reaction equations: 
Chlorate is reduced by Fe*? in known excess. 


A: 6Fe** + 6H* + (CI*°O3)° ------ > 6Fe'? + Cl’ + 3H,O 
6FeSO4 + NaClO3 + 3H2S04 ------ > 3Fe2(SO04)3 + NaCl + 3H20 


The remaining Fe** is Oxidized by Permanganate 


B: (Mn*30,)" + 5Fe’* + 8H* ------> Mn?" + 5Ee** + 4H,O 
10FeSO4 + 2KMnO4+ 8H2S04 ------> 5Fe2(SO4)3 + K2SO4 + 2MnSO4 + 8H20 


There are more exacting titration procedures for Chlorate and Chloride in the Sodium Chlorate section under 
‘Collection of Graphs and Tables’. 


Titration for cell contents 


Use the titration below if you are dealing with liquid from Chlorate or Perchlorate cells.They are similar to the 
method above for a solid sample. 
Estimate the amount of Chlorate per liter and use the appropriate sample size. 


Sample sizes to suit different Chlorate concentrations are shown in the table. 


Chlorate You will need: 
concentration A solution of Ferrous Sulphate in water + acid (acid Ferrous Sulphate solution) made up 
grams per (ml) by dissolving 7.0 grams of Ferrous Sulphate Heptahydrate (3.83g Anhydrous FS) in 
liter 80ml distilled water + 5ml concentrated Sulphuric acid (add acid to water first). The 
solution (approx. 85ml) is made up to 100ml. 
Be ae A 0.1N solution of Potassium Permanganate made by dissolving 3.1608 grams and 
zero to 600 = 0.25 making up to one liter (0.02 Molar solution). 
zero to 300 ~=©0.50 A 10% Manganous Sulphate solution (112 grams Monohydrate per liter). 
Indicator if available. A few drops of 0.3% Methylene blue solution can be used if you 
zero to 150 1.00 wish, though it is not great when Perchlorate is present. 


zero to 75 2.00 
zero to 15 10.00 


Take an appropriate sample size and add it to 10m1 distilled water in a 250ml flask. 
Add 35.0m1 of the acid Ferrous Sulphate solution and boil gently for 10 minutes. 

Cool, add 10ml of 10% Manganous Sulphate (112g/1 Monohydrate) solution. (Add a few drops of indicator if you 
are using indicator). Titrate the excess Ferrous Sulphate with the 0.1N Potassium Permanganate solution. Add one 


cc of the Potassium Permanganate at a time so that a distinct colour change (red as contents are swirled if not using 
indicator) is seen at the end. When not using indicator the red colour does not persist for very long and the solution 


will go to a more dirty Orange color within 40 seconds or so. If you get a red colour that does not dissapear when 
you add the first ml of Permanganate, you need to use a smaller sample size from Chlorate cell. 
Run concurrently a blank with 35.0ml of the acid Ferrous Sulphate. 


NaCl1O3 in grams per liter = [(A-B) x (1.7742/Sample size in ml)] 


where A = ml of K Permanganate solution used in blank, B = ml K Permanganate used in the sample test. 
Use a 1ml diabetic syringe (with an integral needle, as these are more accurate that the type with a removable 


needle) if you do not have a 1ml pipette for the small sample sizes. 50cc syringes are OK for the Fe Sulphate and 
Permanganate solutions. 


If taking samples from a cell to track CE make sure the cell volume is the same at each sampling time. 
See notes above in relation to the K Permanganate solution (make it up as accurately as possible). 
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In relation to the Titrations for Chlorate: 

35ml of 70 grams per liter Ferrous Sulphate Heptahydrate containes 0.0088159 moles Fe++. 

0.0088159/6 = 0.0014693 moles of Chlorate will 'knock out’ this amount of Fe++. 0.0014693 moles Na Chlorate = 
0.1564 grams. 

The liquid samples will contain slightly less (0.15g Na Chlorate) if the concentration of Chlorate is close to the 
maximum for the range in question. 

The K Permanganate then measures the amount of Fe++ left. 

The molecular weigh of Ferrous Sulphate Heptahydrate is 277.91, Sodium Chlorate is 106.45 and K Permanganate 
is 158.04. 


Vogel: Textbook of Inorganic Analysis: 4'o Ed. P 348-351,370-372 


B.4 OXIDATION - REDUCTION TITRATIONS 


In the following Sections we are concerned with the titration of reducing agents with oxidising agents such as 
potassium permanganate, potassium dichromate, cerium(IV) sulphate, iodine, potassium iodate and potassium 
bromate, and with the titration of oxidising agents by reducing reagents such as arsenic(III) oxide and sodium 
thiosulphate. 


The relevant theoretical Sections (X, 31-33) should be studied, and it should also be noted that in many cases, 
before titration with an oxidising reagent is carried out, it is necessary to ensure that the substance to be titrated is 
in a suitable lower oxidation state, i.e., it may be necessary to reduce the test solution before titration can be carried 
out. A selection of methods for carrying out such reductions is given at the end of this Chapter (Sections X, 142-6). 


Oxidations with potassium permanganate 


X, 90. DISCUSSION. This valuable and powerful oxidising agent was first introduced into titrimetric analysis by 
F. Margueritte for the titration of iron(II). Inacid solutions, the reduction can be represented by the following 
equation: 


MnO," + 8H* + 5e « Mn** +4H5O 


from which it follows that the equivalent is one-fifth of the mole, i.e. 158.03/5, or 31.606. The standard potential in 
acid solution, E°, has been calculated to be 1.51 volts, hence the permanganate ion in acid solution is a strong 
oxidising agent. 


Sulphuric acid is the most suitable acid, as it has no action upon permanganate in dilute solution. With 
hydrochloric acid, there is the likelihood of the reaction: 


2MnO," + 10Cl” + 16H* = 2Mn** + 5C1, + 8HjO 


taking place, and some permanganate may be consumed in the formation of chlorine. This reaction is particularly 
liable to occur with iron salts unless special precautions are adopted (see below). With a small excess of free acid, a 
very dilute solution, low temperature and slow titration with constant shaking, the danger from this cause is 
minimised. There are, however, some titrations, such as those with arsenic(III) oxide, trivalent antimony, and 
hydrogen peroxide, which can be carried out in the presence of hydrochloric acid. 


In the analysis of iron ores, solution is frequently effected in concentrated hydrochloric acid; the iron(II) is 


reduced and the iron(II) is then determined in the resultant solution. To do this, it is best to add about 25 cm of 
Zimmermann and Reinhardt's solution (this is sometimes termed preventive solution), which is prepared by 


dissolving 50 g crystallised manganese(II) sulphate MnSOQ,,4H,5O in 250 cm? water, adding a cooled mixture of 


100 cm? concentrated sulphuric acid and 300 cm water, followed by 100 cm? syrupy phosphoric acid. The 
manganese(II) sulphate lowers the reduction potential of the MnO, -Mn(II) couple (compare Sections II, 23-24) 


and thereby makes it a weaker oxidising agent; the tendency of the permanganate ion to oxidise chloride ion is thus 
reduced. It has been stated that a further function of the manganese(II) sulphate is to supply an adequate 


concentration of Mn?* ions to react with any local excess of permanganate ion. Mn(III) is probably formed in the 
reduction of permanganate ion to manganese(II); the Mn(II), and also the phosphoric acid, exert a depressant effect 


upon the potential of the Mn(III)-Mn(II) couple, so that Mn(III) is reduced by Fe?* ion rather than by chloride ion. 
The phosphoric acid combines with the yellow Fe** ion to form the complex ion [Fe(HPO,)]", thus rendering the 
end-point more clearly visible. The phosphoric acid lowers the reduction potential of the Fe(III}Fe(II) system by 


complexation, and thus tends to increase the reducing power of the Fe** ion. Under these conditions permanganate 
ion oxidises iron(II) rapidly and reacts only slowly with chloride ion. 


For the titration of colourless or slightly coloured solutions, the use of an indicator is unnecessary, since as little 


as 0.01 cm? of 0.01N-potassium permanganate imparts a pale-pink colour to 100 cm? of water. The intensity of the 
colour in dilute solutions may be enhanced, if desired, by the addition of a redox indicator (such as sodium 
diphenylamine sulphonate, N-phenylanthranilic acid, or ferroin) just before the end-point of the reaction; this is 
usually not required, but is advantageous if more dilute solutions of permanganate are used. 


Potassium permanganate also finds some application in strongly alkaline solutions. Here two consecutive partial 
reactions take place: 


(i) the relatively rapid reaction: 


MnO, + e « MnO,7 


and (ii) the relatively slow reaction: 


MnO,2" +2H5O + 2e « MnO,+40H- 


The standard potential E° of reaction (i) is 0.56 volt and of reaction (ii) 0.60 volt. By suitably controlling the 
experimental conditions (e.g., by the addition of barium ions, which form the sparingly soluble barium manganate 
as a fine, granular precipitate), reaction (i) occurs almost exclusively; the equivalent is then 1 mole. In moderately 
alkaline solutions permanganate is reduced quantitatively to manganese dioxide. The half-cell reaction is: 


MnO,” +2H,O + 3e « MnO, +40H™ 


and the standard potential E° is 0.59 volt. 


Potassium permanganate is not a primary standard. It is difficult to obtain the substance perfectly pure and 
completely free from manganese dioxide. Moreover, ordinary distilled water is likely to contain reducing 
substances (traces of organic matter, etc.) which will react with the potassium permanganate to form manganese 
dioxide. The presence of the latter is very objectionable because it catalyses the auto-decomposition of the 
permanganate solution on standing. The decomposition: 


4MnO, + 2H,O = 4MnO5+30,+40H" 


is catalysed by solid manganese dioxide. Permanganate is inherently unstable in the presence of manganese(II) 
ions: 


2MnO,+3Mn2* +2H,0 = 5MnO, + 4H*; 


this reaction is slow in acid solution, but is very rapid in neutral solution. For these reasons, potassium 
permanganate solution is rarely made up by dissolving weighed amounts of the highly purified (e.g., A.R.) solid in 
water; it is more usual to heat a freshly prepared solution to boiling and keep it on the steam bath for an hour or so, 
and then filter the solution through a non-reducing filtering medium, such as purified glass wool or a sintered glass 
filtering crucible (porosity No. 4). 


Alternatively, the solution may be allowed to stand for 2-3 days at room temperature before filtration. The glass- 
stoppered bottle or flask should bc carefully freed from grease and prior deposits of manganese dioxide: this may 
be done by rinsing with dichromate-sulphuric acid cleaning mixture and then thoroughly with distilled water. 
Acidic and alkaline solutions are less stable than neutral ones. Solutions of permanganate should be protected from 
unnecessary exposure to light; a dark-coloured bottle is recommended. Diffuse daylight causes no appreciable 
decomposition, but bright sunlight slowly decomposes even pure solutions. 


Potassium permanganate solutions may be standardised using arsenic(III) oxide or sodium oxalate as primary 
standards: secondary standards include metallic iron, and iron(II) ethylenediammonium sulphate (or 
ethylenediamine iron(II) sulphate), FeSO4,C.H4(NH3)9SO4, 4H 0. 


Of these substances sodium oxalate was formerly regarded as the most trustworthy, since it is readily obtained 
pure and anhydrous, and the ordinary A.R. substance has a purity of at least 99.9 per cent. The experimental 
procedure hitherto employed was due to R. S. McBride. A solution of the oxalate, acidified with dilute sulphuric 


acid and warmed to 80-90 °C, was titrated with the permanganate solution slowly (10-15 cm® per minute) and with 
constant stirring until the first permanent faint pink colour was obtained; the temperature near the end-point was 
not allowed to fall below 60 °C. R. M. Fowler and H. A. Bright have, however, shown that with McBride's 
procedure the results may be 0.1 - 0.45 per cent high; the titre depends upon the acidity, the temperature, the rate of 
addition of the permanganate solution, and upon the speed of stirring. These authors recommenda more rapid 


addition of 90-95 per cent of the permanganate solution (about 25-35 cm? per minute) to a solution of sodium 
oxalate in M-sulphuric acid at 25-30 °C, the solution is then warmed to 55-60 °C and the titration completed, the 


last 0.5- 1 cm? portion being added dropwise. The method is accurate to 0.06 per cent. Full experimental details are 
given in Procedure B below. 


2Nat +C 0,42" +2H* ® H»C,0, + 2Na* 


2MnO," + 5H»C,0, + 6H*® 2Mn** + 10CO, + 8H,O 


It should be mentioned that if oxalate is to be determined it is often not convenient to use the room-temperature 
technique for unknown amounts of oxalate. The permanganate solution may then be standardised against sodium 
oxalate at about 80 °C using the same procedure in the standardisation as in the analysis. 


The procedure of H. A. Bright, which utilises arsenic(III) oxide as a primary standard and potassium iodide or 
potassium iodate as a catalyst for the reaction, is more convenient in practice and is a trustworthy method for the 
standardisation of permanganate solutions. A.R. arsenic(III) oxide has a purity of at least 99.8 per cent, and the 
results by this method agree to within 1 part in 3000 with the sodium oxalate procedure of Fowler and Bright. Full 
experimental details are given in Procedure A (Section X, 92). 


As,03+40H" ® 2HAsO37" + H»O 


5H2AsO, + 2MnO,° + 6GH* = 5H2AsO, + 2Mn2* + 3H50 
3 3 4 3 4 2 


Potassium iodide, if specially purified, may be used as a primary standard. For many practical purposes, the dry 
A.R. reagent is sufficiently pure. The potentiometric method (see Chapter XIV) should be employed: a bright 
platinum indicator electrode and a saturated calomel electrode are required. The concentration of the sulphuric 
acid should be about 0.4M. 


101° + 2MnO,° + 16H* ® 51, + 2Mn2* + 8H5O 


Iron wire of 99.9 per cent purity is available commercially and the A.R. reagent is a suitable standard, 
particularly if the potassium permanganate solution is subsequently to be employed in the determination of iron. If 
the wire exhibits any sign of rust, it should be drawn between two pieces of fine emery cloth, and then wiped with 
a clean, dry cloth before use. The reaction which occurs is: 


MnO,” + 5Fe?* +8H* ® Mn** + 5Fe?* + 4H,O 


Ethylenediammonium iron(II) sulphate, FeSO,, C»H4(NH3) S04, 4H2O is relatively stable and has a high 
molecular weight (382.16). The preparation is as follows. 


To 10.0 g of a 99 per cent solution of ethylenediamine, add 60 cm 6N-sulphuric acid and 46.3 g ALR. iron(II) 
sulphate heptahydrate. Dilute to 300 cm? with distilled water, and to the resulting solution introduce 300 cm of 
ethanol slowly and with constant stirring. Filter through a sintered glass funnel, wash the precipitate with 50 per 
cent ethanol, and redissolve it in slightly acidulated water. Add two-thirds the volume of ethanol. Filter again as 
before, and wash the solid successively with 65 per cent ethanol and 95 per cent ethanol. Dry in the air or at 50 °C 
for about 12 hours. The yield is about 50 g. 
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Chloride Indicator strips 


The following is from Swede's blog on APCFORUMS. 


be X 


Ea 
| 


If you go for these, be sure to get the high-range strips, which test between 0.2g to 6.0 grams / liter. The first step, 
for me at least, was to verify that the strips are reasonably accurate, and do in fact work. At less than a buck a strip, 
I don't mind "wasting" a couple to get the hang of their use. 


I decided first to prepare a mid-range salt solution. My beaker was 40 ml; 0.12 grams of NaCl dissolved in 40 ml 
should create a 3g/l standard solution. 


The strip is inserted and allowed to remain in the test solution. The column is silver nitrate based; some sort of 
brown powder or gel. At the top of the test strip is what appears to be a simple yellow nylon string which is soaked 
in some sort of indicator. Immediately, a much lighter tan color begins to creep up the strip. Hach calls it "white" - 
regardless, the color change is very obvious. When the moisture reaches the yellow string, it rapidly changes to a 
brown color, and the test is complete at that point. 


As another test, I noted the level of the tan color, but left the strip in the solution to see if it would continue to rise. 
It did not, which is pretty interesting to me. There is plenty of chloride ion remaining in the beaker, and I would 
have supposed that the color change would have continued until all of the silver nitrate indicator had been 
converted to silver chloride. The fact that the color only went so far, and no further, is a sign of a good, reliable 
strip titration mechanism. 


The standard solution yielded a peak of 5.2 on the test strip, and that correlates to 1787 mg/L chloride ion which 
does not seem close. The stock solution is 3000mg/L" But that is 3 grams of SALT, not chloride ion. Chloride is 
61% of NaCl, so 3.0 X (0.61) = 1830 mg/L. 


Stock solution: 1830 ppm 
Strip: 1787 ppm 


YES!! Very nice and well within the errors of this simple test. 
On to the used electrolyte from the chlorate cell. I knew the concentration of the liquor was well beyond the 


range of these test strips. The simple answer is accurate dilution of the test sample. 10 ml of the liquor was diluted 
to 100 ml using distilled H20. 


The dilted test solution was placed in a small beaker, and once again, a test strip was inserted. The titration was 


rapid, and I was unsure if the dilution was adequate. When the yellow string turned brown, the white band peaked 
at 8.9, which was above the high-end of the strip. Even though a bit of brown remained, the label on the strip bottle 
stops at 8.0, which indicates anything above that is probably not valid. 


Another sample was dilted 20:1, and this sample peaked at 7.8, still a bit high. I wanted the peak to be a bit lower. 
The sample was again cut in half, now to 40:1. This one worked perfectly. Here are all of the tests, from left to 
right, the NaCl standard, and dilutions 10:1, 20:1, and 40:1 


The scale is NOT linear, thus the 40:1 sample is not 1/2 of the 20:1 sample. The strip bottle reveals these Cl- ion 
concentrations: 


20:1 = 7.8 = 5512 mg/L 
40:1 = 5.8 = 2288 mg/L 


Again, 7.8 is too high on the test strip, and enters a region of inaccuracy. The 40:1 dilution was right in the heart of 
the test range, and with test strips like this, as opposed to a true titration, you want to be in the middle, and not at 
the extremes. 


Now, for the conclusion, and the primary reason I'm doing this, what is the chloride ion concentration in the 
used electrolyte from my cell? Remember, we want the chloride ion concentration to be 10% or greater in a 
chlorate cell... 


2288 mg/L X 40 = 91.5 g/L for the used electrolyte. So I was just a bit lower than 10%. it's a good thing I halted 
the chlorate production where I did. 


The solubilities of salts of interest are... 
Salt: 0 deg - 100 deg 


KCI: 0238 - 0567 
KC1O3: 0071 - 0570 


KCI1O,: 0008 - 0218 


NaCl: 0357 - 0391 
NaClO3;: 0790 - 2300 


NaClO,: 2090 - 2840 


A saturated KCl solution on a hot summer day, at maybe 40 degrees celcius, is probably about 350 grams per liter, 
of which slightly less than half is chloride, call it 47.5% chloride ion by weight, so a saturated KCl starting 


electrolyte would be 166 grams/L chloride. 


Future use of the test strips: These strips serve two purposes. The first use is to monitor the chloride 
concentration in a cell. With 100 g/L being the minimum chloride ion concentration, a 40:1 dilution of the 
electrolyte should not be allowed to fall below 2500 mg/L, which is 6.0 on the strip. The second use, to come later, 
is to test dissolved samples of the final product to determine remaining chloride, which, while not dangerous, could 
wash out colors. 
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Simple Chloride Titration 


You will need: 


A weighing scale that will weigh to at least one tenth of a gram. 

Two 1ml diabetic syringes and a 10cc syringe with needles. (or burettes). 
Small clear glass container that holds approx. 30cc. 

Silver Nitrate. 

Indicator. 


Weigh out 1.453 grams Silver Nitrate and dissolve in approx. 40 cc water and make the solution up to 50cc. Store in a stoppered bottle. This 
quantity of reagent will do at least 50 tests. 

Indicator is Sodium or Potassium Chromate. About 4 grams Chromate dissolved in 25cc water is OK. If you do not have any Chromate you can 
use Dichromate. About 4 grams Dichromate dissolved in 20cc water mixed with 1 gram Na (or K) Hydroxide dissolved in 5cc water. 25cc total 
of indicator. About 6 drops of this is used per titration. 

Take a 1cc sample of solution to be measured for Chloride concentration using a diabetic syringe. Add this 1cc sample to the quantity of water 
shown in the table. You will have an idea of what the approximate concentration of Chloride is in the solution before you start. If not then use 
the 0 to 350 value and titrate again if more accuracy is required should the actual concentration turn out to be much lower. 


Estimated 
concentration mages 


Mix well and take 10 cc of the now diluted sample and place into a clear glass container that gives a clear view of 
it's contents and holds approximately 30cc. Add another 10cc water to the 10cc already in the 30cc container. 
Add 6 drops of the indicator solution. The Chloride sample solution to be titrated will be a yellow colour. 

Take icc of the Silver Nitrate solution using a diabetic syringe. 

Drop the Silver Nitrate into the sample solution stirring all the time. Insoluble Silver Chloride is formed and the 
solution will have a cloudy but still yellow colour. 

A slight permanent red colour indicates that all the soluble Chloride has been transformed into insoluble Silver 
Chloride. 

The concentration of Chloride per liter of solution can be calculated from the following. 


of Na Chloride 
in grams per liter 


0 to 350 349cc 
0 to 200 199cc 
0 to 100 99cc 
0 to 50 49cc 


NaCl(grams per liter) = ['Add to' value from table + 1] * [cc's AgNO3 solution used] 
KCl(grams per liter) = ['Add to’ value from table + 1] * 1.276 * [cc's AgNO3 solution used] 


Example: If the estimated value of Na Chloride was 150 g/l and 0.6 cc of AgNO3 solution was used to precipitate all Chloride (permanent 
slightly red colour obtained), then the Na Chloride concentration is: 
[199 + 1] * 0.6 = 120 grams per liter NaCl. 


10cc diluted solution First drop Ag Nitrate. 
+ 10cc water + 6 drops indicator The red color will give close to the end 
way when stirred of Titration far) 


If you need some practice with this system it is a good idea to make up a solution of 200 grams per liter NaCl by weighing out 100 grams NaCl 
and dissolving in water. This solution is then taken up to 500ml. Practice on this solution to get an idea of when the colour change should be 
deemed to have happened. 


Note on accuracy: 


The best you can do with a diabetic syringe is +0.02 cc (one drop off needle). When using the 0 to 350 dilution this gives an error which 
corresponds to +7 grams per litre Chloride in a sample. In a 4 liter cell this will give an error of 4 * 7 = 28 grams Chloride for a particular time. 
If two samples taken in succession have a 0.02cc titration error going in the opposite direction this will give a error of 2 * 28 = 56 grams 
(Sodium) Chloride in the cell which corrosponds to an error of 56 * 1.82 = 102 grams (Sodium) Chlorate. This can have serious implications if 
using measurements to ascertain %CE if only a small amount of Ah's have been ran through the cell between samples. Run a fairly large quantity 
of Amper hours through the cell between samples. Alternatively you can dilute the Silver Nitrate solution to make a dilution of four times 
greater that recommended above. That's 1.453 grams Silver Nitrate in 200 cc water. You will need to add four times as much of this now diluted 
solution to obtain end conditions (red colour). This will give an maximum error of +1.75 grams Chloride, down from +7.0, assuming of course 
that you are still measuring to +0.02ml. The formula for obtaining Sodium Chloride concentration will now be: 

NaCl(grams per liter) = ['Add to' value from table + 1] * [cc's AgNO3 solution used]/4 


Some points: 

If taking samples from a cell to track CE make sure the cell volume is the same at each sampling time. 

Use a diabetic syringe with an integral needle as they are more accurate. 

Use a dedicated syringe for the Nitrate and Chloride solutions. 

Always eliminate bubbles from syringes. 

Weigh the Silver Nitrate as carefully and as accurately as possible. 

Hyprchlorites or Chlorites do not interfere with the test but it should be noted that if you test a sample from a cell and then test the same cell 
contents that has been boiled, there will be a small increase in Chloride concentration due to destruction of the Hypochlorites. Boiling increases 
the amount of Na Chloride by approx. 2 to 3 grams per litre assuming Hypochlorite concentration is approx. 4 to 6 grams per litre (value in 
commercial cells). 

There is a more exacting Chloride titration procedure in the Sodium Chlorate section under "Collection of Graphs and Tables". 


Chlorate determination 


The Sodium Chlorate in a Chlorate cell can be calculated by knowing the starting amount of Na Chloride per liter and noting the fact that each 
gram of Chloride that is no longer present will have formed an amount of Chlorate equal to 1.82 * [Chloride no longer present] in grams per liter 
assuming the volume of the cell is the same as at the start. If calculating the total Chlorate in the cell do not forget to multiply this figure by the 
cell volume in litres. 


Molecular weights 


NaCl 58.45 
NaClO3 106.45 
Ratio 1.82 
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Destroying Chlorate with chemicals 


When making Perchlorates from Sodium Perchlorate you must have pure Perchlorate. The only sensible and 
feasable way to purify Sodium Perchlorate from Chlorate contamination is to destroy all traces of Chlorate by 
chemical treatement. When 'raw' Sodium Perchlorate is removed from cell liquor it will be contaminated with some 
Chlorate. There must not be too much Chlorate in the product or it will be wasteful and foolish to attempt to 
destroy a large amount of Chlorate by chemicals. 

The Perchlorate should be dried and weighed and then re dissolved so you can then destroy all traces of Chlorate 
before going on to make other Perchlorates. 

If you have a solution of Perchlorate that has been obtained by letting your cell run for long enough to convert 
nearly all of the Chlorate to Perchlorate then you can proceed with the destruction of the Chlorate without 
crystallising out the Perchlorate. The absence of Chlorates should be checked for by using a sensitive test for 
Chlorate after the destruction step has been completed. See Tests for Chlorate and Perchlorate. 

There should be NO Chlorate. A Perchlorate that contains ANY Chlorate must be treated as if it WAS Chlorate in 
regard to dangerous combinations with combustibles, like for example Sulphur. You also have the extra problem of 
Chlorate contamination if you are going to make Ammonium Perchlorate, you don't want any Ammonium Chlorate 
forming. 


Note: Sulphite can be spelt either as said or as Sulfite. 
Sulphate can be spelt either as said or Sulfate. 


See here for a detailed description of Chlorate removal from Potassium Perchlorate by Swede. 


Also called di-Sodium Disulphite or Sodium Disulphite or Sodium Pyrosulphite. This can be got 
at the local wine making store in the form of 'Campden tables’ where it is used in wine making 
and sterilising. It is used as a food additive, E223. It is similar to Sodium Bisulphite, 
Metabisulphite being the dehydrated derivative of two molecules of Bisulphite. 


Na2S8205 


Bisulphite ||Also called Sodium Hydrogen Sulphite. It is used as a food additive, E222. 
NaHSO3 


Sodium 
Sulphite It is used as a food additive, E221. 
Na2SO3 


Sulphur Used in US Patent No. 2,392,769. It can be generated by burning sulphur or you can purchase in a 
Dioxide SO2 |cylinder. It is also used as a food preserver and disinfectant.It is a suffocating gas. 

Ferrous (II) 
Sulphate 
FeSO4:7H20 
+ Sulphuric 
Acid 
Ferrous 
Ammonium 
Sulphate 
(NH4)2S04 
.FeSO4:6H20 
+ Sulphuric 
Acid 

[ Acids | [HCl and others. Easy to obtain. You need to be careful of the ClO2and Cl2 gases produced. | and others. Easy to obtain. You need to be careful of the ClO2and Cl2 gases [HCl and others. Easy to obtain. You need to be careful of the ClO2and Cl2 gases produced. | 


The solid product can be heated so that all remaining Chlorate is converted to Perchlorate and 


Common names are Copras, Iron Sulphate, Green Vitriol. It is use for killing moss in lawns and 
can be got at the local garden store. 


Also called di-Ammonium Iron (II) Sulphate. It is somewhat expensive. Similar to Iron (II) 
Sulphate 


Heat Chloride 
Temperature control need to be accurate and the heating needs to be for the required time. 


All the chemicals below work by reducing the Chlorate ion. The Sulphites have the same reducing power in dilute 
acidified solutions as Sulphur Dioxide. All the Sulphite and Sulphur Dioxide reactions take place in a similar 
manner. You can test for the presence of Chlorate in your product as per US Patent No. 2,392,769 

Use K compounds if you need to keep Na out of your final product. 


Sodium Metabisulphite 


The solution should first be acidified to pH 3 or so using Sulphuric or HCI acid, the Sulphite added and the 
solution heated strongly or boiled 


The Sodium Metabisulphite reactions take place according to: 


First, the Metabisulphite dissociates: 


Na2S205 + H20 <----> 2Na* + 2H* + 2S032" 
The Sulphite then reacts with Chlorate: 


3S032° + ClO3 ~ => 3S042" + Cl- 
The overall reaction is: 


3Na2S8205 + H20 + 2NaClO3 => 3Na2S04 + 3H2S04 + 2NaCl 
There is more info. here on dissociations. 


You can then neutralise the solution using Sodium Hydroxide which will give you more Sodium Sulphate and 
water. 


H2S04 + 2NaOH ==> Na2SO04 + 2H20 


Sodium Bisulphite 


Similar to Metabisulphite 


Sodium Sulphite 


Similar to Bisulphite 


Sodium Disulfite 


Similar to Bisulphite 


Sulphur Dioxide 


See US Patent No. 2,392,769 

The chemical equation would be: 

SO2 + H20 ===> 3H2S03 + ClO3~ ===> Cl’ + 38047" 

Sulfur dioxide gas can be generated by a number of means including adding HCl to Sodium Bisulfite and gently 
heating. 


Ferrous Sulphate + H2SO4 


This is cheap and easy to obtain. The reaction products should not be a problem. The Sulphate should be dissolved 
in the acidified water (the acid will stop Iron Hydroxide form forming, it is also necessary for the reaction that 
destroys the Chlorate) first and then added to the solution that is being treated. 

6FeSO4 + NaClO3 + 3H2S04 ====> 3Fe2(SO4)3 + NaCl + 3H20 

Keep the pH below 3 for the reaction to proceed and the solution should be heated/boiled. 


Ferrous Ammonium Sulphate + H2S0O4 


Same as Ferrous (II) Sulphate but it is more expensive and harder to get. Does not oxidise in air as Ferrous (II) 
Sulphate does and won't form Hydroxide when added to water. Keep solution below pH 3 for destruction reaction 
to proceed. Heating or boiling should be used. 


Strong acids 


HC] is the best acid to use. Wouters page explains the process and is thus: 
Acid is added to the solution to be treated and the solution is boiled. Yellow gas is released (the more Chlorate the 
more gas) as the Chlorate is destroyed. 


2KCI1O3 + 4HC] ===> 2KC] + 2H20 + 2ClO2 + Cl2 


This yellow gas is ClO2 and is explosive at concentrations above 10%. It is also very toxic, as is the Chlorine gas, 
and should not be inhaled under any circumstances. If using HCl, any excess acid can be gotton rid of by boiling. 
There should not be large amounts of Chlorate present (as with all the other methods) when adding acid. The 
solution is them basified with NaOH (or appropriate hydroxide or carbonate if you are concemed for the final 
colour that the produce will make when burned) and the presence of Chlorate should be checked for using some of 
the sensitive tests for Chlorate. HCl acid can be purchased at the builders providers and is used for cleaning 
cement. 
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Destroying Chlorate with Potassium Metabisulfite 


The following is from Swede 
Here is the cleanup procedure for POTASSIUM Perchlorate that will work to remove residual Chlorate, and 
eliminate any reduction byproducts. 


1) Calculate the amount of water needed to dissolve the Perchlorate at 100°C; use 50% more water. 200 grams of 
Potassium Perchlorate would require 1.5 liters. Heat, but do not quite boil, the Potassium Perchlorate solution until 
all of the Perchlorate has dissolved. 


2) Prepare a solution that contains 10% by weight Potassium Metabisulfite, relative to the amount of Perchlorate 
you wish to clean. In other words, if you have 500 grams of Perchlorate, start with 50 grams of Potassium 
Metabisulfite. This is cheaply obtained from home brew shops, and similar. 


3) Add enough HCI to gently acidify the Perchlorate solution, perhaps 15 drops per liter. Using a pipette, and with 
stirring, gradually add 1/2 of the Potassium Metabisulfite solution to the Perchlorate. Allow it to stand for several 
minutes with continued stirring. Test the solution for Chlorate. If still dirty, add additional metabisulfite. 


4) Once clean, the solution needs to be neutralized, or made very slightly basic. The caustic of choice is KOH. 
Since the reduction byproducts are acidic, it requires more base on a Normal basis than the initial added HCl would 
indicate. Slowly add saturated KOH, dropwise, to the solution, and test with pH paper or a probe. When nearing 
neutral, it doesn't take much additional base to overshoot, so use caution. If you make it too basic, add a drop or 
two of HCI to bring it back to neutral. The picutre shows a series of N-Phenylanthranilic acid tests that demonstrate 
the point at which the Perchlorate was free of all Chlorate contamination. 


a sib 1 


5) Boil the solution down until the quantity of water is equivalent to the necessary mass of water for the amount of 
Perchlorate used. Potassium Perchlorate dissolves at a rate of 200 to 220 grams per liter at 100°C. An easy way to 
do this is to boil down until the very first crystals appear, and from there, allow it to first slowly cool to room temp, 
then refrigerate. Harvest the Perchlorate by the usual means (decant + filtration) when the solution is at 
approximately 5°C. Remaining Potassium Chloride and Potassium Sulfate remain dissolved, and are discarded. 
Wash the Perchlorate with ice water and then cold Ethanol. Spread the Perchlorate out to dry, then ball mill to the 
desired consistency. 


Success was had in cleaning up Perchlorate 
from Chlorate contamination with Metabisulfite 
as described above. I recrystallized the cleaned 
Perchlorate and harvested at 5°C. Yield from 
the original 20g was 17.62 grams of Potassium 
Perchlorate. Impurities added by the 
Metabisulphite reaction with Chlorate and 
neutralizing with KOH are Chloride and 
Sulphate. 


The tests for Chloride consisted of 

1) A Hach chloride titration strip - zero. 

2) Several drops of strong Silver Nitrate. The 
sample remained clear. The Silver Nitrate test 
is sensitive, and yielded a nearly opaque white 
from tap water. The two are shown side by side, 
Perchlorate on the left, tap water on the right, 
with added Silver Nitrate. The white coloration » 
in the left test tube is reflection from the right 

test tube on a black background. The solution is quite clear showing no Chloride. 


Next, Sulfate. 

Saturated Lead Nitrate was added to another sample. Insoluble Lead Sulphate should form if there was significant 
Potassium Sulfate in the Perchlorate. Again, I noticed zero precipitation; the solution remained clear and bright. If 
there is any Sulfate in there, it is low enough to ignore. 
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From: Food Preservatives By Nicholas J, Russell & 
Grahame Warwick Gould 
The energies of the electrons in the outer orbitals of the sulfur atom allow this element to 
exist ina “hypervalent™ state; the sulfur atom makes use of higher d-orbitals. forming up to 
an. covalent bonds, by promoting electrons into the 3d-levels and using pd-orbital hybridization 
for bonding (Cartmell and Fowles, 1961; Cotton and Wilkinson, 1966), If one considers 
sulfur bonding with oxygen, any empty d-orbitals of sulfur can accept electrons from filled 
p-orbituls of oxygen that are at low enough energy levels: such hybridization results in the 
formation of a wider range of so-called oxoanions of sulfur than otherwise possible. This 
complexity means that there is a grea) variety of different salt forms. Only those believed to 
be relevant to the main preservative and antimicrobial actions of sulfiie in food preservation 
will be considered here. a full discussion of sulfur oxoanions in foods can be found in 
Wedzicha (1984) and o subsequent review article by the same author (Wedzicha, 1992), 
The simple oxoanions of sulfur in its tetravalent state. that is, S(rv), are salts of sulfurous 
acid (H80,) which theoretically is formed by the aqueous dissolution of gaseous SO),. 
However, there 14 strong spectral evidence that very little of the free acid exists in solution, 
Instead, dissolved SO; forms u clathrate in which the SQ, is trapped inside a water shell, 
without chemical bond formation —in o manner analogous to other gas hydrates (Cotton and 
Wilkinson, 1966), This structure is usually represented as SQ2-7H,O and, although there is 
discussion about the exact form in which it exists, the first dissocauon will produce the 
bisulfite anion HSO) as follows: 


$O,-H,O + HSO} «> H” 
Bisulfite can undergo a second dissociation to give the sulfite anion SO] as follows: 
HSO, = 50; 4 H* 


The first dissociation has a pK value of about 1.9 (depending on the conditions), so in acidic 
foods there will be a mixture of SO.-H->0 and HSO, , whilst the second dissociation has o 
pK value of about 7.2 giving a mixture of HSO; and SO7~ in neutral or slightly alkaline 
foods. It should be borne in mind that the mtracellular pH of most microorganisms wall be 
close jo neutrality, even in Jow-pH foods. Therefore, bisulfite and sulfite will be formed 
intracellularly, even if the species that enters the cell is SQ,, This consideration is also rel- 
evant to the mechanism of uptake of sullite (section §.3.3). 

The dissociations described above occur in dilute solutions, which generally would be 
relevant to those found in foods. At higher concentrations the bisulfite anion can also con- 
dense and dehydrate to give the metabisulfite (disulfite) anion: 

2HSO; 6 §.07 + HO 

This reaction is significant in the context of fool preservation, because the principal 
SO; generating salt is sodium (or potassium) metabrsulfite (Naj5,0.); sodium and potas- 
sium sulfites or bisulfites are less frequently used. The solubility of these salts at room or 
chill temperatures is in the order KsSO; > NaS j0. >K5S+0, > NasSO,. The reason for the 
choice of these salts-is because the (metadsulfites of other metals are insoluble m compan- 
son with those of the alkali metals which generate sulfite when dissolved in aqueous media. 
For example, when sodium metabisulfite dissolves, the bisulfite anton is formed which, as 
described above, is in pH-dependent equilibrium with sulfite and SO;, These equilibna can 
be summarized as follows: 


S.0: ++ HSO; + SOF & SO,:H,0 


S43.) Chemistry of salfite 


S odium Chlorate is the Chlorate that is mass produced by industry in tonnage quantities. 


Its main use is in the making of ClO2 (Chlorine Dioxide gas) for bleaching in the paper industry and others. 
Industrial setup's use a continuous method of making Chlorate as opposed to a batch process. The Amateur will 
usually use a batch process. 

The starting material is NaCl (Sodium Chloride or common salt). About 330 grams NaCl per liter of water is the 
starting solution. A saturated solution is OK, which can be made by heating the water and adding excess salt. 
When no more salt is dissolving, cool, and you will then have a saturated solution. Getting the NaCl to dissolve can 
be difficult but heating helps, not because the solubility of NaCl increased much with increase in temperature, but 
rather the heating stirs the solution. There is some information on Chloride solutions here and here. 

The wanted product, Sodium Chlorate, is very soluble. 


Exactly what procedure you follow when making Sodium Chlorate is up to you. It depends on the Anode materials 
that you have available and on what Chlorate (or Perchlorate) salt that you ultimately want. 

If you are ultimately going to make Sodium Perchlorate you may decide to separate the Chlorate and Perchlorate 
steps by separating out the Sodium Chlorate and then using this Chlorate in another cell to make Perchlorate. You 
may decide not to separate the Chlorate and Perchlorate stages (labour saving) and simply keep running your cell 
without separating out the Chlorate as per US patent 3,493,478 (see the Sodium Perchlorate section). You need a 
Lead Dioxide Anode to run from Chloride all the way to Perchlorate as wear rates ($$$) on Platinum may be too 
high. 

This is not a sensible way to proceed IMO and the Chlorate and Perchlorate stages are better seperated. 

If you have enough evaporation from the cell you can run a continous process by adding NaCl solution to the cell. 
The Na Chlorate will crystallize out when the concentration gets high enough and can be lifted out if Anode 
erosion products are not too much of a problem. 


If you are making Potassium Chlorate (from the Sodium Chlorate) you can simply run your cell for the required 
run time and take out a crop of Potassium Chlorate by adding KCI and start running the cell again. Anode erosion 
products may be a problem. 


Removal of product. 

Collection of graphs and tables for Na Chlorate and Chloride. 

Cost of making Sodium Chlorate. 

Article from Encyclopedia of Electro Chemistry regarding Chlorate making 
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Solubility of Salt at Various Temperatures 


From www.saltinstitute.org 


Saturated Solution 


Po i778 | 23.83 _ 
F320 | 2629 


* Eutectic point 
** ‘Transition point 
*** Boiling point at one atmosphere pressure 


Sodium Chloride (NaCI) Densities 


1.00747 | L.OOTOT | 1.00409 | 0.99908 | 0.9900 | 0.9785 | 0.9651 
1.01509 1.01442 1.01112 1.00593 S967 9852 9719 
1.03038 | 1.02920 | 1.02530 | LOI9T7 | 1.0103 9988 9855 
1.06121 1.05907 1.05412 1.04798 L.03S1 1.0264 1.0134 
1.09244 | 1.08946 | 1.08365 | 1.07699 | 1.0667 | 1.0549 | 1.0420 
1.12419 | 1.12056 | L.11401 | 1.10688 | 1.0962 | 1.0842 | LO713 
1.15663 | 1.15254 | 1.14533 | L13S774 | 1.1268 | 1.1146 | L017 
1.18999 1.18557 1.17776 1.16971 1.1584 1.1463 1.1331 
1.20709 1.20254 1.19443 1.18614 1.1747 1.1626 1.1492 


Maximum solubility of NaCl in water at 25°C is 357 mg/ml (26.3%). NaCl is unusual in that its solubility does not 
increase appreciably with temperature, since at 100°C, the solubility is 384 mg/ml. The density of a saturated 
solution at 25°C is 1.202 g/ml. A saturated solution (23% w/v) freezes at -20.5°C (5°F). 
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Table 1. Sodium Chloride Brine Tables for Brine at 60°F 


ad) (2) (3) (4) (5) (6) (7) (8) 
Salo- Freezing Percent Pounds Pounds per Gallon Specific Salo- 
meter Point Sodium Salt Per Gallon of Water Gravity meter 
Degrees Deg. F.* Chloride Gallon Brine Per Gal. Degrees 
by Wt. of Water of Brine 
NaCl Water 
0 +32.0 .000 .000 .000 8.328 1.000 1.000 0 
2 431.5 528 044 044 8.318 999 1.004 2 
4 431.1 1.056 089 089 8.297 .996 1.007 4 
6 +30.5 1.584 134 .133 8.287 995 1.011 6 
8 +30.0 2.112 179 178 8.275 993 1.015 8 
10 +29.3 2.640 .226 .224 8.262 992 1.019 10 
12 +28.8 3.167 .273 .270 8.250 .990 1.023 12 
14* +28.2 3.695 320 316 8.229 988 1.026 14* 
16 +27.6 4.223 367 362 8.216 .987 1.030 16 
18 +27.0 4.751 415 409 8.202 985 1.034 18 
20 +26.4 5.279 464 456 8.188 983 1.038 20 
22 +25.7 5.807 512 503 8.175 982 1.042 22 
24 +25.1 6.335 563 552 8.159 .980 1.046 24 
26 +24.4 6.863 614 .600 8.144 .978 1.050 26 
28 +23.7 7.391 .665 649 8.129 .976 1.054 28 
30 +23.0 7.919 .716 698 8.113 974 1.058 30 
32 +22.3 8.446 768 747 8.097 972 1.062 32 
34 +21.6 8.974 821 197 8.081 .970 1.066 34 
36 +20.9 9.502 .875 847 8.064 .968 1.070 36 
38 +20.2 10.030 928 897 8.047 .966 1.074 38 
40 +19.4 10.558 983 948 8.030 .964 1.078 40 
42 +18.7 11.086 1.039 999 8.012 .962 1.082 42 
44 +17.9 11.614 1.094 1.050 7.994 .960 1.086 44 
46 +17.1 12.142 1.151 1.102 7.976 958 1.090 46 
48 +16.2 12.670 1.208 1.154 7.957 955 1.094 48 
50 +15.4 13.198 1.266 1.207 7.937 953 1.098 50 
52 +145 13.725 1.325 1.260 7.918 951 1.102 52 
54 +13.7 14.253 1.385 1.313 7.898 948 1.106 54 
56 +12.8 14.781 1.444 1.366 7.878 .946 1.110 56 
58 +11.8 15.309 1.505 1.420 7.858 943 1.114 58 
60 +10.9 15.837 1.568 1.475 7.836 941 1.118 60 
62 +9.9 16.365 1.629 1.529 7.815 938 1.122 62 
64 +8.9 16.893 1.692 1.584 7.794 .936 1.126 64 
66 +7.9 17.421 1.756 1.639 7.772 933 1.130 66 
68 +6.8 17.949 1.822 1.697 7.755 931 1.135 68 
70 +5.7 18.477 1.888 1.753 7.733 929 1.139 70 
12: +4.6 19.004 1.954 1.809 7.710 .926 1.143 72 
74 +3.4 19.532 2.022 1.866 7.686 923 1.147 74 
76 +2.2 20.060 2.091 1.925 7.669 921 1.152 76 
78 +1.0 20.588 2.159 1.982 7.645 918 1.156 78 
80 -4 21.116 2.229 2.040 7.620 915 1.160 80 
82 -1.6 21.644 2.300 2.098 7.596 912 1.164 82 
84 -3.0 22.172 2.372 2.158 7.577 .910 1.169 84 
86 -4.4 22.700 2.446 2.218 7.551 .907 1.173 86 
88 -5.8 23.228 2.520 2.279 7.531 904 1.178 88 
8g 3 -6,0P 23.307 2.531 2.288 7.528 904 1.179 88.35 
90 -L1 23.756 2.594 2.338 7.506 901 1.182 90 
92 +4.8 24.283 2.670 2.398 7.479 898 1.186 92 
94 +111 24.811 2.745 2.459 7.460 896 1.191 94 
95 +14.4 25.075 2.787 2.491 7.444 894 1.193 95 
96 +18.0 25.339 2.827 2.522 7.430 892 1.195 96 
97 +21.6 25.603 2.865 2.552 TAIT 891 1.197 97 
98 +25.5 25.867 2.906 2.585 7.409 .890 1.200 98 
99 +29.8 26.131 2.947 2.616 7.394 888 1.202 99 
99.6 +32.3 26.289 2.970 2.634 7.386 .887 1.203 99.6 
100° +60.0¢ 26.395¢ 2.987 2.647 7.380 886 1.204 100° 


The above table applies to brine tested at 60°F. For other brine temperatures the observed salometer readings must be 

converted before using them in the table. For practical purposes, add one degree salometer for each 10 degrees above 

60°F and deduct one degree salometer for each 10 degrees below 60°F. 

* Approximate salinity range for seawater. 

4 Temperature at which freezing begins. Ice forms, brine concentrates, and freezing point lowers to eutectic. 

6 Butectic point. For brines stronger than eutectic, the temperatures shown are the saturation temperatures for sodium chloride dihydrate. Brines 
stronger than eutectic deposit excess sodium chloride as dihydrate when cooled, and freeze at eutectic. 

C Saturated brine at 60°F. 


Removal of Sodium Chlorate 


When it comes to getting a crop of Sodium Chlorate out of the cell you should aim to have at least 600g/1 of 
dissolved Chlorate in your electrolyte. This concentration of Chlorate together with the NaCl will cause a crop of 
Na Chlorate to ppt out of the electrolyte when it is cooled to zero and below. 

You will not get very much though, in fact you will not be able to get any the first time you run your cells without 
boiling off some water. The problem is that on the first run of your Chlorate cell the concentration of Sodium 
Chlorate will not be very high and you will not get a ppt of Chlorate, it will stay in solution. 

There are several approaches you can take. You can simply carry on adding more Chloride and run the cell more so 
that the concentration of Chlorate will go on rising and eventually you will get a sensible crop of Chlorate from the 
cell by cooling. You need evaporation to happen so that there is room for continuous top up. If running a cell 
which has a lid on it this is not possible. You can also boil off about half of the solution volume so that the 
concentration of Chlorate will be doubled and you will now get a sensible crop of Chlorate by cooling. See below 
for an explanation of what is happening. 


The diagram above is obtained from 
here using the original graph from EKA 
Chemicals. An explanation of how to 
interprete mutual solubility diagrams is 
in How to Design Fractional 


Crystallization Processes. 
Also the book "Aqueous Solutions and 


the Phase Diagram" by FREDERICK 
FIELD PURDON and VICTOR 
WALLACE SLATER, is very useful 
reading. It is available in Google Books. 


When you start off your cell for the first io 
time you will be at 26% NaCl on the sDiution rays” SS 

graph. If you do not add any Chloride : “Naclos rays” 
solution as the cell is running and you 
run your cell for the recommended 
amount of time given by the run time 
formula, you will be left with about 
10g/100ml (100g/l) of Chloride in the 
cell and the rest of the Chloride 
(25g/100ml) will have been converted into 106.5/58.5 * 25g = 45.5g Chlorate per 100ml solution. This in 
approximately point A on the graph, 64.7% water, 6.3% NaCl and 29% NaClO3. As you can see you will not get 
any Chlorate out by cooling. If you boil off about 14.8% of the water you will get to point C on the graph. If you 
now cool your solution to Zero (that’s point B) you will get about 11% of the Chlorate to ppt. 


Naclo3 10 


If you add Sodium Chloride to the cell as it works you can increase the Chlorate concentration so that you will get 
a Chlorate ppt. when the cell is finished. Remember that if you do not take out the Chlorate this time around you 
will get out more the next time you harvest Chlorate after another cell run as the Chlorate concentration will be 
higher. 


Another good way to get Sodium Chlorate out of the solution it to add some concentrated NaC] to the solution. 
This is called ‘salting out' in the industry. The solubility of the Chlorate decreases markedly as the Chloride 
concentration goes up. The NaCl will be used when you start running the cell again. Take a note of the amount of 
Chloride that you added. You can lower the temperature of your electrolyte to below Zero to get out a bigger crop 
of Chlorate . Salting out is described below using information from Encylcopedia of Chemical Processing and 
Design (see Google books). 


The mutual solubility diagram below is in units of Grams of solutes per 100ml water. 


From Chem. Met. Eng. 45, 692 (1938) 


00 gm. H,0 
os) 6h) CS 


Grams NaCl/1 
a 


oO 20 40 60 80 100 120 140 160 180 200 


Grams NaClO,/100 gm. H,O 


The cell liquor from industrial reactors typically contain approximately 575 gpl Sodium Chlorate and 100 gpl 
Sodium Chloride @ 70 to 80C. These values, at a specific gravity of about 1.38 may be interpreted as 82g Sodium 
Chlorate per 100g water and 14.5g Sodium Chloride per 100g water (equal to 51.1% water, 7.2% Chloride & 
41.7% Chlorate). This composition is shown by point A above. Sodium Chlorate will just begin to crystallize when 
the temperature goes to about 25C. If solid Sodium Chloride is added and dissolve, this moves the system to point 
B while crystallizing Sodium Chlorate. At point B no more Sodium Chloride will dissolve and further cooling will 
precipitate a mixture of Chlorate and Chloride. 

The more common practice is to evaporate off some water at 25C (using vacuum) which has the same effect of 
moving the system from A to B while crystallizing Sodium Chlorate. The table below gives amounts with numbers 
in grams. 


Cell liquor 
of compositon 


Note that Aluminium containers are not suitable for boiling the Chlorate solution in, as it will blacken the produce 
with corrosion products. 
The solid Chlorate can be washed with very cold water and put into the Perchlorate cell. 


When your chlorate cell is stopped running it will have a quantity of Hypochlorite (an intermediate product) in it. It 
is recommended that this hypochlorite be destroyed before going on to recover your solid Na Chlorate or make K 
Chlorate. This can be done by boiling your solution for about 15 minutes with the pH at neutral (you may have to 
do this anyways to concentrate the solution if you are separating out solid Sodium Chlorate) or by adding about 1g 
urea per litre of solution (boil). Hydrogen Peroxide will also destroy Hypochlorite as will Sodium Sulphite and 
Ammonia. 

It is difficult to get rid of the Hypochlorite by boiling alone. I don't know what are the disadvantages of 
Hypochlorite in the Chlorate. It won't matter very much if you are going on to make Perchlorate as it will 
eventually all be destroyed in the Perchlorate cell. 


The cell liquor (Mother liquor as it is called in industry) will now be returned to the Chlorate cell. Dry the 
extracted Chlorate and weigh, this will give you an idea of what quantity of Chloride and Chlorate are in the 
liquid. 


It should be noted that Sodium Chlorate is very soluble and you may be disappointed with the yield of Sodium 
Chlorate that is obtained when you take product from your cells for the very first time. 

There will be large amounts of Sodium Chlorate still dissolved in the mother liquor and when this is recycled into 
the cells you will get a much bigger yield of Sodium Chlorate in subsequent runs of the cell. If you have not been 
topping up your cells with Sodium Chloride when they were running for the very first time you will not be able to 
get any Chlorate to come out of solution by cooling alone, you will have to boil off some water in order to get 
Chlorate to ppt out. In subsequent extractions (assuming you recycled your mother liquor into the cells) the Sodium 
Chlorate concentration will be much higher and more will ppt out. You may still wish to boil off some water as 
described above. 


A diagram showning mutual solubility in Kgs is below. 


From: A. Nallet, R. A. Paris, 
Bull. Soc. Chim. Fr. 1956, 488 — 494. 
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Removal of additives 


If Chromates have been added to you cell for efficiency reasons or to protect Iron or Steel Cathodes then it should 
be removed. Chromates can be removed from the cell by adding the correct quantity of Barium Chloride. The 
Chromates will be precipitated out as insoluble Barium Chromate. Excess Barium Chloride can be precipitated by 
adding Sodium Carbonate. 


I do not know how to remove Persulphates or Flourides from the electyrolyte nor do I know what effect small 
amounts of Persulphates or Flourides will have on pyrotechnic compositions. 


Some Patents showing phase diagrams for Chlorate cells are, US 3511619, 3690845 and 3883406. 
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hen a chemical engineer is asked to design a dis- 

tillation process for separating a complex mixture 
of components, he goes about it systematically and con- 
fidently, He can recognize many different cases, or 
configurations of equilibriurn lines, and knows how to 
deal with each. Considerable ingenuity may be re- 
quired, but the engineer knows the “tricks of the trade” 
and how to attack the problem. 

Faced with a mixture of coimponents to separate by 
fractional crystallization, however, he usually has little 
to fall back on except intuition and inspiration. Frac- 
onal erystallization is not more complicated than 
distillation, but the engineer has not been taught any 
principles from which to recognize formal similarity in 
different examples, And he seldom has any stock of 
atandard process solutions for given cases when he meets 
them. Design of even moderately complicated frac- 
tional crystallization processes is recognized as beyond 
the ordinary skill of a chemical engineer—‘‘ane versed in 
the art’’—in that they can usually be patented. 

But rational principles and a bag of tricks do exist for 
fractional crystallization. With these in mind a process 
designer knows in advance what io look for in a phase 
diagram, and what ta.do when he finds it. He can move 
ahead as deliberately as if he were treating a distillation 
problem rather than having to look for inspiration. 

This paper focuses upon a set of systematized pro- 
cedures by which ideal equilibrium processes can be 
generated from solubility data. There is not space in a 


single article to treat also the manifold problems en- 
countered in reducing an ideal process concept wo a 
practical and economical Howsheet, But a process 
must be conceived in principle before it can he re- 
duced to practice, and it is in the original conception of 
processes that most engineers have least background. 

The paper is divided into three sections, corresponding 
to handling three, four, and m components, respectively, 
Since a three-component systern is a special case of a 
four-component one, and both are special cases of a 
cotnponent systems, this necessitates passing from special 
to general cases, with repetition of basic ideas in pro- 
gressively more generalized form. But with each in- 
crease in the number of components, the abstractness 
and difficulties of representation and treatinent increase 
ereatly. The paper is arranged this way primarily so 
that an engineer faced with a specific fractional crystal- 
lization problem need go into the subject only as deeply 
as necessary to solve his problem. He won't have to 
cross mountains to climb a foothill. 


THREE-COMPONENT SYSTEMS 


Fractional crystallization processes are worked out 
graphically in practice, since solubility data are highly 
empirical at this time. Graphical methods are used to 
represent the system, its equilibria, and the results of 
various process manipulations. We now start laying 
the foundation for graphical treatment in terms of the 
three-component systems being considered here. 


Composition plots. The composition of a three- 
component system has two degrees of freedom, and can 
be represented in a two-dimensional coordinate system 
or graph. If the components are designated respec- 
tively A, B, and 5, “4 can be plotted against %B. 
The content of the third constituent, 5, is always deter- 
mined by the condition 4 + B+ § = 100%. Any 
weight units may be used. In this paper we use simple 
wt [> extensively (weight of a given component per 100 
weights in total system}. Equivalent wt ©% is used 
occasionally (equivalent weights of a given component 
per 100 equivalent weights of all coniponents in system). 

Other composition ratios might be used, such as grams 
per 100 grams solvent, grams per 100 grams “free” 
solvent, or grams per gram of key component other than 
solvent. Such plottings are in some cases very conve- 
nient, but are not fundamentally different from per- 
centage plots. Concentration plots (grams per liter) 
are not suitable because they do not permit use of con- 
structions to be described below. 

Composition coordinates may be either rectilinear or 
skewed. A percentage plot will be bounded by a right 
triangle in rectilinear coordinates (Figure 1). If the 
axes are 60° apart and the scale modules are equal, 
the familiar equilateral triangular plot appears (Figure 
2). It has no functional advantages over one using 
rectilinear coordinates, being just a linear transforma- 
tion from it. ‘The two can be used interchangeably 
(9), and we will use them that way. 


Figure |. Plotting composition point in right angle coordinates 


It will be convenient to think of compositions as 
being represented by vectors, and coordinate axes as 
bases for vector spaces. Thus point # (Figures 1 and 2) 
represents the sum of a constituent vector in the A 
direction representing the “, of component A, and one in 
the B direction representing the % of B. In this view 
coordinate axes are simply guidelines showing the direc- 
tion and scale modules of A and B vectors. Such a view 
is perhaps overelegant for sumple systems, but it becomes 
useful in dealing with more complicated ones, 


Woe: “ 


Plotting composition point in GO° or triangular eoordinater 


Figure 2. “Center of gravity” princinls 


Construction lines. If any two systems 1 and 2, 
having compositions represented by (1) and p(2) 
(Figure 3), are mixed to form another system 3, the 
composition of the new system, (3), will be on a straight 
line joining points p(1) and p(2). This derives from 
material balance, and holds also for the case that system 
3 is split into systems 1 and 2. Such straight lines form 
the bases for all process constructions on a composition 
diagram. 

It follows from the above that if solvent is added or 
subtracted from any system, the residue must plot some- 
where along a ray froin the origin or solvent point. Such 
rays will be called “dilution rays." Likewise, adding 
or subtracting solids A or B will move the system 
composition point along rays through points A or B, 
respectively, and these will be called “A rays’ or “B 
rays” or ‘solid rays" (Figure 4), 

Material balances. Material balance calculations 
are made from process constructions by the method 
known as “‘center of gravity” (9), or “line segment ratio” 
(8), or “ratio scale moment” (5). For any case in which 


Figure 4. Construction “‘rays"* 


A(1) + A(2) = A(3) (1) 
C(1) + C(2) = C(3) (2) 
it follows algebraically thar 
A(3)—s Ah) 


C2) _ 6(3)__C(i) 

ca) ~ 4@) AG) 

C(2) (3) 

Equations 1 and 2 may be interpreted as a material 


(3) 


balance of two constituents or groups of constituents in 
systeins 1 and 2, combining wo form system 3. A’s 
may be interpreted as weights of component A; C's 
may be interpreted as hundred weights of components 
A+ B+ S. Then Equation 3 interprets as 


total weight from system 2 

total weight from system 1” 
%A in mixture 3 — 9%A in system 1 
A in system 2— oA in mixture 3 


(4) 


The matheinatical relationships are analogous to 
those of levers or moments. Material balances may be 
figured as though the line joining systems 1 and 2 on the 
chart were a lever arm, with “basis” weights (weight of 
components comprised in the denominators of the 
coinposition ratios) contributed by the various systems 
applied at their system poinuw. The tixwure will lie at 
the “center of gravity” of the contributing systems. 
Alternatively, moments may be taken around any one 
of the three system points. The moiments contributed 
by the other two must be equal. 

Thus taking moments around point (1) (Figure 3) 


(total weight in syste 3) X (CA in system 3 — 
CA in system 1) = (total weight from system: 2) X 
(TA in system 2 — %A in system 1) (5) 


If we wanted to calculate directly the distribution of 
component & between the three systems, 1ts weight would 
be put into the denominator of a composition ratio. 


Thus 
(wt B in system 3) x 


G@ in system 3 — eae in system 1) Ss 


oB ToB 
(wt 8 from system 2) (# in system 2 — 
Coat 


OB in system 1) (4) 

Equilibrium lines—The phase diagram. At equi- 
librium, a system of any given composition will be made 
up of one or more phases, The phase diagram is a set 
of equilibrium curves on a composition plot showing what 
these phases are. In fractional crystallization, equilibra- 
tion is conceived to take place only if a solution phase is 
present. Therefore, the phase diagram is concerned 
mostly with compositions of the liquid phase, and is 
often called a “solubility diagram.” 

Various types of phase diagraims will be discussed in 
more detail in the sections that follow, 

Classification of phase systems. Fractiona! crystal- 
lization systems comprise solutes that are to be separated, 
and a solvent from which they are selectively crystallized, 
For verbal convenience the former will sometimes be 
called “salts,” and the latter ‘‘water,’’ letting these 
specific materials stand for their respective classes. 
Three basic types of systems are recognized : 


Type 1: Solutes crystallize without forming either 
solid solutions or compounds among themselves (double 
salts}. They may, however, form compounds with 
the solvent (hydrates) 

Type II: Solutes crystallize as compounds (double 
salts) 

Type II]; Solutes crystallize in solid solutions 


Space does not permit treatment of Type III] systemsin 
this paper. We note, however, that the separation 
methods used in such systems are analogous to those 
for liquid-solid extraction. 


Type | Systems 

The phase diagram for a Type I system at some tem- 
perature 7(1) might appear as in Figure 5, Solutions 
plotting along curve @{1)-6(1) are saturated with respect 
to camponent A; those along 4(1)-(1) with component 
8. Systems plotting within the solution phase bounda- 


AUTHOR Bryant Pith is Chief Scientist, Derr-Oliver Ine., 
lnternational Headquarters, Stamford, Conn. 06904. 


ke de = 


sha 
i oD 


AGE 


ee 


Figure 5. Typteal solubiltty diagram—Type I 


ries S—a(1)-6(1)-c(1) consist of unsaturated solution and 
no solid phase. Systems plotting outside the boundaries 
comprise saturated solution and whatever solid phases 
must be split out to yield saturated solution as the residue. 

A-level separations. Any mixture of A and & having 
a ratio A/ 2 different from that of point 45(1) can be 
resolved at temperature 7(1) into a mixture of solution 
and a crop of crystalline A or B, whichever is in excess, 
by adding or evaporating solvent. Thus in Figure 6, 
solvent may be added to a mixture of solids plotting at F, 
moving the system point along a dilution ray toward the 
origin or solvent point. With proper adjustment of 
solvent, the system can be brought to plot at point a 
on a te line between the compositions of doubly 
saturated solution at 4(1) and that of the crystalline 
species A containing component A. (If A crystallizes 
in pure form its solids point will be at 100% A. Jf it 
crystallizes as a hydrate, its solids point will be less than 
LO0% A. If it is impure, it will plot off the A axis.) 
After equilibration the system will consist of a phase of A 
solids, and a solution of composition 6{1). And while 
arranging to have the solution phase arrive at 4(1) will 
give the greatest yield of crystalline A, dilution of the 
systein to any point between @ and ¢ will result in a solu- 
tion phase saturated with respect to. 4, and a solid phase 
of species A. 

System @ can be reached by leaching solids with the 
appropriate amount of solvent, thus dissolving all B 
and as much A as is needed to form solution 4(1), leaving 
excess A undissolved. Alternatively, it can be reached 
by diluting to or beyond the point ¢ to dissolve all solids, 
and then evaporating to system point, 24, whereby excess 
A is recrystallized. Or, if the system initially contains 
excess solvent, it can be brought to point « by evapera- 
tion. Any route leaves a crop of solid phase A that can 
be physically separated, and a solution 4(1) that must 
be fractionated. 

Such separation of a crop of one constituent is basic 
to all fractional crystallization processes, and will be 
called an A-level separation. 


Figure G6, Aelevel separation 


Figure 7. B-level evele 


Basic Type I fractionation cycle. The solubility 
isotherm for another temperature 7 (2) has been added 
in Figure 7. The doubly saturated point, 4(2), has 
moved to a lower 4/4 ratio than it had at 7(1). There- 
fore the following generalized cycle is possible: 


(1) Starting with solution at 6(1), change the tem- 
perature to 7(2) and adjust the solvent concentration 
(in this example dilute) to reach system point a. This 
results in an A-level separation yielding 4{2) solution 
and a crop of crystal species A, Separate crop of A. 

(2) Change temperature of solution 6(2) to T(1), 
adjust solvent concentration (in this example evaporate) 
to system point ¢ This makes an d-level separation 
yielding a crop of solid phase B and a solution phase of 
composition 4(1). Separate the crop of B and recycle 
the solution to step 1. 


Existence of this cycle assures that we can fractionate 
any Type I, three-component system unless points 
(1) and 6(2) have the same A/F ratio, The chances 


of finding a system in which all points along the poly- 
therm have the same A/S ratio seem infinitesimal. 
Therefore, in principle, any Type I, three-component 
eysternt can be separated by fractional crystallization. 
For future identification, we call this cycle a B-Ievel 
separation. 

To be economical, the basic cycle should have short 
dilution and evaporation vectors 6(1)-a and 6(2)-¢ so 
that there will be a small amount of solvent to add and 
evaporate. It should have long crystallization legs a— 
62) and e-4(1) to give a high yield per cycle. 

Standard Type I process. The cycle just described 
depletes the system. Some 4 and & are removed each 
cycle, and none are added back, A continuous or 
steady-state process is obtained by adding new feed each 
cycle in cither step 1 or step 2; which process is better 
tiay be apparent in specific cases, but often will be de- 
termined by testing each possibility. 

Fxample 1. Figure 8 shows process constructions 
for a system in which the doubly saturated points have 
[4, 2] coordinates as follows: 


b(1) = [ 2.8, 
b(2) = |17.7, 


24.2] 
15.0) 


Crystal crops are assumed to be iinperfectly separated, 
and will have the following coordinates: 


(35.0, 1.5] 
[1.0, 95.0] 


Crystal species A = 
Crystal specics B = 
The feed assumed for this example: 


F = (30.0, 45.0] 


We consider the process in which new feed will be 
added in the path from operating point &(2) to (1), 

In the forward path from 4(1) to 6(2), liquid phase of 
composition 4(1) is evaporated at 7(2), corresponding ta 
vector 6(1)-a. ‘This causes a crop of species B to crystal- 
lize, corresponding to vector a-4[2). 

The return path comprises adding an amount of new 
feed corresponding to some vector 6(2)-¢, diluting to 4, 
and crystallizing a crop of species A at temperature T(1) 
to return the mother liquor composition to point 4(1). 
The composition of pointc can be determined by material 
balance since the amount of either solute added per 
cycle must equal that removed. 

Material balance may be easily made as follows. 
Take 160 units of new feed as a basis: 


(1) The solutes in new feed F are split ultimately 
into the solutes in crystal crop A plus those in crystal 
crop B. Substituting appropriately in Equation 6, 
it will be found that 1.27 units of component & end up as 
impurities in crystal crop A. This leaves, by difference, 
43,73 units for crystal crop B. 


Figure &.  Lype I process evele 


(2) In the path from 4(1) to 4(2), the solutes in 
liquor 6(1) are split into those in 4(2) plus those in crystal 


crop B. The ainount of component 8 in crystal crop 
B is now known. Again, making use of the method 
of ratios, it will be found that liquor (2) must contain 
4.33 untts of component B. Summing # from B and 
b(2) gives 48.06 units for liquor 4(1). 

(3) From given compositions it is now easy to com- 
plete material balance calculations, including the amount 
of dilution or evaporation needed in each path. Com- 
position of system point ¢ is founc by adding the com- 
ponents in new feed to those in liquor 4{2), 


In the above example A is NasCO,;, B is NaCl, and 
the temperatures are 0° and 30°C, respectively. The 
above exemplifies a standard process for separating the 
solutes of a three-component system. 

Construction of new feed vector. The length of the 
new feed vector 6(2)-c in Figure § was found by making 


material balance calculation. It is sometimes useful, 


particularly in preliminary consiclerations of processes, 
to determine it by canstruction. ‘This is done as follows: 
Project compositions of feed and crystal crops along dilu- 
tion rays to the line of zero solvent (Figure 9) establish- 
ing points F*, A’, and B’. (Note that each dilution 
ray is the locus of points with constant A/B ratio. The 
procedure will be called ratio projectton.) 

If new feed is to be added to solution (2), construct 
any vector that represents taking the system from the 
A/B ratio of 4(1) to that of 4(2) by crystallizing B’. 
In Figure 9 it is @*-4(2). Construct an A‘ ray through 
the tail of this vector and an F° ray through its head. 
The two rays will intersect at some point ¢’, and the true 
point ¢, representing system composition after addition 


of new feed, will fall at the intersection of the dilution 
ray through c’ and a line joining 5(2) and F. 

Example 2—special leach cycle. In example 1 
both operating points b(1}) and 6(2) were doubly satu- 
rated. In some important instances it is economical 
to accept less than the maximum crystal crop in each 
process cycle, and to choose an operating point saturated 
with only the crystallizing phase. Figure 9 shows the 
80° and 20° isotherms for the system KCI, NaCl, H:20O. 
If liquor of composition 4(2) is cooled to 20°C, it will 
yield a liquor of composition ¢ and a crop of pure KCl, 
[Instead of evaporating solution @ ta reach doubly 
saturated point 4{1), point @ is itself taken as the operat- 
ing point. The crystal crop of KCI is separated, the 
temperature of solution a is raised to 80°C, and enough 
new feed is added to reach system point « KCl is 
leached from the new feed, leaving NaCl as its residue, 
and regenerating solution 4(2). 

The simple process triangle of Figure 10 corresponds 
to the five-vector cycle of Figure 9, with the two dilution 
ray vectors made null, This commercially important 
leach cycle requires no evaporation or dilution. 


Type Il Systems—Double Salts 

The solubility chart of a system in which some double 
salt AB forms will appear as in Figure 11. 

Solutions plotting along the isotherm a—4 will be in 
equilibrium with solids B, as may be indicated by tic 
lines back to composition #. Along ~d they will be in 
equilibrium with solids A. However, along $c they 
will be in equilibrium with the double salt AB. 

Subsidiary axes and systems. A dilution ray 
through solids point AB may be considered as an AB 
axis, as valid and meaningful asthe Aor Baxis. Thatis, 
any composition plotting between the 4 and AB axes 
may be expressed just as well in terms of A and A# 
as it can in terms of A and B. For example, if A is 
NasOQ,, A is K2SO,, ane AB is glaserite, 4 K»8O,-: 
Na:SQ,, the composition of a system might be expressed 
equally well as 50% K.2SO, and 10% Nas5Q,, or as 
13.2% KSO4 and 46.8% glaserite. Put another way, 
a glaserite vector and a K2SO, vector form the basis for 
a vector space representing system compositions. 

Therefore, the part of the diagram lying between 
S-A and S-AB represents a system A, 48, 5. Since no 
further double salts are formed between A and AB, 
it may be considered a Type I system. Any system 
with a higher 4/8 ratio than that of double salt AB can, 
therefore, be fractionated into A and AA by Type I 
procedures. 

Likewise, that part of the diagrani bounded by the 
AB and B axis also represents a Type I system, AB, B, S, 
and can be separated into pure phases of AB and 2. 

These subsidiary systems will be called subsystems 


Some data and solubility information for 
Sodium Chlorate 


Technical Data And Physical Properties 


General: The chemical formula of sodium chlorate is NaClO3 


CAS No.7775-09-9. 
Molecular weight is 106.44. 


Some properties of NaClO3 
Physical Properties: Sodium Chlorate Crystal 

Appearance: White to off-white, odorless, crystalline solid 

Melting Point: 248° (478°) 

Boiling Point: None, decomposes at about 300° (572°) 

Hygroscopicity: Moderate 
Bulk Density: Approximately 97.5 lbs/cu ft 
Solubility: Soluble in water 
Heat of Solution: -52.6 cal/g = -94.7 BTU/Ib (endothermic) 


Chemical Properties. Sodium Chlorate is a powerful oxidizing agent. When heated in the pure state, it will begin 
to decompose slowly at about 300° (570°). with the evolution of oxygen and the formation of Sodium Chloride. 
This decomposition is strongly exothermic and self-sustaining above a critical temperature. The large amounts of 
Oxygen released can cause the burning of combustible materials to be explosively rapid. 


As shipped, Sodium Chlorate is not a fire or explosion hazard. However, many substances when combined with 
Sodium chlorate form explosive mixtures. Such combinations, particularly those containing certain organic 
materials, can be extremely sensitive to shock, friction or heat. Organic contaminants in this category include 
alcohols, solvents, sugars, sawdust, paint, lint, vegetable dusts, oils and greases. 


The primary inorganic contaminants to avoid are sulfur, sulfides, ammonium compounds, phosphorus, cyanides, 
powdered metals, acids, or any kind of reducing agent. 


When impregnated with chlorate from contact with an aqueous solution, combustible materials such as paper, 
wood, cloth and leather become dangerously flammable if dry and may be ignited by friction, heat or a drop of 
strong acid. 


Alkaline chlorate solutions do not exhibit strong oxidizing properties. However, as pH decreases, the oxidizing 
activity of these solutions will increase. Concentrated acid solutions are vigorous oxidizing agents. 


Commercial sodium chlorate solutions are neutral or slightly basic. Under these conditions they are stable in 
storage over a long period of time. 


Solubility of Sodium Chlorate/Sodium Chloride Solutions 
0 5 49 _ Sodium Chloride Concentration (wt % NaCl } 


70 


60 


gl 
Fo Oo 


1) 
i=) 


Sodium Chlorate Concentration (wt%NaClo,) 


Sas 
ee ee a lh ra NON mi 
Line of mutual saturation of as a BS Sa 
sodium chiorate and sodium en ee oo 2 NS ee 2 ee ee 
chioride a Ee EE i ee. | EE 2 ees 


N 
Oo 


Eh a Ee a) ae a ee ee ee Ss 2 ee ee ee ee 
et CO Temperature 7 EE a week . > J a ee oe 
Ft TT ft __Bindiry of ice field. eee ee. Se en es ee 
a_i _,_ Sy a ee HaCl- 2H20 \ANNS RS es 

10 = a ee ae ee) ee ee ee es ee ee) ee ee ee ee, ee es ees 5 — 
SS SS SS 


= = a = Ey a __s Ee he = ae ae 
1 2S ee a ee Ee ee EE 
0 5 10 15 20 0°20 “40 60° 80 
Sodium Chloride Concentration (wt % NaCl) Degrees C. 


Sodium Chloride Concentration (wt% NaCl) 


This chart presents composition and saturation temperature data for mixtures of salt and sodium chlorate dissolved in 
water. The composition and saturation temperature can be obtained for any point on the sodium chlorate saturation 
surface. Sodium chlorate solubility isotherms are drawn for every 20° interval from -20° to 100°. As an example, the 
saturation temperature of a water solution containing 40% NaClO, and 4% NaCl was estimated: The location of this 
composition was found to lie between the NaClO, saturation isotherms for 0°C and 20°C. By interpolation, the 


saturation temperature was estimated at 5°C. 


This table shows some data points of saturation 
from the graph above(Fig 9). The amounts of dissolved solids are 
shown as both weight and grams solute per 100g water 


ZERO DEGREES C° 


NaCl NaClO3 


¢/100¢g ¢/100¢ 
water water 


0 44.5 80 
tes 35 
12.8 30 
19.2 24 
oe) 15 
30 
35 


Weight% Weight™% 


FORTY DEGREES C2 
O 
NaCl NaC103 EIGHTY DEGREES C 
: /100 : /100 
NneAene 7 ie Weight% ae NaCl NaClo3 
e 0 541174 weight% 2108 Weight, 2/1008 
water water 
9.2 10.1 41 69.5 
0 0 63.5 174 
20 25 16 19 
5.2 5.5 57.2 133 
26.5 36 0 0 
12 13.6 37 59 
ID 37.4 0 0 


ONE HUNDRED DEGREES co 
NaCl NaClO3 
Weight% 21098 Weight, 2/1008 

water water 
0 0 68 212 
4.5 4.7 63 170 
14 16.4 33.1 49.5 
28 38.7 0 0 


See here for mutual solubility graphs in units of grams and moles solute per 100ml solution. 


Weight % of NaClo3 


The graph above was obtained from the table below. And can be useful as a ready reckoner for converting the rather 


Graph showing the relationship between weight %, grams/l of 


Grams NaClO3M 00m! water. 


confusing descriptions of chlorate solutions. 


Grams NaClO3 per liter of solution 


Concentration Density at 25° Concentration |Concentration Density at 25° Concentration 
(WT% NaClO,) (g/ml) (gpl NaClO,) (wt% NaClO,) (g/ml) (gpl NaClO,) 

0 0.997 0 26 1.194 310 

1 1.003 10 27 1.203 325 

2 1.009 20 28 1.212 339 

3 1.016 30 29 1,221 354 

4 1.022 4] 30 1.231 369 

5 1.029 51 31 1.240 384 

6 1.036 62 a2 1.250 400 

z 1.043 7S 33 1.259 416 

8 1.050 84 34 1.269 431 

9 1.057 95 30 1.279 448 

10 1.064 106 36 1.289 464 

11 1.072 118 37 1.299 481 

12 1.079 129 38 1.309 497 


13 1.087 141 oo 1.319 515 
14 1.094 153 40 1330 532 
15 1.102 165 41 1.340 549 
16 1.110 178 42 L354 567 
17 1.118 190 43 1.361 585 
18 1.126 203 44 1.372 604 
19 1.134 215 45 1.383 622 
20 1.142 228 46 1.394 641 
21 1.151 242 47 1.405 660 
22 1.159 255 48 1.416 680 
23 1.168 269 49 1.428 700 
24 1.176 282 50 1.439 720 
25 1.185 296 


The table above shows the density of Sodium chlorate solution at 25C at various concentrations. Note that the weight 
% is directly convertable to grams chlorate per 100 grams water. 

For example if the weight is 40, that's 40 grams chlorate per 100 grams solution. Thats the same as 40 grams of 
chlorate in 60 grams water, which is the same as (40 X 100/60) = 66.666g/100g water. 


Density of Sodium Chlorate Solutions 


The following equation can be used to calculate the density of Sodium Chlorate solutions at varying temperatures and 
concentrations. 


Let: X = percent of NaClO, in the solution. 


y = percent of NaCl in the solution. 


T = Temperature in ° for which the solution density is 
required 


62.5x+0.52x?+69.3y+0.81xy+(25-T) {4.5+0.05_ 


Then: Density at T° (0.9x+y)} 


0.9965 + 
107 
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The graph above shows the density of a solution of sodium chlorate in solution at different concentrations and at a 
few different temperatures. Each line is giving similar data to the table above which shows density of sodium chlorate 
at 25C. There is no data for 25C which is the temperature used in the table above, if you were to put in a line between 
20 and 40C you would get the same figures as the table above. The graph dosen,t show grams/liter like the table. 
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The graph above shows the density of 'R-2' solution, which is 25.5wt% chlorate, 1 S5wt% chloride. 'R-2' is the 
industrial name of this concentration of solution. 


6% Natl 


Density (g/ml) 


(uojje6 “g"n/sqi) Arsueg 


Sodium Chlorate Concentration (wt% NaCi0,) 


The graph above shows the density of sodium chlorate + sodium chloride at various chosen sodium chloride 


percentages. All percentages are weight. The temperature is 25C. 
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The graph above shows the density of sodium chlorate + sodium chloride at various chosen sodium chloride 
percentages. All percentages are weight. The temperature is 40C. 
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The graph above shows the density of sodium chlorate + sodium chloride at various chosen sodium chloride 
percentages. All percentages are weight. The temperature is 60C. 
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The graph above shows the density of sodium chlorate + sodium chloride at various chosen sodium chloride 
percentages. All percentages are weight. The temperature is 80C. 


Analytical Properties 


Procedure for Determination of NaCl in NaClO, Solution by Argentometric Titration 


Method 


Equipment: 

. Pipet, 50 ml and 20 ml (Class A) 

. Volumetric flask 500 ml (Class A) 

. Casseroles 210 ml, Erlenmeyer flask, beaker 
. Buret 25 ml or automatic Titrator 

. Stirring bar and plate (optional) 


aA BWN 


Reagents: 
6. AgNO, 0.1 N Titration Solution 


ae K,CrO 4 Indicator Solution 


Procedure: 


A. Sample Solution Preparation 
1. Pipet 20 ml of NaClO, solution at operating temperature. 


2. Transfer into 500 ml volumetric flask. 
3. Fill to mark with DI water and mix. 


B. Sodium Chloride Determination 
4. Pipet 50 ml of sample solution for solution concentrations 
of 5 to 75 gpl, 


or 


Pipet 5 ml of sample for solution concentrations 
of 75 to 150 gpl. 


. Transfer into a titration flask. 
. Add approximately 30 ml of DI water. 
. Add 5 to 8 drops of KCrO, indicator solution. 


. Titrate with AgNO, 0.1 N until the first appearance of a permanent light pink color. 


Oo ANNN 


. Record V, = volume of AgNO, at end point. 


C. Calculation 


2.922 x volume of titrant = g/l NaCl (50 ml sample) 
29.22 x volume of titrant = g/l NaCl (5 ml sample) 
The factor (2.922) is related to the AgNO, normality and sample size. See Principle, section B, 


for further explanation. 
Hazards: 


Careful handling of chlorate is essential. Contact with any combustibles such as paper, wood, of 
clothing should be avoided. It is recommended that a metal disposal can for combustibles that have 
come in contact with chlorate and a container for recycling waste chlorate to the process be made 
available in the laboratory. Information concerning the hazards of the chemical products used in this 
procedure is found in the MSDS file. 


Scope: 
8. This procedure determines the concentration of Sodium Chloride in Sodium Chlorate solutions with 
concentration ranges of 5 to 150 gpl. 


Principle: 
9. Reaction equations In a neutral or slightly alkaline solution, Potassium Chromate indicates the end 
point of the Silver Nitrate titration of chloride. Silver Chloride is precipitated quantitatively before the 
red Silver Chromate compound is formed. 


Ag’ +CI ------ > AgCl (White precipitate) 


2Ag*+CrO,2 -----—- > Ag,CrO,, (Red color) 


10.Calculation 


grams/liter (Volume AgNO,) (Normality AgNO.) x_ 
NaCl= 58.44 . : 


Volume of sample 
Factors may be computed using constants in the formula above. 
Precautions: 


Because end point recognition is based on color perception, precise end point recognition is difficult. 
Techs in each laboratory must be trained to detect the correct end point. 


Interferences: 
pH can effect end point recognition: Cl’ as a contaminant in high purity water can give high results. 
Sampling: 


Samples will usually be warm when taken. Samples are analyzed at 20° for accurate results, unless 
otherwise specified by the customer. Samples containing high concentrations of Sodium Chlorate 
(400-600 gpl) are pipetted as soon as possible as the sample will crystallize. 


Hazards: 


Silver Nitrate is listed as a poison and corrosive material. 
Potassium Chromate is listed as a carcinogen. 
Information concerning the hazards of these chemical products can be found in the supplier's MSDS. 


Procedure for Determination of NaClO, in Solutions of Sodium Chlorate 


Method 


Equipment: 

. Pipets 5 ml and 20 ml (Class A) 

. Volumetric flask 500 ml (Class A) 
. Erlenmeyer flasks 250 or 500 ml 

. Buret 50 ml (Class A) 

. Auto pipet 50 ml 

. Dispensette 20 ml 


NnBWN KR 


7. Hotplate 


Reagents: 
1. K,Cr,0, titration solution 0.2818 N 


2. Indicator, Sodium Diphenylamine Sulphonate 


3. Fe‘? solution (Ferrous Sulfate or Ferrous Ammonium Sulfate) 
4. Mixed acid solution 


Procedure: 


A. Sample Solution Preparation 
1. Pipet 20 ml of Sodium Chlorate solution sample at operating temperature. 
2. Transfer into 500 ml volumetric flask. 
3. Fill to mark and mix thoroughly. 


B. Sodium Chlorate Determination 
4. Pipet 5 ml of the sample solution (from A-3) into Frlenmeyer flask. 
. Volumetrically transfer 50 ml of Fe’? solution into flask (B-1). 
. Add 20 ml mixed acid to the flask and heat to a boil. 
. Add approximately 150 ml of DI water to the solution. 
. Add 10 drops of indicator. 
9. Titrate with K,Cr,O- solution. 
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10.Observe end point (changes from green to purple). 
11.Record V,: Volume of the K,Cr,O, at end point. 


12.A blank is run using the same procedures except adding 5 ml DI water at step (1) instead of the 
diluted sample. 


13.Record Ve Volume of K,Cr,0, blank. 
C. Calculation: 


gpl NaClO,= oe -V,) (k,Cr,05N) eq wt. of NaClO, 


actual ml of sample used 


14. 
When Utilizing this procedure: 


gpl NaClO,= (V,,- V,) (0.2818) (17.74) 
7 or gpl NaClO, = (V, - V,) 25 


0.20 


2 = Buret volume of Blank (approx. 40 ml) 
V = Buret volume of sample. 


Hazards: 


Careful handling of chlorate solution is essential. Contact with any combustibles such as paper, wood, 
or clothing should be avoided. 


It is advisable to have a metal disposal can in the laboratory for combustibles that have come in contact 
with chlorate and a container for recycling waste chlorate to the system. 


Dichromates are listed as carcinogens; see the MSDS for Potasstum Dichromate in the MSDS manual. 


Acids and mixed acid solutions are listed as Corrosives; see the MSDS for the specific acid in the 


MSDS manual. 
Scope: 


This procedure determines the concentration of Sodium Chlorate solutions with a range of 200 to 650 
gpl. 


Principle: 

Chlorate is reduced by Fe” in known excess. The remaining unoxidized Fe’ is then oxidized to Fe’? by the 
y g y 

redox titration of Cr*® to Cr*?. 


A. Reaction Equations: 6Fe" *+ 6H? +(CI °0,) non--- > 6Fe3 + Cl + 3H,O 
6Fe*? + 14H* + (Cr,*°O_)? ------> 6Fe? + 2Cr*? + 7H,0 


B. Calculations: 
gpl NaClO,= Y -V MK, Cr, ON) (eq wt. of NaClO,) 
actual ml of sample used 


5. 
NOTE: NY = buret Volume of blank 


Vv. = buret Volume of 


sample 


C. Precautions: 

1. To avoid error from slow air oxidation of Ferrous Sulfate (Ferrous Ammonium Sulfate) 
solution, a blank determination is run as duplicate each day. Also, since the surface is oxidized 
more rapidly than the solution as a whole, the solution is mixed well each day. 

2. Accurate pipet and buret use is the key to precision and accuracy. Only Class A (TD) pipets 
and burets are used. 

3. Start and finish the analysis within a certain period of time (approximately 10 minutes). Do not 
allow the sample to boil too long (approximately 2 minutes). 


Interferences: 
None observed. 
Sampling: 


Samples are warm when taken, and during the piping the temperature is maintained. 


Solutions 


Potassium Dichromate Solution K,Cr,O, (0.2818 N) 
Method: 
Equipment: 


1. Four place analytical balance 
2. 2 liter Volumetric flask 


. 2 liter solution container, acid cleaned 
. 250 ml Erlenmeyer flasks 

. 25 ml pipet (Class A) 

. Drying oven 

. Desicator 

. Buret (Class A) 
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Reagents: 
9. K,Cr,O-, Primary Standard or Analytical Grade 


10.Distilled or Deionized water 

11.Mixed Acids Solution: (See Mixed Acids Solution, following page) 

12.Ferrous Iron Solution: (See Fe‘? Solution 0.056 N, following page) 

13. Indicator solution, Sodium Diphenylamine Sulfonate: (See Sodium Diphenylamine Sulfonate Indicator 
Solution Preparation, following page) 


Procedure: 


A. Solution Preparation 
1. Weight 27.6337 g K,Cr,O, (dried overnight at 104°) Primary Standard or Analytical Reagent 


Grade. 
2. Place into a 2 liter Volumetric flask and add high purity water to approximately 1.5 liters. 
Dissolve and dilute to mark. Pour into a clean, dry container. 


B. Standardization Check 
3. Make up four 250 ml flasks containing Sodium Chlorate standard solution (See Chlorate Test 
Check, below) diluted as in procedure step A-2. 
. Add 50 ml Ferrous Iron Fe*” solution to each using the same pipet each time. 
. Add 20 ml mixed acids to each. 
. Add DI water to each to an approximate volume of 150 ml and add 10 drops indicator. 
. Titrate two flasks with (ref ASTM) primary standard solution and record volume. 
. Titrate remaining flasks with working Dichromate solution. 
. Results should be within 0.01-0.02 ml. 
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C. Chlorate Test Check 


A Sodium Chlorate Check sample is made from a known amount of Sodium Chlorate (dried at 
120°) dissolved to a 600 to 630 gpl NaClO, solution. This sample is to be tested on a regular 


basis and recorded. It is also analyzed when questions arise concerning reagents or procedures. 


Ferrous Iron solution Fe‘? 0.056 N 


Procedure: 


63.5 g FeSO, * 7H,0 + 100 ml of concentrated H,SO, and dilute to | liter with DI water in water bath. 
(Must be kept cool throughout.) 


Mixed Acids Solution 


Procedure: 


7000 ml DI water, 1500 ml concentrated Sulfuric Acid, & 1500 ml concentrated Phosphoric Acid. Add 


acid slowly in a water bath. 


Sodium Diphenylamine Sulphonate 
Indicator Solution 


Procedure: 


Weigh 1.0 g of reagent and place in a 500 ml Volumetric flask. Add water to dissolve. Then add 25 ml 
mixed acid solution and dilute to mark with DI water. 


Important Legal Notice: The information presented in this manual was prepared by Eka Chemicals Technical Personnel. While not 
guaranteed, it is true and accurate to the best of our knowledge. Eka Chemicals makes no warranty or guarantee, express or implied, 
regarding accuracy, completeness, performance, safety or otherwise. This information is not intended to be all-inclusive, as the manner and 
conditions of use, handling, storage and other factors may involve other or additional safety or performance considerations. While our 
technical personnel will be available to respond to your questions regarding safe handling and use procedures for sodium chlorate, safe 
handling and use of the product remain the responsibility of the customer. No suggestions for use are intended as, and nothing herein shall 
be construed as, a recommendation to infringe any existing patents or to violate any federal, state or local laws. Eka Chemicals assumes no 
liability of any kind whatsoever resulting from the use of or reliance upon any information, procedure, conclusion or opinion in this manual. 
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This table shows the mutual 
"Sas togepeees bx aa bo Phas %> solubility of sodium chloride 
and sodium chlorate ata 
number of temperatures. The 
‘ figures are in grams and 
moles solute per liter. 
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Moles NaCl0O3 per 100ml solution 


This graph was obtained from the table above. 


Graph showing mutual solubility of 
NaCl and NaClO3 in moles solute per 
100ml solution. 


100 C 


52 Sodium Chlorate 


ORIGINAL MEASUREMENTS ; 
Winteler, F. 


COMPONENTS: 
(1) Sedium chloride; Nacl- [7647~14-5) 


(2) Sodium chlorate; Racy; (7775-09-9] 2, E€ectrocher. 1990, £, 169-2 
5 pits “2. 


(3) Water; 4,9; (7732-18-5] 


EXPERIMENTAL VALUES: (Continued) 


Composition of saturated solutions” 
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Cormusition of the solid phases not piven. 


This table shows mutual solubilities for NaCl and NaClO3 


at25C of concentrations of NaCl from 11.5 to 30 grams 
per 100grams wate 


It corresponds to the 
mutual solubility of NaCl 
and Na chlorate in units of 
grams/100grams water at 
25C 
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Cost of making chlorate 


People have argued that it costs a lot of money on power bills to make chlorate. The cost is small. 
Assume we are going to make one KG of Na Chlorate, thats 9.93 moles. Taking the following figures: 


1) One mole NaClO3 = 106.5g. 

2) One mole of electrons = one Farad = 26.8 Ah (Ampere hours). 

3) It takes 6 electrons to make one molecule of Chloride into one molecule of Chlorate. (2 electrons per Oxygen), 
that means it takes 26.8 X 6 = 160.8 Ah to make one mole of Na Chlorate (assuming 100% current efficiency, 
100% current efficiency means that every electron that goes into the cell will do what we would like it to do, ie. 
help to 'stick' an Oxygen onto a Chloride). 

4) We will assume that we will get 50% current efficiency using a back yard set up with no pH control. 

5) Power supply wastes 20% of the power that it delivers, (that's a bad supply). 

6) Assume that there is 6 volts across the chlorate cell. There will be no more than this with a sensible cell. 

7) Assume the price of power is 8 pence per KWh (kilo watt hour). The KWh is referred to (usually) as a unit of 
power. Thats approx. 12 cents per unit. It may be different in your area. 


We are making 9.4 moles (1kg) of Na Chlorate so we need 9.39 X 160.8 Ah = 1510 Ah of electrons to make 
1KG(100% efficiency) 

Assuming 50% current efficiency means that it will take twice this, ie. 3020 Ah (Ampere hours). 

If we run the cell at 10 amps this means we must run the cell for 302 hours to get one KG of Na Chlorate. 

We have 6 volts across the cell so we have a power usage in the cell of 6 V X 10 A = 60 watts. 

Assuming that the supply wastes 20% of the power it delivers which means we have 72 watts of power being 
dissipated in the total set up. 

72 WATTS for 302 hours = 21744 watt hours, = 21.744 KWh = 21.744 units. 

Assuming that the price of power is 12 cents per unit this means the power cost is 12 X 21.744 = 261 cents ($2.61). 
(worst possible case) 


The voltage across the cell will probably be much less than 6V, and may be as low as 3.6V. The power cost in the 
States is about 5.5 cents. 

The represents a power cost of about 57 cents per KG Na Chlorate produced. 

If you can buy Na Chlorate by the barrel it will be cheaper that above but not everybody has access to barrels of 
Chlorate. The cost above is not the total cost of course you must buy salt (fairly cheap), you must also allow power 
for boiling/evaporating solutions etc. Chlorate is not expensive to make. 
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What follows is some extracts from the article. 


Chlorate Production 


CHLORATES, ELECTROLYTIC PRODUCTION 


Sodium and potassium chlorate are produced commercially By electrolysis 
of aqueous solutions of the corresponding chlorides. Other chlorates, which 
have only limited commercial use, are made from sodium chlorate by 
metathesis. 

The sodium salt, NAC103, is made in an electrolytic cell having no 
ceabaragm and usually having anodes made from impregnated graphite. A few 
cells in this country now use lead dioxide anodes, while magnetite is also 
employed to some extent in European cells. Anodes may also be made of 
platinum or platinum-clad titanium. Mild steel is widely used for cathodes, 
although stainless steel and graphite are also employed. Steel, plastic, or 
concrete are used for cell bodies. Cell covers are plastic, asbestos-cement, 
or some other inert, nonconductive material. 


snip 


This reaction is favored at temperatures above 30C and at a ph below 7. 
Under alkaline conditions and temperatures below 30C the hypochlorate will 
remain unreacted. A typical chlorate cell is shown in Fig. 1. 


GAS VENT a 
a saree 


g 
I 
o 
a 
ea 


CATHOCE 


CON TAINFR 


Fir. 1. Typizal chlorate cell. 


Chlorate cells are operated at such a low temperature that not all of the 
heat produced can be carried off by evaporation of water from the 
electrolyte. Therefore, cooling coils are customarily employed. These coils 
are usually of steel, located within the cell, and are bonded to the cathode 
to provide protection against corrosion. External cooling of circulated 
electrolyte may also be used. Owing to the decrease of overvoltage at 
higher temperatures, and its effect on heat generation, the thermal 
conditions are inherently stable and cooling water may be controlled by a 
setting on a hand operated valve. The difference between the cell voltage 
and the theoretical decomposition voltage (2.3 volts) represents the heat 
which must be removed from the cell by cooling methods. 

Electrical supply and arrangement of chlorate cell systems are similar to 
those used in chlorine plants. Cells are usually connected in one or more 
electrical series operating at up to 600 volts, but the electrolyte and 
cooling water flows are in parallel. 

The cell covers are pr oveded with a gas duct system to vent the byproduct 
gas. Cell gas, principally hydrogen contaminated with oxygen and chlorine to 
the degree that it is usually not recovered, is vented to the atmosphere. In 


some systems air is drawn in over the vapor space and mixed with the 
ayeregen to drop its concentration below the explosive limit. Cells may 
also be sealed and operated with a high hydrogen content in the vent gas. 

Some facilities employ cells having bipolar electrodes which are arranged 
to divide a long narrow cell container into a large number of parallel 
chambers, each being an individual cell. One side of each electrode is 
anodic with the opposite side being the cathode in the next chamber. Current 
is introduced into the first electrode of the battery and leaves from the 
last. This arrangement allows a very simple electrical bus system and a 
compact arrangement of the cells. 

No outstanding advantages can be attributed to any particular cell 
design. The operating success of a plant is usually a function of the 
chlorate plant in its entirety. Whereas past practices have involved cells 
containing a large volume of dead space to allow retention time for the 
conversion of hypochlorite to chlorate and various cascade systems to allow 
for liquor flow through groups of cells in series, present practice tends 
toward large cells having no dead space and simple parallel liquor flow 
through individual cells. Advantages of this trend arise from the greater 
electrolyzing capacity per unit area of floor space and from simplified 
operation of the cells. These changes in design have not resulted in any 
apparent loss in current efficiency. 

Chlorate cells are not particularly sensitive to variations in operating 
conditions and will produce satisfactorily within a wide range for each 
variable. Thus, it is customary for _each facility to operate it's cells in 
such a manner as to obtain maximum fiscal economy, taking all plant expenses 
into consideration. Therefore, it is not possible to set forth exact 
operating data for chlorate cells and the following table merely contains a 
representative range of characteristics based on the use of graphite anodes. 

As in the case of chlorine cells, chlorate cells must be dismantled at 
the end of the useful life of the anodes for cleaning and anode replacement. 
The absence, of a diaphragm in the chlorate cell makes this repair 
relatively simple. 

It is customary to add several grams per liter of sodium chromate to the 
electrolyte to assist in maintaining pH on the acid side and to reduce 
corrosion effects on the metallic portions of the cell (not usable with 
lead dioxide anodes). In the event that either the cell container or the 
cooling coils are of metal, they are bonded to the cathode to provide 
cathodic proreceaon against corrosion. Fig. 2 is a basic flowsheet for 
sodium chlorate production. 


snip 


loss of chlorine from the electrolyte. Therefore, the stream being returned 
to the cells from the rundown tank is acidified with chlorine or 
hydrochloric acid using automatic control based on pits 

The feed to the crystallization system contains hypochlorite ion which 
must be removed by heating, air blowing, and/or acid or thiosulfate 
treatment. The feed is also made slightly alkaline with caustic soda 
following hypochlorite removal. Failure to remove hypochlorite and acid will 
cause serious corrosion problems in the evaporator. The liquor is 
subsequently filtered to remove anode mud and other solids. If required by 
the concentration of chlorate, the purified liquor may then be evaporated in 
continuous, multi-effect evaporaters until chlorate just starts to 
precipitate. The liquor is then transferred to either an evaporative or a 
surface cooled crystallizer where crystallisation takes place. In some 
systems "salting out" of chlorate with sodium chloride is employed. 

Crystallizers may operate at Pe pee rutee as low as -10C. The slurry 
from the crystallizer is continuously centrifuged to remove chlorate 
crystals, with the mother liquor being returned to the rundown tank. 
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Chlorates are reasonably stable but, since pney, are very powerful 
oxidizing agents, have a tendency to react strongly with reducing agents. 
Accordingly, great care must be taken that all equipment and plant 
facilities are kept clear of wood, oil, combustible organic materials, 
sulfur, ammonium salts, dust, and easily oxidizable metals such as aluminum 
and magnesium. Moving equipment must either be run dry or lubricated with 
water or fluorinated lubricants. Pump packings must be of the noncombustible 
bee Chlorate solutions are especially dangerous with respect to materials 
that are both absorbent and oxidizable. Rubber and plastics, although 
organic in nature, may be relatively safe for certain applications provided 
that they do not become impregnated with solution, that une? do not exude 
organic materials such as oils and plasticizers, and that their temperature 
is kept well below the ignition point. Good safety practice requires that 
employees in chlorate facilities wear a complete change of clean clothing 
every day and that it be washed after each shift. Clothing should also be 
changed immediately in the event that it is splashed with chlorate solution 
since, when ye chlorate-saturated fabric becomes violently combustible. 
Rubber shoes should also be worn since leather easily impregnates with 
chlorate solutions and becomes hazardous. Chlorate solution will easily 
creep into small cracks and other interstices in equipment and then form 


crystals. Upon crystallization, expansion occurs which may cause serious 
leaks. Chlorate solutions will also creep and deposit crystals in cell 
vents. Therefore, daily washdowns of plant facilities are advisable. 

Sodium chlorate is employed principally for pulp bleaching (reactant for 
chlorine dioxide aenerarian’ as a herbicide, and as an intermediate for 
the production of ammonium perchlorate, the oxidizer for most solid rocket 
peered Potassium chlorate is used in matches, flares, and pyrotechnic 

evices. 
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[~~~—Chilorate Cell Characteristics sd 
current density, amps/ft? [80-80 (?) 

[Current efficiency % [60-70 
[Power consumption, kwh/ton NaClO03  |[6,000 - 7,000 | 


[NaCl in electrolite, g/l  _—s'd(S0. - 200 ~~ 
[Sodium chromate in electrolite, g/l [2-7 
Temperature, c——S~S~S~dS =“ 


Graphite consumption, g/Kg NaCl03, 6.8 - 11.4 
Life of anodes, years 1 - 3 
Anode-cathode spacing, inches 0.3 - 0.5 
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Potassium Chlorate 
nae 


Potassium Chlorate is not hygroscopic and has no known hydrates. 

Potassium Chlorate can be made similarly to Sodium Chlorate. Since Potassium Chlorate is much less soluble than Na 
Chlorate the K Chlorate will crystallise out of the cell electrolyte as you run the cell. If you are using carbons as Anodes the 
Graphite will be difficult to separate out of the solid product and you will have to re-dissolve it in order to filter out the 
Graphite. Using pH control will greatly help here as there will be little Graphite sludge to filter out. If using Lead Dioxide 
there will be a small amount of brown Lead Dioxide on the bottom of the cell with the solid Chlorate and if you wish to 
remove it you will have to re dissolve the Chlorate and filter. This will take a lot of water as the K Chlorate is not very 
soluble and if you try to use very hot water you will get the K Chlorate crystallising out in the filter. 

Potassium Chlorate is by far the most popular Chlorate for the Amateur to make as it is dangerous to use Sodium Chlorate for 
Pyro stuff. If you keep your cell clean, use a MMO (DSA), or Pt Anodes and a non corroding Cathode (proper type of SS or 
Ti) you will be able to harvest almost pure K Chlorate from your cell at regular intervals. It should be given a wash using 
cold water to get rid of any KCl that is clinging to it. Washings should be returned to the cell so that nothing is wasted. 


KCI can be obtained as a fertilizer, it is called Muriate of Potash. It may have 49% K written on the bag. (100% pure KCl 
will have 52.44% K). In the USA where the %K is stated is a different way (as %K2O !) there may be 60% K2O written on 
the bag. 60% K2O = 49.8% K = 95% KCI (by weight). You may wish to purify the fertilizer grade by recrystilizion. 
Another possible source of KCl is with the people who sell equipment for softening water. Sodium Chloride is usually used 
in the devices but some people object to having any Sodium ion in their drinking water so they need to use Potassium 
Chloride. This KCl will be fairly pure. 

'Lo-Salt’ is a product containing both NaCl and KCl. These salts can be seperated as described in the book at this url 
http://www.thevespiary.org/sedit/Synthesis/Inorganic%20Preparations%20(Walton).djvu or you can use as is to avoid work. 


Run time 


You should start off your K cell with about 340g of K Chloride (approx.) per litre of water (saturated solution). When 
running the cell you may add water or KCI solution to top it up if evaporation allows. A similar modification, as per the Na 
cell, should be made to the run time of the K cell if you are using KCl solution to top up the cell. 

The run time for a K Chlorate cell can be calculated by simply dividing the figure's in the table (in the run time section for 
Na Chlorate) by 1.27 and using the resulting figure as per usual in the formula, or use the program. 


At the end of the run you will have a ppt of Chlorate on the bottom of the cell. 

Remove the Chlorate, and add 0.61 grams KCl for every gram K Chlorate removed from cell and top up with water if 
necessary. You will now be back (approx.) to the conditions at the start of the run. The run time will be the same as it was 
the first time. You will probably have to recrystallize your crop of K Chlorate to clean it up from Lead Dioxide or Graphite. 
If using MMO (DSA) and a non corroding cathode you can use after a single wash to remove Chloride. 


0.6 From: A. Nallet, R. A. Paris, 
ee Soc. Chim. Fr. 1956, 488 - 494. 


Mass ratio, kg KCi/kg H,Q ——» 


0.05 0.10 0.15 0.20 0.25 0.30 0.35 
Mass ratio, kg KCI0,/kg H,O ——» 


See also Large scale production of K Chlorate using Lead Dioxide Anode (pdf, 240k). 


Potassium Chlorate from Sodium Chlorate 


Potassium Chlorate can also be made by adding KCI solution to Sodium Chlorate solution (so called double decomposition). 
The Potassium Chlorate will ppt out as it is the least soluble of all the components in the solution. 

If you make Sodium Chlorate first and then make Potassium Chlorate by adding KCl, you can get rid of Lead Dioxide 
powder by letting the Sodium Chlorate cell settle for a day and then decanting off the Sodium Chlorate. This saves you the 
bother of filtering. You could probably get rid of the Graphite by the same method (if you are using a Graphite Anode) but 
you would have to let the cell settle for more than a day (give it a boil to get rid of dissolved gasses) and the decanting would 
have to be done carefully. When the decanting is done you will have a clear liquid containing Sodium Chlorate + NaCl that 
can be used to make your K Chlorate. 


The amount of KCl to add to the Sodium Chlorate will depend on the amount of Sodium Chlorate that you have in solution. 
You need the same amount of moles of KCl as there are moles NaClO3 if you want to get as much KC1O3 as possible. For 

every gram NaClO3 you will need 74.5/106.5 = 0.699 grams KCl. It is difficult to know how much NaClO3 you have in the 
solution if you have not started with solid NaClO3 and dissolved it in the water. 


The whole thing can be simplified if you are going to make more Na Chlorate in order to make more K Chlorate. If you 
simply estimate the amount of Sodium Chlorate in the solution and add the appropriate amount of KCl. You can do this when 
the solution is cold. Keep adding the KCI slowly with stirring until you are getting no more precipitation of KC1O3. Then stop 
adding the KCl and filter out the KCIO3. You can then start up the Sodium Chlorate cell again by using the solution that you 
filtered. There will now be enough Sodium Chloride in the cell for electrolysed to begin. There will be some K Chlorate 
dissolved in the cell but it will not matter. You will get it out the next time around. The run time will be similar to the first 
time around, or slightly shorter (5 - 10%). 


Some useful data 
[KCI|[KCI03|[NaCl[NaClo3 
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POTASSIUM CHLORIDE KCI. 


SOLUBILITY IN WATER. 


(Average curve from the results of Meusser — Z. anorg. Chem. 44) 79, ’05; at 31.25°, Kohler — Z. 
Ver. Zuckerind. 47, 447; Re Andrae — J. pr. Chem. [2 > 456, '84; Gerardin — Ann. chim, phys. 
[4] 5, 137, "653; de Coppet bid. [5] 30, 411, ’83; Etard Ibid. (7] 2,526, 94; Mulder; above 100°, Tilden 
and Shenstone — Proc. Roy. Soc. (Lond.) 35, 345, '83.) 


‘° Gms. KCl per 100 Gms. t° Gms. KCI per 100 Gms. t°. Gms. KCl per roo Gms. 
“Solution. Water. "Solution. Water. Solution. Water. 
—9 19-3 23-9 40 28.6 40.0 147 41.5 70.8 
~4-5 20.6 25.9 50 29:9 42.6 180 43-7 77-5 
O° 22.6 27.6 60 31.3 45.5 Solid Phase Ice 
5 22-7 29-3 7O0 «32-6 48.3 —9 19.3 23-9 
Io. 43.7 jt.o So: 93:8 §3.% —8. 17-7 21.5 
TS 94.5 32.4 90 35-I 54-0 —8 16.7 20.0 
GO 96.4 34:0 10o0)6=— 36.2: 456.7 —7 14-9 17-5 
a 9658 35-5 130 639-8 66.0 —6 13.6 Teo 
30 27-8 B70 —5-5 12.5 14.3 


Sp. Gr. of solution sat. at o = °1.150; at 15° = 1.172. 


Temperature C 


Graph above shows the solubility of some K Compounds. 


See Solubility tables for a collection of data regarding solubility’s of K Chlorate + K Chloride and K Chlorate + Na 
Chloride. 


Some patents on K Chlorate production are, US 4339312 and US 2287061 
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Lead Dioxide Anodes in the Large Scale Production of 
Potassium Chlorate from Potassium Chloride’ 


H. V. K. Udupa, S. Sampath,® K. C. Narasimham, M. Nagalingam, 
N. Thiagarajan, G. Subramanian, P. Subbiah, R. Palanisamy, 
S. John Peter,* S. Pushpavanam and M. Sadagopalan 


Central Electrochemical Research Institute, Karaikudi-3, §.Rly., India 
(Paper received 3 August 1973, amended paper accepted 3 January 1974) 


Potassium chlorate, which is used mainly in the manufacture of matches, was 
prepared by the electrolytic oxidation of potassium chloride in an 800 A cell 
using graphite substrate lead dioxide anode and stainless steel cathode. The 
cell was operated at an anode current density of 5 A/dm?, a temperature of 55 to 
60 °C and a pH of 6.0 to 7.0. A current efficiency of 82 to 85°% was obtained and 
an assay yield of 77% was realised for the recrystallised product. The cell voltage 
was 3.2 to 3.3 V with an energy consumption of 6,3 to 6.5 kWh (d.c.)/kg of 
potassium chlorate produced. 

The cell effluent, being clear and free from suspended impurities, could be 
processed further without filtration and pure potassium chlorate (>99%/) was 
obtained by recrystallisation, 


1. Introduction 


Potassium chlorate is used mainly in the manufacture of matches. It may be mixed 
with certain organic compounds such as lactose to give a relatively cool flame, so 
that certain dyes may be incorporated in the mixture to give coloured flares. To a 
limited extent, potassium chlorate finds application in pharmaceutical preparations 
and for heating pads. The hygroscopic property of sodium chlorate renders it un- 
serviceable in most of these instances and hence potassium chlorate is the natural 
choice. 

The successful substitution of graphite for platinum as anode material and the 
discovery of the effect of chromate addition to the electrolyte to prevent cathodic 
reduction, with the proper maintenance of pH by the addition of acid, made the 
chlorate production purely an electrolytic method.' The use of graphite substrate lead 
dioxide anodes in the production of sodium chlorate has been engaging the attention 
of this Institute and it has been proved that lead dioxide deposited over graphite 
increases the life of the graphite anode at least by three to four times.?~* 


* Presented at the 11th Seminar on Electrochemistry held at the Central Electrochemical Research 
Institute, Karaikudi-3 in November 1970. 
> Present address: The Western India Match Company, Ambarnath, Maharashtra, India. 
© Present address: Space Science and Technology Centre, Trivandrum-!I, Kerala, India. 
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On the basis of the results obtained on a laboratory scale,® one 800 A cell was run 
for the production of potassium chlorate starting from potassium chloride and using 
graphite substrate lead dioxide anode’ and the results of the same are presented in 
this paper. 


2. Experimental 
2.1, Cell assembly 


The 800 A cell having 16 numbers of graphite substrate lead dioxide anodes and stain- 
less steel cathode (Cell C1), which was used for the production of sodium chlorate’ 
was used for the direct oxidation of potassium chloride to potassium chlorate. The 
cell was a rectangular tank (i.d. 80cm long x 70 cm wide x 60 cm high with a wall 
thickness of 5cm) of 2501 capacity made of reinforced (cement) concrctc. Sixteen 
graphite substrate lead dioxide rods® (7.9 cm diam. x 60 cm long having a deposit of 
2 to 2.5 mm thick upto 52 cm height) were used as anode and the contact to the anode 
was given through a copper rod (1.6 cm diam.) screwed to the top portion of the 
graphite rod. Stainless steel cooling coils (1.6 cm i.d. and 1.9 cm o.d. 1208 cm Jong) 
and perforated stainless steel shects made up the cathode assembly and two such 
assemblies were used. Each row of anodes consisting of four rods of graphite substrate 
lead dioxide was suspended by means of iron flats. The four rows of anodes were 
placed in such a way that each anode was surrounded by the perforated cylindrical 
Stainless steel cathode. The inter-electrode distance was ]1.25cm. PVC (polyviny! 
chloride) (shect) covers and putty were used for sealing the cells and to make the cover 


gas tight. 


2.2. Electrolysis 


Initially the cell was charged with 2501 of electrolyte containing 280 g/l potassium 
chloride, To avoid cathodic reduction of hypochlorite, sodium dichromate was added 
to the cell feed to the extent of 2 g/l. The pH of the cell was maintained between 6.4 
and 7.0 by the addition of 2 N-hydrochloric acid. The cell gases were removed by means 
of exhaust arrangement. Direct current for the electrolysis was provided by a silicon 
rectifier (0 to 32 V and 1000 A). The temperature of the cell was maintained at 55 to 
60 °C. When the potassium chlorate concentration came to about 110 g/l, circulation 
of potassium chloride solution (290 g/l) was commenced. The cell effluent contained 
225 g/l potassium chloride and 106 g/l potassium chlorate. The hot liquor was cooled 
10 room temperature in order to crystallise out the potassium chlorate. The liquor after 
cooling contained 218 g/l potassium chloride and 36 2/l potassium chlorate. This 
Solution was resaturated with fresh solid potassium chloride when the concentration 
of the liquor became 286 g/l potassium chloride and 33 g/l potassium chlorate. This 
solution was fed to the cell at the rate of 20 1/h and this fast rate of circulation was 
maintained to prevent the crystallisation of any solid potassium chlorate. The con- 
centration of cell liquor and effluent were maintained at 245 to 260 g/l potassium 
chloride and 80 to 106 g/l potassium chlorate. The salt in the crystalliser was centrifuged 
and recrystallised. The purity of once recrystallised potassium chlorate was >99%. 
The conditions of electrolysis are given in Table |. 
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TABLE |. Operating conditions of the cell 


Current passed (A) : 800 
Quantity of electricity passed (kA h) : «172.8 
Anode current density (A/dm?) : #49 
Current concentration (A/1) > 3.2 

Bath voltage (V) : 3.2-3.3 
Temperature (°C) : §5-60 
pH :  6,0-7.0 
Current efficiency (%) : 82-85 
Assay yield for the recrystallised potassium chlorale (%) : 77 
Energy consumption (d.c.) (k Wh/kg of KCIO;) > 6.3 to 6.5 


2.3. Analysis 
The chloride and chlorate were estimated by Mohr’s method? and iodometric 
method,!° respectively. 

The material balance study carried out during the oxidation of potassium chloride 
to potassium chlorate for 9 days is presented in Table 2. 

The flow diagram of the process is shown in Figure 1. 


TasLe 2. Material balance study in the production of potassium chlorate from potassium chloride 


F . KCIO; 

Concentration of liquor present KCIO; Per- 
Conc. of feed liquor Final ; finally in to be centage 
Initial {after electrolysis) solution obtained KCIO; loss of 
Conc. Conc. Conc. Conc. after as per isolated KCIO; 
Sl. Volume of of Volume of of isolation current as during 

No. KCI KCIO, KCl KCIO, of product efficiency solid processing 
(l) (g/l) (e/l) (l) (g/l) (g/l) (kg) (kg) (kg) 
] 250 8 =©280.5 — 250 260.3 72.6 18.7 99 77.0 34 


286" 33° 


* Concentration of cell feed during circulation. 


3. Results and Discussion 


It has already been proved that the graphite substrate lead dioxide anodes have the 
advantage of possessing a longer life than the conventional graphite anodes in the 
electrolysis for chlorate production.?~* Due to the low solubility of potassium chlorate 
a larger volume of liquor has to be kept in circulation for production. The cell voltage 
was practically constant throughout the period of electrolysis owing to the conversion 
of a small percentage of chloride. Since the chlorine overvoltage on lead dioxide anode 
is higher than on graphite, the cell voltage at the beginning was higher than the starting 
voltage using graphite anode. However, continuous disintegration of graphite anode 
increases the inter-electrode distance and the celJl voltage increases with time in a 
cell using graphite anode. The average voltage of the cell using graphite anode is 
likely to be equal to that of a cell employing lead dioxide anodes. The advantage 
gained by the use of lead dioxide anode is due to the fact that the cell effluent, being 
clear and free from suspended impurities, could be further processed without filtra- 
tion. Even if there are any particles in suspension, they readily settle because the lead 
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Figure 1, Flow diagram of the process for the production of potassium chlorate from potassium 
chloride. 


Packed 
material 
pure KCIO3 


dioxide particles are very dense. On the other hand, the processing of the solution 
free from colJoida) graphite particles always involves one or more operational steps, 
when graphite is used as anode for chlorate production. Similarly, use of magnetite 
anodes present considerable difficulty in the removal of colloidal ferric iron from the 
product. The cell can be operated at a higher temperature using graphite substrate 
lead dioxide anode which is not possible using graphite anode, although this is possible 
with magnetite anodes. 
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Some data on mutual solubilities of K and Na compounds 


Potassium Chloride 
Concentration vs densi the 


~~ Potassium Chlerate 121 


ORIGINAL MEASUREMENTS: 
Naklec, A.: Parfa, R.A. 


COMPONENTS : 


(1) Soddum chloride; Nacl; [7647-14-53] 


BulZ, Soc. Choe, Fa. 1956, 494-7. 


(2) Potassium chlorste; KC104; {3811-04-9) 


(3) Water: HO; [7732-18-5] 


VARLABLES; PREPARED BY: 
Coaposicton 


T/K = 251.2 to 373 


Hiroshi Mfiyanoro 


EXPERIMENTAL YALUFS:  METHOD/APPARATUS/ PROCEDURE: 


The procedure of equilibration and the 
pothad for analysis of the saturated solu- 
tian were not derxecribed in the original 
paper, buc che conpfler asaunmen Chat the 
procedure and the method were xinmilar to 
that given in ref (1). See the coapilacian 
of this paper for the KUL-KC104-H90 system. 


“ESTIMATED ERROR: 


Nothing specified. 


SOURCE AND PURITY OF MATERIALS: SS 
The source and purity of asterials were 
mot reported in the original paper, but 
probably siailar to that described in ref 
(1). 


St wee te + oe 


“REFERENCES: 


1. Nallec, A.; Paris, R.A. 
Bull. Soc. Chim. Fa. 1956, 488. 


Compesition of saturated solutions 


Sedf{um chloride Potasalum chlorate Density Nature of the 
ef?c gflO0gH,0 = ass 7 pol % g/i00gH20 == ngs mol 2 gens3 “solid phase’ 
{comiler) (compiler) (coapiler) (conptier) 
= 22.0 30.3 22.3 8.77 2.63 2.56 0.461 1.205 AHCHE 
- 19.2 31.3 23.7 9.00 2.91 2.93 0.512 1.2085 afc 
= 19.2 27.1 21,3 7.93 2.82 2.74 0.<86 1.288 c+ 
- 9.8 33.4 25.9 9,71 3.93 3.75 9.700 2.221 At 
- 9.8 14.8 12.9 4.50 3.40 3.29 6.548 2.119 Crl 
=« &§ 5.61 5.31 1.75 4.56 3.42 0,538 1.051 : 
- 1.35 35.75 26. 34 10.45 5.02 4.37 0.902 1.233 AtB+C 
+ 10 36.0 26.5 10.7 6,90 6.45 1.245 1.235 Bre 
+ 36.3 26.6 13 11.52 10,33 2.097 1.2437 o 
+ 50 37.0 27.0 12.2 18.33 15.49 3.344 1.260 
* 70 37.9 27.5 13.4 28.1 22.1 §.22 1.283 . 
#100 39.3 28.2 16.9 51.4 33.9 9.69 1.338 is 


* a = NaCl. 2820; B = NaCl; C = KC105; 1 = Ice , 
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ORIGINAL MEASUREMENTS: 
Potassiue chloride: KCL; [7447?-40-7] DL Capus, C.; Scaletci, U. 


Potassiu chiorate; KC1O,: [3811-046-9} Gazz. Chir. Tta, 1927, 27, 391-9. 


Water; H0; [72732-18-5] 


VARIABLES: PREPARED BY: 


Y/K = 293 B. Scrosati and KH. Miyanoto 


= ; y - > 
ESTE SET Ne OLvee Composition of saturated solutfonse at 20°c" 


KCI RC1O, 
nasa x zl % mina = moi % 
{conpiler) {conpfiicr) 

0 a 6.75° 1.05 
1 o.3 4 4.9 

4 0.5 5 a8 

i n.8 4 1.6 

5 t 3.2 aw 
4.5 1.? 3 0.5 
9 2 2.5 9.40 
12 4.9 2.2 ou 
1% 4.2 2 0.3 
19 4.5 1.85 0.324 
22 6.5 1.5 9.27 
25 ey) Laz N.22 
276.08 7.856 a 5 


* Nature of solid phises mot reported. 


bo. } 
‘ Por the binary system the conpfler computes the following: 


zaly of ¥C103 = 0.591 mol kg! 


NIXELIARY [INFORMATION 


METHOD /APPARATUS / PROCEDURE; SOURCE AND PURITY OF MATERIALS; 
The mixtures of saltx and water vere stirred] No information given. 
{om a thermostat for ? days. Sazples of 

saturated solutions were withdrawn with a 


pipec ond vetghed. 


The chlorate fom concentration «as deter- 
mined by che Volhard mechod after reduction 
to chloride fon with zine and acetic acid. 
Probably, the potassium content was deter- 
mined by precipitation os the triple 
acetate of potassium, vranyl and magnesium, 
according to the sethod described by Kling 
and Laafieur (ref 1). 


ESTIMATED ERROR: 
Nothing specified. 


REFERENCES: 
1, Kling and Lasiour. Giorn. Chie, Trd, 
Appticata 1925, 7. 
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COMPONENTS : 
(Ll) Potassium chloride: KC1; [7447=40-7) 


(2) Potassiun chlorate; KC10_; [3812-04-9] . Chem. Fr. 1937, Ser. 5, 
+, 558-60 [See aso Bul. Soc. Chem, Fa. 
(3) Mater; Mp0; (7732-18-5] 1936, Ser. 5, 3, 350). 


VARLABLES: PREPARED BY: 
Composition 


T/K = 273.2 to 323.2 


Hiroshi Niyanoro 


EXPERIMENTAL VALUES: Composition of ssturated soluriona 
KCl KC10, Density Nature of the 
cfc mana F mol 7 naas 2 mo] Z g on} solid phase“ 
{canpfler) (compiler) 
a 4.00 0.00 , 3.05% 0.460 1.022 A 
8.47 2.2) 1.09 0.1739 1.068 s 
16.21 4.502 Q.82 4.14 1,12} ' 
21.16 6.135 0.7) aig 1.15? ACB 
21.90 6.346 0.40 0.00 1.153 B 
20 0,00 4.00 6.78" 1.06 1,044 A 
2.34 Qa.735 5.18 a, 815 1.051 = 
7.44 1.97 3.74 0,603 1.070 ee 
13.4? 3.711 2.64 0.409 1.106 " 
20.26 5.838 L735 0.409 1.159% a 
24.58 7.42) 1.55 0.285 1.184 AtB 
24.63 7.440 1.55 0.285 1.185 = 
25.17 7.388 0.89 O16 1.183 
25.70 7.724 0.10 0.00 1.176 m 
ca) 6.00 0.00 4, 24> 1.4 1,058 A 
4.67 1.24 6.62 1.07 - iol 
9,45 2.57 4.82 0.799 1.088 is 
11.03 3.032 4.18 0.733 1.097 u 
11.06 3.634 3.82 0.647 1.108 " 
17.86 5.151 3.2 0.547 1.140 i 


continued..... 


AUXILIARY INFORMATION 


HETHOO/APPARATUS / PROCEDURE : 


The system waa atudied by the {sethernal 
ee theod. 

The KCl0q4 waa added to the solution, satu- 
cated with KCL and atirred to establish 
equilibriua,. 

The chloride content vas deternined by 
Volhurd's acthed. For decernination of 
chlorate, a welghed sanounct of saturated 
aolution was added to excess FeSO, solution 
and titrated with pormanganacte golutian,. 
The denaities vere alac determined. 


SOURCE AND FURLTY OF MATERIALS: 


Pocagaium chlorate and chloride were pur- 
ehosed [ron Poulence. Xo ocher {nformation 
was given {nm the paper. 


ESTIMATED ERROR: 


Soly: nothing apecified, 
Teap: precision + 0.1 K. 


REFERENCES : 


128 


COMPONENTS; 
Potasaium chloride; KCl; [7447=40-7) 


«1) 


(2) 
(3) 


Potassium Chlorate 


Potassium chlorate; KC103; [3811-04-9] 


Water; H20; (7732-18-5) 


ORIGINAL MEASUREMENTS : 
Fleck, J. 


Bull. Soc. Chem. Fx. 1937, Sea. 5, 4, 
558-60 [see also Bull. Soc. Chem. Fa. 
1936, Sea. 5S, 3, 350). 


Composition of saturated solutions 


mol 2 
(coapiler) 


7.948 
7.96? 


8.143 
8.319 


0.00 
1.25 
2.1L 
2.41 
3.010 
3.725 
5.408 
6.162 


289 
8.273 


8.633 
8.884 


0.00 
2.41 
4.199 
3.526 


8.500 


9,003 
9.457 


KC105 Be KCL 


che binary syslen the compiler 


soly of KCIQq4 = 


0.257 mol kg” 


0.593 mol kg 


0.831 aol kg? 


1.076 201 kg7! 


1.41] nol kg! 


l 


mass % 


2.29 
2.29 


0.87 
0,00 


1,656 
9.20 
7.44 
Tate 
6.59 
9.44 
4.30 
3.88 


3.18 
3.14 


KCl, $ Nature of the 
nol = 2 eam? solid phase® 
(compiler) 


0.429 198 Ath 
0.429 = 


1.10h 
1.116 
1.148 
1.165 


1.206 
1.206 


1.196 
1.188 


1.88 
1,105 
1.147 


1.155 
1.204 


1.207 
1.194 


computea the following: 


at 


act 


ac 


ac 


at 


o*c 

20°C 
30°C 
40°C 


50°C 


Potassium Chlorate 129 


COMPONENTS : ORIGINAL MEASUREMENTS: 
(1) Potasaiun chloride; KCL; (7447-40-7} Donald, M.8. 


(2) Potassium chlorate; KC104; [3811-04-9] | J. Chem. Soc. 1937, 1325-6. 


(3) Water; R20; [7732-18-5] 


VARIABLES: PREPARED BY: 
T/K = 293, 323 and 348 Hiroshi Mtyanoto 


EXPERIMENTAL VALUES: 
Compoazition of saturated solutions at invariant points” 


KCl KC103 
t/°c mans % nol % mass % mol % 
(compiler) (conpiicr) 
25.0 7.58 1.56 0.288 
28.3 9.14 4.32 0,648 
29.3 9.99 8.08 1.68 


* Nature of the solid phases not spucified, 


AUXILIARY INFORMATION 


METHOD /APPARATUS / PROCEDURE; SOURCE AND PURITY OF MATERIALS: 


The odfective of this study was to determine | Nothing specificd. 
the solubilities at the invariant points. 

The chloride was exstinsted by Mohr's sethod, 

the chlorate by Rupp's method (1), and the 

water by direct weighing. 

No other Information fa given in che original 

piper. 


ESTIMATED ERROR: 


Nothing specified. 


REFERENCES : 


1. Rupp, &. 2. Anad. Chem, 
1917, $6, 580. 


POTASSIUM CHLORATE IKCIO3. 
SOLUBILITY IN WATER. 


(Gay- Lussac — Ann. am: Ee ee ba 
and Shenstone 
Etard —Ann. cohen spate ay 2, ae 043 at 90°, Kéhler — 


Gms. KC1O3 per roo Gms. 
———— ee, 
Solution. 


t°. 


Gms. KCIO; per roo Gms. 
ution. Water. 
= 


3:04 
4-27 
6.76 
7-56 
8.46 
II.75 
15.18 
18.97 


3-14 
4-45 
9.22 
8.17 
9.26 
¥3. 3% 
17-95 
23-42 


314, 1819; 


t°. 
3-3" 70 
5-0 80 
7.2 go 
8.6 Kove) 
10.1 120 
14-5 136 
19-7 190 
26.0 330 


* Gay Lussac. 


Pawlewski — Ber. 32, 1040,'’99; above 100°, Tilden 
35» 345 ‘81; see also B 


sp he rend. 112 1213) "QI; 
Z. anal. Chem. 18, 242, '79 9. 


22.55 
26.97 
31.36 
35 -83 
42.4 
49-7 
64.6 
96-7 


Water. 
29.16 32.5% 
36.93 39-6 
46.11 47-5 
55-54 56-0 
137% 73-7 
98-5 99-0 
183.0 183-0 
2930.00 
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Calcium Chlorate 


Using DC 


Calcium Chlorate can be used in pyrotechnics to make a pink colour. Some people have expressed an interest in 
making Calcium Chlorate by electrolysis as a way to ultimately make Ba Chlorate. The big problem with making 
Calcium Chlorate is the build up of Calcium hydroxide on the cathode which prevents current from flowing 
through the cell soon after the cell is started. The solubility of Calcium Hydroxide is very low and it forms on the 
cathode as a crust which is difficult to remove. Some have suggested running the cell at a low pH using additions 
of HCl to keep the pH low but the cell needs too much attention adding the HCl. The lower pH will also reduce the 
current efficiency and allow a lot of chlorine gas to escape from the cell and lower molar efficiency. It does not 
seem to work anyways. 

The only cathode material that has been found to be successful in making Ca Chlorate is Titanium (Ti). Other 
cathode materials that were tried are listed below in order of 'best' to worst. 


Stainless steel, this was the best of a bad lot but it should be considered useless. 

Copper, similar to SS 

Iron, useless 

Aluminium, useless 

Nickel, useless 

Zinc, useless 

Tungsten, useless 

Graphite, useless 

The problem was that the current stopped flowing after a short period as the hydroxide sticks to theses materials. It 
is not known why it does not seem to stick to Ti to any great extent. Lower current densities on the 'bad' materials 
was tried but the current stopped after about the same amount of charge had passed through the cell. Increasing the 
voltage across the cell was useless as the current only flowed for a small amount of extra time and then fell to zero. 
Resting the cathode by turning off the cell current every few seconds proved useless. 


Ti can be got from welding supply shops in the form of welding rods, a 'sample' can often be got. The rod can be 
bent in a spiral around the anode. Racing and mountain bike shops may be able to supply scrap Ti. 


The current density on the Ti cathode was in the region of 80mA/cm?. The cathode needed to be cleaned every 24 
hours or so at the start of electrolysis and also as the cell came near toward becoming a Perchlorate cell (if you run 
it that long). In between it was cleaned every two days or so, perhaps it would run for longer without any attention. 
A dilute solution of HCl was used to put the cathode into, in order to remove any Hydroxide that built up on it. 


The pH of the cell remained around about 7 throughout the run, this is close to the ideas pH for a Chlorate cell for 
maximum current efficiency. A current efficiency of 68% was measured. This current efficiency was measured by 
letting the cell run until Perchlorate was seen to form (detected with methylene blue) and assuming that there was 
10% Chloride unconverted to Chlorate. The current efficiency will be higher if you stop and harvest your cell 
sooner. 


The starting concentration of CaCl, was 175 grams dissolved in 500ml water which give 600ml of solution. The 


temperature of the solution was about 60C. The current was run at 3.5 amps and the anode was lead dioxide and the 
cathode was Ti. 


Note that when calculating the ampere hour requirement of the cell that Ca Chloride takes 12 moles of electrons 
per mole of Chloride (100% efficiency). 


Using current reversal 


The problem of the build up of Hydroxide on the cathode can be stopped by using two graphite electrodes and 
reversing the current that is applied to the cell every 30 seconds or so. This is not hard to do, you simply use a 
reversing relay to connect your DC supply to the cell and connect a timer that switches the relay every 30 seconds 
or so. 

The switching time should be no less that 15 sec and should not be long enough for the current going through the 
cell to drop due to hydroxide build up on the electrode that is (temporarily) the cathode. No other electrodes should 
be used in this set up as they will corrode. DON'T use lead dioxide as it will be destroyed, perhaps Pt would do! 
The carbon anodes used in this set up don't shred in the normal manner, they seem to become a porous mass of 
Calcium Carbonate and eventually become non conductive and must be replaced. The replacements do shred in the 
normal way. As with normal use of carbon the temperature should not be let above 40C and the cell should not be 
run long enough to allow the Chloride concentration to become low. Current efficiency was not measured with this 
set up. 


100 
5 
© BO 
3 Ca Chlorate 
= ?? 
= 
> 60 
i—| 
= 
o 
= 
=40 
| 
“ 
pa . . . . 
Ca perchlorate is very soluble 
© 20 (190g per 100ml water at 0 C). 


“It is also hygroscopic. 
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Some properties of Ca Chloride and Chlorate 


CaCl [Ca(clo3) 2 
por 


Molecular weight 111 207 


The following is from Electrolysis of Solutions of Calcium Chloride. By H. Bischoff and Fritz Foerster (Zeit 
Elektrochem., 1898, 4, 464). Available on Google books. This is translated from the German. 


Oettel's statement that a better yield of Chlorate is obtained in the electrolysis of Calcium Chloride than in that of 
Potassium Chloride is confirmed. Measurements of the gases evolved during the electrolysis give the percentages of 
the current employed 

(a) in the formation of Hypochlorite, Chlorate, and Perchlorate, 

(b) in reducing hypochlorite at the cathode, 

(c) in decomposing water. 


When a solution of 74.3 grams of Calcium Chloride in 500 c.c. of water is electrolysed with 6.7 Volts, and current 
densities of 9.1 Amperes per sq. dcm. at the Anode and 13 Amperes per sq. dcm. at the Cathode, 85.7 to 90.4 per 


cent, of the current yields Oxygen compounds of Chlorine, mainly Chlorate, 1.4 to 2.9 per cent, reduces 
Hypochlorite, and 7.8 to 12.8 per cent, decomposes water. 

With a solution of 100 grams of Potassium Chloride + 7.5 grams of Potash in 500 c.c. of water, the E.M.F. being 
4.8 Volts and the current densities the same as before, the corresponding values were 50.9 to 61.9, 12 to 19.9 and 
20.8 to 29.6. Both solutions were cooled with ice. A solution of Barium Chloride gave results very similar to those 
obtained with Potassium Chloride. 

The small reduction observed with Calcium Chloride is probably due to a layer of Calcium Hydroxide on the 
Cathode which acts as a diaphragm ; the greater part of the Calcium Hydroxide formed combines with Chlorine, 
but part of it remains undissolved, free Hypochlorous acid existing in the solution and volatilising with the gases 
evolved. Further experiments show that at 20—25° the best yield of Chlorate is obtained from solutions containing 
at least (preferably much more than) 10 per cent of Calcium Chloride, and with a current density of 10 Amperes 
per sq. dcm. at the Anode and at least double that amount at the Cathode; the yield is nearly 90 per cent. The 
deposit of Calcium Hydroxide on the Cathode considerably increases the E.M.F. required; at 50°, however, 4.55 
Volts suffice, and the yield is but slightly reduced (80 to 87 percent.) 
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You cannot make Ammonium Chlorate by Electrolysis. When Ammonium Chloride is Electrolysed other 
dangerous explosive compounds form. 


Ammonium Chlorate is itself an unstable dangerous explosive compound and has absolutely no place in 
Pyrotechnics. 
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Magnesium Chlorate 


Electrolytic preparation of Magnesium Chlorate from Magnesium Chloride, PDF file (320K). 
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SHORT COMMUNICATION 


Electrolytic preparation of magnesium chlorate from magnesium chloride 
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Received 26 June 1991; revised 10 April 1992 


1. Introduction 


The preparation of alkali metal chlorates by electroly- 
sis of the corresponding chlorides has been studied by 
various authors [1]. However, reports of electrochemi- 
cal methods for preparing alkaline earth metal chlora- 
tes are scarce, even though their salts have some spe- 
cialty applications [2, 3]. In the case of the electrolysis 
of magnesium chloride, the precipitation of the mag- 
nesium hydroxide due to its low solubility is proble- 
matic, leading to a loss in current efficiency. Further, 
heavy deposits of magnesium hydroxide form on the 
cathode with consequently increased cell voltage. This 
difficulty has been obviated using a rotating stainless 
steel cathode which minimises hydroxide precipita- 
tion. A titanium coated metal oxide anode was used 
for the oxidation of magnesium chloride to mag- 
nesium chlorate. This paper presents results for the 
preparation of magnesium chlorate from magnesium 
chloride [4]. 


2. Experimental details 


The electrochemical cell consisted of a 500cm’ glass 
vessel fitted with a PVC cover having suitable holes to 
introduce the electrodes, a pH sensor and a ther- 
mometer. The cathodes were cylindrical stainless steel 
rods of different dimensions (830mm (A) x 10mm 
(dia.), 70.5mm (hk) x 15mm (dia.) and 90mm 
(kh) x 25mm (dia.)). Depending on the parameters, 
each cathode was fitted to a rotating assembly and 
positioned at the centre of the cell. Noble metal oxide 
coated titanium mesh or strip(s) [5] surrounding the 
cathode acted as anode with an inter-electrode dis- 
tance of 5mm. The temperature of the electrolyte was 
controlled to the desired value with a variation of 
+1K, by adjusting the rate of flow of thermostatic- 
ally controlled water through an external glass cooling 
spiral. 450 cm? of electrolyte, prepared from laborat- 
ory grade magnesium chloride, was used for each 
experiment. 

Electrical connection to the cathode was via a mer- 
cury cup. The electrolyte pH was regulated to 
+0.05 pH units by adding either acid or base. Each 
experiment was continued until the theoretical charge 
had been passed. Chloride was estimated using 
Mohr’s method [6]; chlorate was estimated iodome- 
trically [7] and magnesium was determined by titra- 
tion with EDTA at pH 10 using Solochrome Black T 
as indicator [8]. 
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3. Results and discussion 


The reactions occurring in a chlorate cell have been 
studied in detail in the case of alkali meta! chlorates 
[1]. The primary electrochemical reactions are chlorine 
evolution at the anode and OH™ formation at the 
cathode, which, depending on the pH, subsequently 
undergo chemical or electrochemical reactions to give 
chlorate. However, there are a number of secondary 
or side reactions leading to a decrease in the current 
efficiency [9]. In the case of alkaline earth metal ca- 
tions an additional cathode loss reaction viz., precipi- 
tation of metal hydroxide, 


M?+ + 20H- + M(OH),{ (1) 


is encountered due to the low solubility. The precipita- 
tion of these metal hydroxides depends on factors such 
as cation concentration, pH, current density, tem- 
perature and cathode rotation. 


3.1. Effect of initial magnesium chleride 
concentration 


The results for different initiat concentrations of mag-.. 
nesium chloride ranging from 1.0 to 3.0M and main- 
taining other parameters constant, are given in Fig. 1. 
The current efficiency increased with increasing initial 
concentration and was maximum at 2.0 to 2.5M; . 
beyond this it decreased. This is because at higher 


Current efficiency | °o 
Energy consumption / kWh kg”! 


Concentration of MgCly (m) 


Fig. 1. Variation of current efficiency and energy consumption with 
concentration of magnesium chloride. Conditions: Electrolyte: 
pH 6.0; temperature: 333K; anode current density: 15.0 Adm~?; 
cathode current density: 14.0 Adm~? and cathode peripheral veloc- 


ity: 40m min~!. 
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Electrolyte pH 


Fig. 2. Variation of current efficiency and energy consumption with 
electrolyte pH. Conditions: Electrolyte concentration: 185 gdm~?; 
temperature: 333K; anode current density: 15.0A dm~?; cathode 
current density: 14.0Adm~ and cathode peripheral velocity: 
40mmin“'. 


concentrations the precipitation of magnesium hyd- 
roxide is increased, thereby reducing the current effi- 
ciency. 


3.2. Effect of pH and cathode current density 


Figures 2 and 3 show the effect of electrolyte pH 
(ranging from 4.0 to 7.0) and cathode current density, 
respectively, on current efficiency. Unlike the alkali 
metal chloride reactions, the pH and cathode current 
density play a significant role in determining chlorate 
formation as they are directly connected with hyd- 
roxide formation. 

Attempts have been made to measure the cathode 
surface pH, [pH], adopting different methods by 
various authors [10]. The change in pH, (ApH) is 
related to the bulk pH [pH,,,] and current density. At 
lower current densities ApH is not appreciable whe- 
reas at higher current densities ApH increases signiti- 
cantly, even when pHy, is lower [10]. In this case 
current efficiency is found to be maximum around 
pH6.0. But when pH, becomes 7.0, pH, is more 
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Fig. 3. Variation of current efficiency and energy consumption with 
cathode current density. Conditions: Electrolyte concentration: 
185 gdm _~?; electrolyte: pH 6.0; temperature: 333 K; anode current 
density: 15.0 Adm~’; cathode peripheral velocity: 40m min7. 


alkaline, thereby favouring the precipitation of mag- 
nesium hydroxide and releasing an equivalent amount 
of free chlorine with a loss of efficiency [11]. Below 
PH, 5.00, it is well known that the efficiency decreases 
due to evolution of free chlorine [1]. Figure 2 shows 
this trend; the current efficiency was maximum around 
pH 5.5 to 6.0. 

Kurdrayavstev e¢ al. [12], found that in the case of 
KCI solution, using a platinum electrode, the surface 
pH increased with increasing current density. Starting 
with an initial pH of 4.8 the pH becomes 5.9 and 14.0 
at current densities of 0.1 and 100 Am~?, respectively. 
At still higher current densities the increase in pH is 
higher. In the present instance, with high current den- 
sity the pH,, can easily reach > 14, thereby becoming 
alkaline, resulting in the precipitation of metal hyd- 
roxide on the cathode surface. 

According to the Mg-H,O Pourbaix diagram [13], 
magnesium hydroxide formation is predicted by 


Mg? + 20H- — Mg(OH), (2) 
log[Mg**] = logK — 2pH (3) 


Table 1, Effect of anade current density on current efficiency for the preparation of magnesium chlorate 


S. No. Anode current Voltage/V Final 
density/A dm-~* concentration 
igdm~” 
cr Clo; 
1 5.00 3.9 15.0 242.0 
2 10.00 4.0 11.0 260.0 
3 15.00 4.2 9.7 275.0 
4 20.00 4.3 74 301.0 


Loss of Current efficiency Energy cansumption 
Mg?*/gdm-3 for Mg(ClO,); for Mg(Cl0,),/ 
farmatian/% kWh kgo' 
10.2 64 10.2 
8.7 69 9.8 
79 73 9.7 
6.8 78 9.3 


Concentration of MgCl: 185.0gdm~?; electrolyte pH 6.00. 
Temperature: 333 + 1K; cathode current density: 40 Adm~?. 
Cathode peripheral velocity: 40m min“. 

Theoretical quantity of electricity passed: 273 Ah. 
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Table 2, Effect of temperature on current efficiency for the preparation of magnesium chlorate 


S. No, Temperature! K Voltage/V Final 
concentration 
lgdm™ 
cl clo, 

1 313 43 4.0 210.0 

2 323 4.2 73 242.0 

3 333 4.2 9.7 275.0 

4 343 3.9 8.0 298.0 


Loss of Current efficiency Energy consumption 

Met lgdm-? for Mg(Ci0,), Sor Mg(Cl0,),/ 
formation] % kWhkg"! 

8.9 55 13.0 

8.1 64 11.0 

7.9 73 9.7 

71 719 8.3 


Concentration of MgCl: 185.0gdm~°; electrolyte pH 6.00. 


Anode current density: 15.0 Adm~*, cathode current density: 40 Adm~?. 


Cathode peripheral velocity: 40m min~'. 


Theoretical quantity of electricity passed: 273 Ah. 


The magnesium hydroxide forms an adherent coating 
over the cathode in the pH range 8.5 to 11.5. The value 
of pH, goes beyond 11.5 as current density increases 
and, consequently, the precipitation of magnesium 
hydroxide occurs with a reduction in the overall cur- 
rent efficiency. Figure 3 shows this trend; the current 
efficiency decreases with increasing cathode current 
density from 14.0 to 40.0 Adm~?. 


3.3. Effect of anode current density 


The results of the influence of anode current density 
on current efficiency are shown in Table 1, which 
indicate that the current efficiency increases with in- 
creasing anode current density. It has been reported 
[1] that increasing the anode current density results in 
an increase in current efficiency, which is in agreement 
with the results obtained in the present experiments. 
However, as the cell voltage increases with increasing 
current density, consequently resulting in higher en- 
ergy consumption, a compromise has to be arrived in 
selecting the current density for further investigation. 
It was thus maintained at 15.0 Adm“? for subsequent 
experiments. 
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Fig, 4. Variation of current efficiency and energy consumption with 
cathode peripheral velocity. Conditions: Electrolyte concentration: 
185 gdm’; electrolyte: pH 6.0; temperature: 333 K; anode current 
density: 15.0 Adm? and cathode current density: 14 A dm7?. 


2 


3.4. Effect of temperature 


Due to the higher solubility of magnesium hydroxide 
[14] as well as the increase in the rate of chlorate 
formation at higher temperature [1], the current effi- 
ciency is expected to increase with increasing tem- 
perature. This has been confirmed by the results in 
Table 2, where an increase of current efficiency from 
55 to 79% is observed on increasing the temperature 
from 313 to 343K. 


3.5. Effect of cathode rotation on current efficiency 


Even in the absence of mechanical agitation the cath- 
ode surface layer is continuously disturbed due to 
hydrogen evolution, so that the pH, may change only 
gradually. In the present case the gas evolution is 
probably insufficient to maintain the pH at the de- 
sired value. To achieve such pH control the cathode 
was rotated. It has been found [15] that increasing the 
peripheral velocity produces the desired value of pH, 
as against that with slower rotation. Figure 4 shows 
that current efficiency increases with cathode periph- 
eral velocity and is maximum at 82mmin7'. This is 
due to the effective removal of OH™ ions produced at 
the cathode, consequently minimizing the precipita- 
tion of magnesium hydroxide. 

In general the current efficiencies during the elec- 
trolysis of alkaline earth metal chlorides are less than 
those for chlorides of sodium or potassium [2]. This 
may be attributed due to the differences in the solubil- 
ity of the respective hydroxides. 


4. Conclusion 


The electrochemical oxidation of magnesium chloride 
to chlorate proceeds efficiently, when 2M MgCl, 
(pH 6.00) is electrolysed at an anode current density of 
150Adm~’, a cathode current density of 
14.0 Adm ?, a temperature of 333 K and with a cath- 
ode peripheral velocity of about 60-80mmin“'!, to 
achieve current efficiencies of 80-90%, corresponding 
to the energy consumptions of 8.5 to 7.3kWhkg™! of 
magnesium chlorate. 
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Barium Chlorate 


Note: Barium is poisonous and should be treated with caution. 


Some notes on Barium Chlorate chemistry (Tom Perigrin) 


The ability of a molecule to act as an oxidizer is at best only vaguely related to the count of oxygens per molecule. 
Barium chlorate has a formula weight of 304.23. Sure, there are 6 oxygens, but there is a lot of weight in the 
Barium atoms. A 100 gram sample of Barium Chlorate contains 31.55 grams of oxygen atoms. Potassium chlorate 
has a formula weight of 122.55, with 3 oxygens. This means that a 100 gram sample contains 39.17% oxygen. In 
fact, on a weight/weight basis, there is more oxygen in a gram of Potassium Chlorate than in a gram of Barium 
Chlorate. 


Next - Barium surprisingly has essentially the same radius as Potassium. According to CRC, Crystal Ionic Radii, 
59'th Ed, page F-213, the radii of Barium 2+ and Potassium + are 1.34 Ang, and 1.33 Ang respectively. (Why? 
There are two charges on the Ba, which means that the counterion is more strongly attracted, and quantum 
mechanical theory shows that when low lying d-orbitals are available there may be a surprising amount of electron 
density and back bonding in those orbitals, thus creating an anisotropic opportunity for unusually close approach). 
So, the difference in the crystal lattice stability cannot be ascribed to the difference in size (aka... "larger"). 


Then we get to the greater conundrum... heats of formation. Barium Chlorate is actually MORE stable than 
Potassium Chlorate, as regards formation from the elements. The heat of formation of Ba(C1O3)2 is -184.4 
kcal/mol, while Potassium Chlorate is only -95.1 kcal/mol. However, the heat of decomposition as measured to 
stable products is much better for Ba(ClO3)2 at -28 kcal/mol, while it is only -10.6 kcal/mole for KCIO3. How can 
this be? It's due to the fact that the products of decomposition are MUCH more stable in the Barium case than in 
the Potassium case. This means that more heat is released when Barium Chlorate decomposes. 
Thus, a small initial reaction returns more heat to the surrounding composition, thus more easily 


creating a runaway reaction. 


There is a process for making very pure Barium Chloride (dihydrate) here from pottery grade Barium Carbonate. 


Ba(ClIO3)> by electrolyses 


Electrochemical Preparation of Barium Chlorate from Barium Chloride (pdf file, 100k) 


Barium chlorate is used for making vivid green colour in pyrotechnics. If you make it by double decomposition 
with Barium chloride and Sodium chlorate it will be difficult to remove all of the sodium ion from the product and 
the yellow colour that sodium gives will effect the vivid green colour that you desired. Some have suggested using 
Calcium chlorate instead of Sodium chlorate. 

It can be produced easily enough by electrolyses but the current efficiency is lower than with other chlorates. 

The solubilities of the chlorate and the chloride are not very far apart and it is not possible to get a large crop of 
pure crystals out of the electrolytic cell. This is not a problem as you can take a small crop and recycle the rest. 
About 40g chloride per 100ml water is put into the cell and the cell is run for the required run time. It should be 
noted that the chloride has water of crystallization and has the formula BaCl2:2H2O. The current efficiency will be 
about 30 - 40% without pH control. The cell liquor is evaporated until crystals form and a crop of Ba chlorate 
removed. 
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Some properties of Ba chloride and chlorate 


|  BaChy:2H,0 | Ba(ClO3)9 


Molecular weight ||244 [304 


Some solubility data for Ba compounds can be had here. 


Non-Electrolytic production of Barium chlorate 


A non-electrolytic method of making Ba(ClO3)2 requires some other starting materials, but works very well. 
By the Tinman 


You will need: 

KC1O3 

Tartaric Acid (C406H6, a harmless, inexpensive material extracted from fruit) 

Ammonia water 

and either Barium Hydroxide or Barium Carbonate 

I always used the hydroxide, but I don't see why the carbonate wouldn't work as well. If you make BaCO3 from 
either sodium carbonate or sodium bicarbonate, be sure to remove all the sodium, or your final product will be 
contaminated and not give you the green you want. This may require MANY washings. 


BaCl2(aq) + Na2CO3(aq)---------------- > 2NaCl(aq) + BaCO3(ppt) 
Or 
BaCl2(aq) + 2NaHCO3(aq)--------------- > 2NaCl(aq) + BaCO3(ppt) + H20 + CO2(g) 


A small sample of the washed BaCO3 may be put on an iron (careful that you don't heat the nail too much or it will 
show a yellow colour, don't use the end of the nail either) nail (don't use copper wire) and held in the flame of a 
propane torch to see if there is any yellow color from sodium contamination. If there is, keep washing it until there 
isn't. 


Now, make a solution of tartaric acid in hot water and add enough ammonia to make ammonium bitartrate. Do not 


add excess ammonia.: 
C206H6(aq) + NH40H(aq)--------------- > C206HS5NH4 + H20 
[I'll let you figure out the proper weights according to these equations. ] 


Next, make a near saturated solution of KC1O3 in near-boiling water to add to the ammonium bitartrate from the 
previous rxn.: 


KCI1O3(aq) + C2O06HSNH4(aq)------------- > C206H5K (ppt) + NH4C103(aq) 


The potassium bitartrate (a.k.a. cream of tartar) is only sparingly soluble in cool water, and this leaves ammonium 
chlorate in solution after you have let the rxn mixture cool. Do NOT try to isolate the NH4CI103, leave it in solution 
where it will be stable. 


Finally, add the BaCO3 to the NH4CI103 sol'n and boil. boil, boil until you no longer smell ammonia coming off. 
Add water as necessary to maintain liquid volume: 


2NH4CIO3(aq) + BaCO3(aq/slurry) + [boiling] ------ > Ba(ClO3)2(aq) +2 NH3(g) + H20 + CO2(g) 


The boiling may take several hours. This will leave you with a solution of Ba(ClO3)2, possibly having a slight 
potassium contamination, which will not affect flame color. 


Continue boiling until you see crystals of barium chlorate appear, let cool and filter. The filtrate liquor may be 
evaporated to dryness for further product retrieval, if desired. 


If you decide to do an electrolysis, it is not worth making Barium Perchlorate, as it is hygroscopic. 


IMHO, Ba(C1O3)2, when used with the right comp, makes a superior green to anything I have seen made with just 
Ba(NO3)2 as the colorizing agent. 


As you correctly guessed, using potassium bicarbonate (if you can conveniently get it) instead of sodium 
bicarbonate will eliminate the sodium contaminating problem, and KHCO3 will react in the same manner as 
NaHCO3 here. But it still must be a reasonably purified finished product. I say this because some of the problems 
I've seen you post about poor flame colors sound very much like a contamination problem. 


From David Brainwood 


The method for making very pure barium chlorate on a laboratory scale involves an ammonium chlorate stage. 
KCI1O3 and (NH4)2 SO4 in solution are evaporated until a thin slurry of K2SO4 begins to form the rest of the 
K2S04 is precipitated with alcohol. A solution of NH3CI103 is left in solution. The alcohol is then removed by 
distillation (presumably around 70degC) The text then warns that NH4C103 has a tendency to explode but neglects 
to mention whether this is the salt or solution. A barium hydroxide solution is then added and the solution is then 
kept hot until the ammonia odour has disappears. The solution is then evaporated until dry then redissolved in 
water. CO2 is bubbled through to remove any barium hydroxide as barium carbonate. The filtrate is then 
evaporated to crystallisation. 


Your method sounds plausible, however while barium carbonate is supposed to react with ammonium nitrate to 
yield barium nitrate I do not know what the reaction with ammonium chlorate would be like. If it doesn't work well 
you could use barium hydroxide I have prepared barium hydroxide by making barium acetate from acetic acid and 
barium carbonate. I then reacted the barium acetate with sodium hydroxide and then reduced the volume of the 
solution by boiling. I then cooled the solution to precipitate the much less soluble barium hydroxide leaving the 
highly soluble sodium acetate in solution. The barium hydroxide was a pain to purify and required many washings. 
I think a better method would be to make BaCl2 from BaCO3 and HC] then add an ammonia solution before 
recrystallising out the barium hydroxide leaving the more soluble NH4C1 in solution. 


HIT THE BACK BUTTON ON YOUR BROWSER 


Synthesis and isolation of barium chloride 


This is not a real experiment, but a description of how to make pure barium chloride 2-hydrate from cheap 
potteries grade barium carbonate. From 1 gram of potteries barium carbonate also 1 gram of pure barium 
chloride 2-hydrate can be obtained. This synthesis can be done easily with batches of 10 to 50 grams of 
barium carbonate. Less than 10 grams is not recommended, because mechanical losses will become 
relatively large when small quantities are used. More than 50 grams per batch may be impractical for many 
people, because it requires the use of big beakers. 


The procedure given below requires some patience, but it is not hard to do nor does it require a lot of 
effort. Most of the time you have to wait for evaporation of a liquid or settling of a fine precipitate. The final 
result is a snow-white material which gives a clear solution in distilled water and which shows a pure green 
flame color, free of sodium ions. The resulting chemical can be used for experiments or used as a starting 
point for making other barium compounds, such as barium bromate or barium iodate. 


i 
® Required chemicals: 
¢ barium carbonate, cheap potteries grade 
¢ hydrochloric acid, 10% 
¢ distilled water 
¢ hydrogen peroxide, 3% 
® Required equipment: 
* glass beakers 
* evaporating dish 
* long tall bottle or set of test tubes 
* syringe with thin flexible tube attached, or a pipette 
¢ filter paper and funnel (preferably, but not required) 
¢ ifno pure hydrochloric acid is available, an acid-resistant distillation setup is required as well 
® Safety: 
¢ Barium compounds are toxic, avoid inhalation of dust or fine aerosols, containing barium salts. 


* Potteries grade (cheap) barium carbonate also contains a few percents of barium sulfide, which 
gives very toxic and very smelly hydrogen sulfide when it is dissolved in hydrochloric acid. 


¢ Hydrochloric acid at a concentration of 10% is moderately corrosive. If this comes in contact with the 
skin, then rinse with some water. 


® Disposal: 


« Asmall amount of waste is produced. For each 10 grams of barium carbonate used approximately 1 
gram of barium-containing waste is produced. If only a few grams of barium chloride is prepared, 
then this waste can be flushed down the drain, but if larger quantities are processed, then it is best 
to bring the waste to a proper processing facility. 


Step 1: Dissolving of the material in dilute hydrochloric acid 


In this step, the barium carbonate is dissolved in dilute hydrochloric acid and prepared for the second step 
of the synthesis. This first step can best be done outside, because of formation of a toxic aerosol and 
because of formation of toxic and smelly hydrogen sulfide. 


® Put the barium carbonate in a glass beaker. When 10 gram is used, take a 100 ml beaker, when 25 
gram is used, take a 250 ml beaker and when 50 gram is used, take a 500 ml beaker. 


® For each gram of barium carbonate take 5 ml of distilled water. Add the water to the solid barium 
carbonate and swirl the beaker, such that a slurry of barium carbonate in water is formed. Assure that no 
dry clumps of barium carbonate are left in the water. With a plastic or glass rod break apart any clumps of 
dry powder which are not yet wetted. 


® For each gram of barium carbonate take 4 ml of 10% hydrochloric acid. This is a slight excess amount. 
The acid must be a good quality acid, it must be colorless and free of dissolved non-volatile impurities. 
Good colorless acid can easily be made from impure material with a glass distillation setup (see below). 


A Slowly pour the acid in the suspension of barium carbonate in water. Do not add too much acid at once, 
because the liquid strongly froths when acid is added. Swirl the beaker after each addition of acid until 
fizzling stops. Then add the next portion of acid. Do this outside or in a fume hood. Besides carbon dioxide 
also some hydrogen sulfide is formed, because of the sulfide content of the cheap potteries grade barium 
carbonate. Due to the strong bubbling also many small droplets of liquid are sprayed around. For this 
reason it is best to do this step outside. Stop adding acid when the liquid is not completely turbid anymore 
or until 4 ml of acid is added for each gram of barium carbonate. You will not obtain a completely clear 
liquid, it remains opalescent even if a large excess amount of acid is added. So, as soon as the liquid 
becomes opalescent instead of milky-white, no more acid needs to be added. 


® To the opalescent liquid add a few ml of 3% hydrogen peroxide. This destroys most of the sulfide in the 
liquid and makes it less smelly. Heat the liquid for a while in order to make solid matter somewhat more 
coarse and for destroying excess hydrogen peroxide. During this heating a bad sulphur-like smell is 
produced, so it is best to do this outside, but if this is done inside, then assure that the room is well- 
ventilated. The addition of the hydrogen peroxide also may make the liquid more turbid, but that does not 
matter. 


Step 2: Filtering of the opalescent liquid 


After performing step 1 you have an opalescent or turbid liquid, which also has a somewhat sulphur-like 
smell. There also may be more coarse grains of solid material in this liquid. Potteries grade barium 
carbonate contains a lot of insoluble crud and this needs to be filtered. 


® If you have real filter paper, then use that for filtering the solution. Use the finest paper you have. Do not 
use a coffee-filter, because that introduces new impurities and it also is too coarse for filtering the liquid. A 
coffee-filter also is quite large and a lot of liquid is absorbed by the filter, leading to excessive loss. 


® If no suitable filtering equipment is available, then pour the liquid in a long tall bottle, or pour it in a set of 
long test tubes which are filled to 2 cm below the rim. Let the liquid stand in the bottle or the vertical test 
tubes for two days, allowing the solid matter to settle at the bottom. With a pipette or a syringe, to which a 
thin flexible tube is attached, the liquid then can be taken away from the bottle or test tubes and 
transferred to another flask. Leave the last cm or so. You can pour the last amounts in a test tube again 
and wait another 2 days to retrieve most of the clear liquid from that as well. Of course you can also accept 
the 10% loss if you do not want to wait another 2 days for just 10% of such cheap starting chemicals. 


Step 3: First drying stage, making of crude barium chloride 


The liquid, obtained after step 2 is almost clear and can be used for making crude barium chloride. In this 
step, the barium chloride is dried, but at the same time, aerial oxidation of remains of sulfide allow the 
formation of sulphur and/or insoluble barium sulfate, which then can be separated in step 4. 


® Put the liquid in a dish and allow the liquid to evaporate on a warm and dry place. Keep in mind that the 
liquid has a fairly strong sulphur-like smell which can cause discomfort for some people. Use adequate 


ventilation in the room where the liquid is allowed to evaporate. 


© If a layer of 4 to 5 mm of liquid is poured in a sufficiently large dish, then it takes around 1 day to get dry 
material. This dry material is crude barium chloride, which does not give a clear solution. While the liquid is 
allowed to evaporate it becomes turbid again and pale yellow material settles at the bottom. For this 
reason the result of the first evaporation is not really pure. 


After performing step 3, for each gram of barium carbonate you will have around 1.1 gram of crude barium 
chloride. 


Step 4: Separating insoluble matter from the crude barium chloride 


The dry material from step 3 contains insoluble matter (mostly sulphur and barium sulfate) and it is not yet 
suitable for most aqueous chemistry experiments. In this step, it is redissolved in order to get rid of the 
insoluble impurities. 


® For each gram of barium carbonate, taken in step 1, take 5 ml of distilled water. Add the solid material to 
the distilled water and swirl until all of the solid material has dissolved. The resulting liquid at least is 
opalescent, but it might even be completely turbid. 


® Pour the liquid in a tall bottle or a set of test tubes which are placed in a purely vertical position. If test 
tubes are used, then cover them with a piece of paper, such that no dust can get into them. Allow the liquid 
to stand for at least 24 hours, 48 hours is even better. 


® When all solid material has settled at the bottom, then with a pipette or syringe to which a thin flexible 
tube is attached, carefully take away liquid from the bottle or test tubes. Be sure not to draw solid material 
into the pipette or syringe. If test tubes or long/narrow flasks are used, then better than 90% recovery of 
liquid is possible without sucking solid matter into the pipette or syringe. 


Step 5: Final evaporation and drying of the barium chloride 


In this step the now clear liquid is allowed to evaporate and pure and very clean barium chloride is made. 
The liquid now is totally odorless. 


® Do as in step 3, pour the liquid in a clean evaporating dish and place this in a warm and dry place. In 24 
to 48 hours a snow-white crystalline solid is obtained. 


® Scrape the solid from the evaporating dish and crush the largest crystals. Spread the solid mass over a 
glass plate or a large petri dish and allow drying of the solid on a warm heating radiator for a few hours. 
This results in a perfectly dry and snow-white glittering solid. 


The still warm solid quickly must be transferred to a vial which must be tightly closed. Barium chloride is 
somewhat hygroscopic, so do not leave the dry solid in contact with cold air if you want to keep it nicely 
dry. 


Final yield is approximately 1 gram of barium chloride 2-hydrate per gram of barium carbonate. This is a 
yield of 80% of theory (assuming 100% pure barium carbonate). 


.'—— 
Discussion of this synthesis 


Potteries grade barium carbonate is very impure material. In practice, only around 95% really is barium 
carbonate, the remaining 5% mostly is barium sulfide, but it may also contain some barium sulfate, barium 
oxide and insoluble sand-like material. Potteries grade barium carbonate usually does not contain sodium 
salts (flame color of barium carbonate is nice green and is not overwhelmed by the intense orange flame 
color of sodium) and the amount of heavy metal salts also can be neglected (which is important for 
potteries processes, because most heavy metals give strong color to ceramics). 


® When the material is dissolved in dilute hydrochloric acid, then barium chloride is formed, which goes 
into solution. The barium sulfide impurity leads to formation of hydrogen sulfide, which gives a strong smell 
of rotten eggs to the bubbles of gas. The barium sulfide also leads to opalescence of the solution, because 
part of the sulfide is oxidized by oxygen from the air to sulphur which does not dissolve. Barium sulfate, 


present in the barium carbonate also leads to opalescence. Use of hydrogen peroxide makes the solution 
somewhat less smelly, because hydrogen sulfide is oxidized to sulphur and water. 


main/intended reaction: BaCO,, + 2H* > Ba2* + H,0 + CO, 
reaction of main impurity: BaS + 2H* — Ba** + H,S 
aerial oxidation: 2H,S + O, — 2[S] + 2H,0 8[S] — Sz (very fine solid material) 


® In step 3, the first drying stage, the liquid becomes more and more turbid, while it is standing in the 
evaporation dish. This is because this liquid still contains quite some sulfide, which slowly is oxidized by air 
according to the above reaction equation, while it is standing in the evaporation dish. The presence of this 
sulfide also explains the bad smell of the liquid. 


® In step 5 there is no odor anymore. All sulfide has been oxidized in step 3 and no smelly material is left 
after step 4. The final result is a pure and clean snow-white product. 


Main losses are due to filtering, or because a thin layer of liquid is discarded because it cannot easily be 
separated from the precipitated solid matter. 


Making pure hydrochloric acid, suitable for the synthesis of barium chloride 


If no colorless hydrochloric acid is available, but only the yellow/green material from a hardware store, then 
this can be prepared from the impure acid easily by distillation. This distillation can best be done in an all- 
glass apparatus with ground joints. If no such apparatus is available, then one can use glass flaks and 
tubes, connected to each other with teflon tape. Do not use metal flasks or plastic/rubber for the distillation 
and collection of the hot hydrochloric acid. 


If 30% acid is used as a starting point, then dilute this acid by taking 1 volume of water and 2 volumes of 
acid. Mix these two liquids and then distill from an all-glass apparatus. Distill 250 ml of this liquid and keep 
on distilling until only 50 ml is left. Discard the last 50 ml. The 200 ml of liquid which came over into the 
distilling flask is very pure colorless hydrochloric acid of approximately 20% concentration and if any 
impurity is left, then it is volatile and does not harm in the synthesis of barium chloride. This can be diluted 
with an equal volume of distilled water for making just over 10% acid. 


If 10% acid is used as a starting point, then distill 500 ml of acid in an all glass apparatus. First, the 
temperature of the boiling liquid will be around 100 °C and almost pure water comes over. Discard this 
liquid. At a certain point, the temperature will rise to 108 °C fairly quickly. If it goes through 105 °C then 
collect the liquid and keep on distilling until only 50 ml of liquid is left. This gives around 200 ml of 15% to 
20% pure hydrochloric acid containing no or only volatile impurities. The precise concentration of the acid 
is hard to tell without titration, but for the synthesis of the barium chloride it is OK to dilute 3 volumes of this 
acid with 2 volumes of distilled water and use that in the procedure, given above. 
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Electrochemical Preparation of Barium Chlorate from Barium Chloride 


Subramanyan Vasudevan* and Swaminathan Mohan 
Central Electrochemical Research Institute (CSIR), Karaikudi 630 006, India 


The electrochemical oxidation of barium chloride to chlorate employing a noble metal oxide coated anode 
and a rotating stainless steel cathode is described. The effect of different electrolyte concentration, anode and 
cathode current density, pH and temperature of the electrolyte, and cathode rotation on current efficiency for 
the preparation of barium chlorate was studied. A maximum current efficiency of 56% was achieved 
corresponding to the energy consumption of 7.1 kWsh-kg™!. 


Introduction 


The preparation of alkali metal chlorates by electrolysis of 
the corresponding chlorides has been studied by various authors.! 
The mass transport, mechanism, and kinetic aspects for chlorate 
formation were dealt with in the literature.2~* After understand- 
ing the mechanism of chlorate formation, attempts were made 
to study different anode materials such as graphite, magnetite, 
lead dioxide, and noble metal oxides. Graphite undergoes 
considerable wear due to the oxidation of the binder material®'° 
resulting in the formation of carbon dioxide. Due to its 
disintegration, it not only contaminates the chloride electrolyte 
but also increases the interelectrode distance during electrolysis, 
thereby increasing the cell voltage and, consequently, the energy 
consumption. Several authors have studied, in detail, the 
influence of different parameters!!~'> on the consumption of 
graphite. 

Magnetite was another anode material industrially used in 
chloride oxidation. !® In this case, wear is moderate and the anode 
was dimensionally stable during electrolysis and stable at higher 
temperatures unlike graphite. The disadvantage of this material 
is low conductivity and high fragility. Lead dioxide was one 
another anode material studied for chloride oxidation!”!§ since 
it has a higher conductivity than most of the metal oxides. The 
disadvantages of this electrode are poor electrocatalytic action 
and higher overvoltage for chlorine evolution. Due to the above 
disadvantages of the graphite, magnetite, and lead dioxide 
anodes, noble metal oxide coated titanium anodes are being 
substituted. The advantage and important features of these are 
low chlorine overvoltage, higher electronic conductivity, and 
high chemical stability. 

The literature contains no publication dealing with investiga- 
tions on the production of alkaline earth metal chlorates by the 
electrolysis of chlorides at noble metal oxide electrodes, and 
the only publication that relates to the preparation of alkaline 
earth metal chlorates by electrolysis was that on the use of 
platinum electrodes by Ilin et al.!° In view of the scant literature 
on the electrochemical preparation of alkaline earth metal 
chlorates, it is clear that the electrochemical route was consid- 
ered inappropriate for alkaline earth metal chlorates, due to 
precipitation of the corresponding metal hydroxides, which have 
poor solubility compared to the hydroxides of alkali metals. The 
authors were successful in preparing magnesium, strontium 
chlorates, and perchlorates by electrochemical oxidation,?°~”* 
where the rotating cathode was employed to minimize the 
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precipitation of hydroxides. Now, an attempt has been made to 
prepare barium chlorate using a noble metal oxide coated anode 
and a rotating stainless steel cathode and the results are presented 
in this paper. 


Materials and Methods 


Cell Construction and Electrolysis. The electrolytic cell 
(Figure 1) consisted of a 0.5-L glass vessel fitted with a PVC 
cell cover with slots to introduce the electrodes, pH sensor, 
thermometer, and electrolytes. Cylindrical stainless steel (SS304 
of purity 99.8%; SAIL, India) rods of different dimensions 
[0.010 m (diameter) x 0.08 m (height), 0.015 m (diameter) x 
0.07 m (height), and 0.025 m (diameter) x 0.09m (height)] were 
used as cathodes. Depending on the parameters, each cathode 
was fitted to a rotating assembly and positioned at the center 
of the cell. Noble metal oxide (RuO2/T102/SnO2) coated titanium 
mesh (0.006 m) of 99.8% purity (Mithani (I) Limited, India) 
surrounding the cathode acted as the anode with an interelectrode 
distance of 1.0 cm. The mixed oxide electrodes were prepared 
by the thermal decomposition process as described in the 
literature.2+ The coating solution for the preparation of the 
anodes was prepared from the chlorides of the three metals, 
viz., RuCl3-xH20 (38.4% Ru; Johnson Mathey, UK), TiCly 
(25.1% Ti; Riedel De Haan AG), and SnCl4y*5H20 (33.9% Sn; 
J.T. Baker Chemical Co., USA). The salts of the above three 
metals were taken in the ratio of 30 RuO./50 TiO./20 SnOz, 
dissolved in 2-propanol (Johnson Mathey, UK), and then painted 
over the pretreated titanium mesh (which was polished, de- 
greased, and etched in 10% oxalic acid (Johnson Mathey, UK) 
solution at 363 K for 30 min) to produce a uniformly spread 
layer. The paint layer was dried at 353 K in an air oven for 10 
min to evaporate the solvent. The samples were then transferred 
to a muffle furnace kept at 673 K for 10 min. During this period, 
the heating zone of the furnace was maintained with a good 
supply of air from a compressor. The electrode was then 
removed from the furnace and cooled. The process of brushing 
the coating solution, drying at 353 K, and then heating in the 
presence of air at 673 K was repeated 6—8 times. After the 
final coating, the electrode was heated at 723 K for 1 h and 
allowed to cool in the oven itself over a period of 8 h. 

Electrical connection to the cathode was through mercury 
contained in a cup attached to the top end of the rotating shaft 
driven by a 0.5-hp motor. Regulated direct current was supplied 
from a rectifier (25 A, 0-25 V, Aplab model). 

Barium chloride (Laboratory Reagent) was dissolved in 
distilled water for the required concentration; A 0.45 L portion 
of solution was used for each experiment, which was used as 
the electrolyte. The electrolyte pH was monitored using a pH 
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Solubilities for some Ba salts and salt pairs 


C10 BARIUM CHLORATE Ba(C10,), 


SOLUBILITY IN WATER 
(Trautz and Anschutz, 1906) 


The data of DiCapua and Bertoni (1928), Ricci and Freedman (1952), 
Remy-Gennetée and Durand (1955), and Foote and Hickey (1937) agree. The 
determinations made by Carlson, 1910 are 2-4% too high. 
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THE SYSTEM BARIUM CHLORATE - BARIUM HYDROXIDE - WATER, AT 25% 
(Foote and Hickey, 1937) 
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The single determination by Willard and Smith, 1923 at 25° is in 
serious disagreement. It should be noted that Carlson's data on 
Ba(C10,;), (p. 354) were shown to be in error, and the data for Ba(C10, )> 
may also be unreliable. 
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Figure 1. Laboratory scale cell assembly: (1) cell, (2) thermostat, (3) 
stainless steel cathode, (4) anode, (5) electrolyte, (6) thermostatic water, (7 
and 8) holes to introduce pH sensor and thermometer, (9) mercury cup, 
(10) pulleys, (11) 0.5-hp motor, and (12) copper bus bar. 


probe and regulated by adding either acid or base. Each 
experiment was continued until the theoretical charge had been 
passed, and the cumulative current efficiency was calculated 
for each experiment. The effect of various parameters on current 
efficiency was determined. 


Analysis 


Chloride. Chloride was estimated using a standard silver 
nitrate (analar grade, Ranbaxy, India) solution and fluorescein 
(analar grade, BDH, India) as an indicator.” 

Chlorate. Chlorate was estimated iodometrically.”° 

Barium. Barium was determined by titration with EDTA 
(analar grade, BDH, India) at pH 10 using solochrome black-T 
(analar grade, BDH, India) as an indicator.?’ 


Results and Discussion 


During the electrolytic oxidation of a chloride solution to 
obtain chlorate, the primary products of the electrode reactions 
are chlorine and alkali, which react in the bulk electrolyte 
between the electrodes to form hypochlorous acid and hy- 
pochlorite. These are subsequently reacting chemically to form 
chlorate. ! 

The main reactions in the chlorate electrolysis process can 
thus be written as follows. At the anode, chlorine is formed. 


2Cl” — CL, + 2e (1) 
At the cathode, hydroxyl ions and hydrogen are formed. 
2H,O + 2e > 20H +H, (2) 


In the bulk, chlorine ions formed at the anode react rapidly with 


water to form hypochlorous acid. 
Cl, + H,O > HCIO + Cl” (3) 


Since the electrodes are close together and have no diaphragm, 
the chlorine can react with hydroxyl ions formed at the cathode 
to produce hypochlorite ions. 


Cl, + 20H — OCI + Cl +H,O (4) 


As a result, the solution around the anode becomes strongly 
acidic and the solution in contact with the cathode is alkaline. 
In addition to this pH gradient, the concentration of hypochlo- 
rous acid also establishes a gradient relatively high around the 
anode and relatively low around the cathode. 

It is usually assumed that chlorate is formed by the reaction 
of hypochlorite ion by free hypochlorous acid (reaction 5) when 
the pH is 6.0—6.5. However, when the pH is slightly alkaline, 
the electrochemical formation of chlorate through discharge of 
the hypochlorite 


2HOCI + ClO” — ClO, + 2H* + 2Cl” (5) 
6CIO” + 3H,O — 2ClO,- + 6H* + 4Cl + 1.50, + 6e 
(6) 


ion occurs at a potential equal to that for discharge of the 
chloride ion (reaction 6). 

According to reactions 5 and 6, chlorate may be formed in 
two ways: either by a purely chemical reaction of the hy- 
pochlorite ion with hypochlorous acid in the bulk solution 
(chemical chlorate formation) or by electrochemical oxidation 
of the hypochlorite at the anode under simultaneous oxygen 
evolution (anodic chlorate formation). If all chlorate is formed 
by chemical reaction 5, 12 Faradays are consumed in the 
oxidation of 1 mol of chloride to chlorate. This is said to 
correspond to a maximum current efficiency of 100%. If all 
chlorate is formed by reaction 6, the current efficiency cannot 
be higher than 66.5% since one-third of the current is used for 
the evolution of oxygen. In other words, reaction 6 can be 
considered to be an anodic loss reaction. It has been established 
that reaction 5 is more plausible than reaction 6.! The most 
favorable operating conditions for reaction 5 are a temperature 
of 333—348 K with a pH of 6.0—6.5. The conditions for the 
formation of chlorate through reaction 5 exist in the present 
case also. Under these conditions, in the case of alkaline earth 
metal cations, an additional cathodic loss reaction, viz., the 
precipitation of a metal hydroxide, will be encountered due to 
their low solubility. According to the Ba—H20 Pourbaix 
diagram,”® barium hydroxide formation is predicted by the 
following reaction 


Ba’ + 20H — Ba(OH), (7) 
log [Ba’’] =log K  —2 pH 


The barium hydroxide forms an adherent coating over the 
cathode in the pH range 12.5—14.0. Barium ions as Ba(OH)2 
(Ky =5 x 10~%) can protect the metal surface and hinter further 
reaction. The precipitation of this metal hydroxide depends on 
factors such as electrolyte concentration, pH, temperature, 
current density, and cathode rotation. 

Effect of Initial Barium Chloride Concentration. The 
results for different initial concentrations of barium chloride 
ranging from 0.8 to 1.5 M and maintaining other parameters 
constant are given in Table 1. The current efficiency for the 
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Table 1. Effect of Initial Concentration of Barium Chloride on Current Efficiency for the Preparation of Barium Chlorate“ 


final concentration (M) 


electrolyte theoretical current efficiency for energy consumption for Ba(ClO3)2 
s. no. conc (M) charge passed (Ah) voltage (V) chloride chlorate Ba(ClO3)2 formation (%) formation (kW:h-kg7!) 
1 0.8 125.0 3.8 0.47 0.46 51.0 7.90 
2 1.0 140.0 3.8 0.50 0.51 51.0 7.90 
3 1.3 193.0 3.8 0.68 0.56 45.0 10.00 
4 15 204.0 4.0 0.58 0.58 39.0 10.90 


“Conditions: (electrolyte pH) 6.00; (electrolyte temperature) 333 + 2 K; (anodic current density) 15.0 A-dm~?; (cathode current density) 14.0 A-dm~?; 


(cathode peripheral velocity) 0.67 m:s~!. 
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Figure 2. Variation of current efficiency and energy consumption with 
electrolyte pH, under the following conditions: (electrolyte concentration) 
1.0 M; (electrolyte temperature) 333 + 2 K; (anodic current density) 15.0 
A-dm~?; (cathode current density) 14.0 A-dm~?; (cathode peripheral 
velocity) 0.67 m:s~!; (theoretical quantity of charge passed) 140.0 Ach. 


Current Efficiency, % 
Energy Consumption, kWh kg" 
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Cathode Current Density, A dm” 


Figure 3. Variation of current efficiency and energy consumption with 
cathode current density, under the following conditions: (electrolyte 
concentration) 1.0 M; (electrolyte pH) 6.0; (electrolyte temperature) 333 
+ 2 K; (anodic current density) 15.0 A-dm~?; (cathode peripheral velocity) 
0.67 m-s~!; (theoretical quantity of charge passed) 140.0 A-h. 


formation of chlorate decreased with increasing concentration 
and was its maximum at 1.0 M; beyond this, it decreased. This 
is because, at higher concentrations of barium chloride, the 
precipitation of barium hydroxide is increased, thereby reducing 
the current efficiency. 

Effect of pH and Cathode Current Density. Figures 2 and 
3 show the effect of electrolyte pH and cathode current density, 
respectively, on current efficiency for the formation of barium 
chlorate. Unlike the alkali metal chloride reaction, the pH of 
the electrolyte and the cathode current density play significant 


roles in determining the current efficiency of chlorate formation 
as they are directly connected with hydroxide formation. 


Attempts have been made to measure the cathode surface 
pH, pH,), adopting different methods by various authors.?? 
According to Kudrayavstev et al.,° in the case of KCI solution, 
the pHs) is accelerated by increasing the current density with 
an initial pH of 4.8 near the platinum electrode; the pH was 
increased to 5.9 and 14 at a current density of 0.1 and 100 
A-m7~”, respectively. At still higher current densities, the increase 
in pH, is higher still. In the present instance, with higher current 
densities, the pHi.) can easily become alkaline (= 14), resulting 
in the precipitation of metal hydroxide and also deposition of 
the same on the cathode surface thereby hindering further 
reaction. The results in the present instance confirm the same. 
Figure 3 shows the effect of cathode current density on current 
efficiency for the preparation of barium chlorate. It is also found 
that the loss of Ba*t as barium hydroxide increases with 
increasing cathode current density, thereby resulting in the 
lowering of the current efficiency. Moreover, the change in 
surface pH, pH) (ApH), is also related to the bulk pH, pH), 
and the cathode current density. At lower current densities, ApH 
is not appreciable whereas at higher current densities the ApH 
increases significantly, even at the same pH).” 


The formation of chlorate is dependent on the pH of the 
electrolyte within the specified range.2°-?>3! But, it is found 
that if the solution is made more alkaline or acidic, the current 
efficiency falls off quickly.2! When the electrolysis of an 
aqueous solution of chloride is carried out, initially, the discharge 
of Cl. and OH” ions takes place; each of them may be 
discharged to a greater or lesser degree depending on the 
electrolysis conditions. In an alkaline medium, there is a 
predominant discharge of hydroxyl ions, thereby favoring the 
formation of free oxygen, and in an acid medium, conditions 
are favorable for the liberation of gaseous chlorine by the 
discharge of chloride ions. In a medium close to neutral, there 
is a simultaneous, approximately equivalent discharge of OH™ 
and Cl” ions, favoring the subsequent chemical steps for the 
formation of chlorate. Figure 2 shows the variation of current 
efficiency with different electrolyte pHs for the preparation of 
barium chlorate. From the figure, it is evident that the higher 
current efficiency is observed at a narrow range of pH values 
around 6.0. The results indicate that increasing the electrolyte 
pH from 5.0 to 6.0 increases the current efficiency from 40 to 
51% for the preparation of barium chlorate. But, at pH 7.0, it 
can be expected that the pH of the layer adjacent to the cathode 
is more alkaline, thereby favoring the precipitation of barium 
hydroxide with a loss of current efficiency for chlorate forma- 
tion. Below pH 5.0, a shift in the HOCI/OCI” ratio to below 
2:1 occurs, which is not ideal for the production of chlorate. 
The excess hypochlorite can either be decomposed or oxidized 
at the anode to produce oxygen/chlorine, resulting in the loss 
of current efficiency at lower pH values. From the results, it is 
evident that the loss of chlorine and hydroxide precipitation 
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Table 2. Effect of Anode Current Density on Current Efficiency for the Preparation of Barium Chlorate“ 


final concentration (M) 


anode current 


current efficiency for energy consumption for 


s. no. density (A-dm7~*) voltage (V) chloride chlorate Ba(ClO3)2 formation (%) Ba(Cl03)) formation (kW:h-kg~!) 
1 5.00 3.4 0.66 31.0 11.60 
2 10.00 3.6 0.57 43.0 8.80 
3 15.00 3.8 0.50 51.0 7.90 
4 20.00 4.1 0.48 54.0 8.10 


“Conditions: (electrolyte concentration) 1.0 M; (electrolyte pH) 6.00; (electrolyte temperature) 333 + 2 K; (cathode current density) 14.0 A-dm7?; 
(cathode peripheral velocity) 0.67 m:s~!; (theoretical quantity of charge passed) 140.0 A-h; (total hours of current passed) 14 h. 


Table 3. Effect of Electrolyte Temperature on Current Efficiency for the Preparation of Barium Chlorate“ 


final concentration (M) 


current efficiency for 
Ba(ClO3)> formation (%) 


energy consumption for 
Ba(ClO3)) formation (kW:h-kg~!) 


313 4.2 4.3 0.58 0.32 


electrolyte 
s.no. temperature (K) voltage (V) chloride chlorate 
1 
2 323 +2 4.1 0.57 0.42 
3 333 +2 3.8 0.50 0.51 
4 343 +2 3.6 0.54 0.60 


“Conditions: (electrolyte concentration) 1.0 M; (elelctrolyte pH) 6.00; (anode current density) 15.0 A:dm~?; (cathode current density) 14.0 A-dm7?; 


32.0 14.30 
42.0 10.40 
51.0 7.90 
55.0 6.50 


9 


(cathode peripheral velocity) 0.67 m:s~!; (theoretical quantity of charge passed) 140.0 A-h; (total hours of current passed) 14 h. 


increases at pH values lower or higher than the optimum value 
(i.e., pH 6.0). 

Effect of Anode Current Density. The results of the 
influence of anode current density on current efficiency are 
shown in Table 2, which clearly indicates that the current 
efficiency increases with increasing anode current density. This 
is in conformity with results reported!** earlier. However, the 
IR drop increases linearly with the current density, resulting in 
an increase of cell voltage and consequently higher energy 
consumption. Hence, a compromise has to be arrived at in 
selecting the current density for further investigation. It was 
thus maintained at 15.0 A-dm~? for subsequent experiments. 

Effect of Temperature. The temperature effect of the 
chlorate producing system is confined by a certain number of 
kinetic parameters encompassed by the relationship for current 
efficiency.® In addition, it is well-known that an increase of 
temperature decreases the cell voltage, thereby resulting in 
energy reduction. The most important effect of temperature for 
the process would be to increase the rate of the chemical 
conversion of the active chlorine. In the present case, from the 
economical point of view, a rather compromised temperature 
range of about 333 K can be maintained in the chlorate cells 
with a metal oxide coated titanium anode. Another important 
reason for limiting the temperature of the chlorate producing 
system is due to the thermal decomposition of the hypochlorous 
species resulting in oxygen evolution. 

The result of the effect of temperature on the preparation of 
barium chlorate is presented in Table 3. It is clear from the 
table that the current efficiency for the formation of barium 
chlorate increases with the increasing temperature of the 
electrolyte. The current efficiency for the formation of barium 
chlorate increases from 32 to 55% for an increase in temperature 
from 313 to 343 K. This increase in current efficiency at higher 
temperatures is attributed not only to an increase in the rate of 
chemical conversion of the active chlorine to chlorate! but also 
to the higher solubility of barium hydroxide.*? 

Effect of Cathode Rotation on Current Efficiency. Even 
in the absence of mechanical agitation, the cathode surface layer 
is continuously disturbed due to hydrogen evolution, so that 
the pHi.) will change only gradually. In the present case, the 
gas evolution is insufficient to maintain the pH) at the pH value 
of 6. To achieve such pH control, the cathode has to be rotated. 
It has been found** that increasing the peripheral velocity will 


A 


Current Efficiency, % 


Energy Consumption, KWh kg 


0.4 0.6 08 1.0 1.2 14 


Cathode Peripheral Velocity, mis 


Figure 4. Variation of current efficiency and energy consumption with 
cathode peripheral velocity, under the following conditions: (electrolyte 
concentration) 1.0 M; (electrolyte pH) 6.0; (electrolyte temperature) 333 
+ 2 K; (anodic current density) 15.0 A-dm~?; (cathode current density) 
14.0 A-dm~; (theoretical quantity of charge passed) 140.0 Ach. 


produce the desired value of pHi) as compared to that with 
slower rotation. Figure 4 shows that the current efficiency 
increases with cathode rotation and that its maximum is at a 
peripheral velocity of 1.38 m-s~!. This is due to the effective 
removal of OH™ ions at the cathode by consequently minimizing 
the precipitation of barium hydroxide. 

From the above results, it is found that the maximum current 
efficiency of 51% was achieved when 1.0 M BaCl» (pH 6.0) is 
electrolyzed under following parameters—an anode current 
density of 15.0 A-dm~?, a cathode current density of 14.0 
A-dm~?, a temperature of 333 K, and with a cathode peripheral 
velocity of 1.38 m:s7!. 

50-A Bench Scale Experiments. On the basis of the results 
obtained on the laboratory scale, a 50-A cell was designed and 
operated for the electrolytic preparation of barium chlorate. A 
stainless steel tank [0.35 m (length) x 0.25 m (breadth) x 0.25 
m (height)] was fitted with a PVC cover having suitable holes 
to introduce the anode, cathode, thermometer, and electrolyte 
and acted as the cell. The anode was again a cylindrical titanium 
mesh as described in the laboratory scale studies, [0.15 m 
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Figure 5. Sketch of a 50-A cell: (1) stainless steel tank, (2) stainless steel 
cathode, (3) anode, (4) electrolyte, (5) pulleys, (6) V-belts, (7) PVC cover, 
(8) copper bus bar, (9) mercury cup, (10) 0.5-hp motor, and (11) anode 
terminal. 


Table 4. Results of 50-A Cell for the Production of Barium 
Chlorate 


operating parameters results 
1. electrolyte BaCl 
2. volume of electrolyte 8.5L 
3. initial concentration 
cl" 1.0M 
ClO3— 0.0M 
4. electrolyte pH 6.0 
5. electrolyte temperature 333 K 
6. final concentration 
cl- 0.48 M 
ClO3— 0.56 M 
7. current passed SOA 
8. anode current density 15.0 A‘dm 
9. cathode current density 14.0 A‘dm~? 
10. cathode peripheral velocity 1.38 ms"! 
11. total quantity of current 2733 Ach 
12. average voltage 40V 
13. current efficiency 56.0% 
14. energy consumption 7.6 kW-h-kg! 


(diameter) x 0.25 m (height)] coated with noble metal oxides 
(RuO2/TiO2/SnO>2 based mixed oxides), while the cathode was 
a cylindrical stainless steel tube (SS304) [0.075 m (diameter) 
x 0.38 m (height)] closed at the bottom and fitted to a rotating 
assembly. The cathode was positioned at the center of the anode 
assembly at an interelectrode distance of | cm. Figure 5 shows 
a sketch of the cell. Electrical connection to the cathode was 
given through mercury contained in a cup attached to the top 
end of the rotating shaft. Regulated direct current (DC) was 
supplied from a rectifier (0-25 V, 100 A). The electrolysis was 
carried out with 1.0 M BaClo (pH 6.0), at an anode current 
density of 15.0 A‘dm~? and a cathode current density of 14.0 
A:dm~? with a temperature of 333 K. The cathode peripheral 
velocity was maintained at 1.38 m-s~!. The current efficiency 
obtained in the 50-A cell (Table 4) conforms well to the results 
obtained at laboratory scale. 


Conclusion 


The electrochemical oxidation of barium chloride to chlorate 
on noble metal oxide coated electrodes proceeds efficiently, (by 
achieving a current efficiency of 56% corresponding to the 
energy consumption of 7.1 kW-h-kg~! of barium chlorate) when 
1.0 M BaCl) (pH 6.0) is electrolyzed at an anode current density 
of 15.0 A-dm~?, a cathode current density of 14.0 A-dm~?, a 
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temperature of 333 K, and with a cathode peripheral velocity 
of 1.38 m:s7!. 
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Lithium Chlorate 


Lithium chlorate is extremely soluble and hygroscopic and is not used in pyrotechnics for that reason. 
It can be made by electrolysis using LiCl. 

Because of the small size of the Li atom it appears that Li Perchlorate forms very easily from LiCl. 
Bear this in mind if you are trying to make Li Chlorate. See Li Perchlorate section. 


There is solubility info. in the article below available in the further reading section. 

THE SYSTEM LITHIUM CHLORATE — LITHIUM CHLORIDE — WATER AT VARIOUS TEMPERATURES 
Abstract A. N. Campbell, J. E. Griffiths Canadian Journal of Chemistry 34 pp 1647-1661 

The solubilities of LiCl and LiClO3 (in grams per 100ml water) are taken from 
http://en.wikipedia.org/wiki/Solubility_table 


[Femp. CJ 10 [P0_80_|A0_|S0|e0_|[7o|a0- oo [roo 
[Licl _|[69.2\[74.5][83.5|[86.2\/89.8)|. [98.4]. |[112/[121//128 


Lici63 at [eas [72 las Joos [777 |__|. k_ 


From experiments conducted by Hashashan it would appear that Li (Per)Chlorate cells are erosive to Lead Dioxide. 
It also appears that Li is erosive to Tin Oxide Anodes. 


HIT THE BACK BUTTON ON YOUR BROWSER 
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Strontium Chlorate is hygroscopic and has found use in sealed pyrotechnic devices where it produces a red colour. 
The trihydrate usually exists. 

It can be made by electrolysis. 

It starts to decomposed at 120C (looses water). 


From Mil. Ref. 


Strontium Chlorate, Sr(C10,), 


molecular weight 254.54, 

white rhombic crystals, 

mp dec 120C, @density of 3.152 

soluble in water, insoluble in alcohol 

Can be obtained by neutralizing aqueous HCI03 with either Sr(OH)2 or SrCO3. 


The anhydrous salt may also be obtained by heating the octahydrate or other hydrates to 120C. 

The Trihydrate, Sr( ClO), .3H,O is reported as having been obtained in needle-like crystals by cooling a 59.7%? 
soln of Strontium Chlorate to - 40C, and rhombic prisms by cooling a 64.7%? solution to -20C / -25C. 
Octahydrate, Sr(CIO .8H,O; 

mw 398.67, 

white needles, 


melting point (looses 8H20 at 120C°.) 
Can be prepared either by electrolysis of strong aqueous solution of SrCl, or by passing chlorine gas through a warm 


3)2 


aqueous solution of SR(OH), with subsequent evaporation of the water and crystalization of the octahydrate 


Uses: The ocrahydrate is used as an oxidizing agent in explosives, exercising a cooling effect due to the large amount 
of water of crystalization, and in pyrotechnic compositions for producing a red light. 


Izzo gives the following composition for violet light star: 
Sr Chlorate, 14.5, K Chlorate 58.5 , Cu Carbonate 10, Sulfur 10 & shellac 77- 
Note: This a dangerous composition because of the Chlorate + Sulfur. 


Solubility of Strontium Chlorate 
Temp. Grams Sa ae saturated 

0 63.23 

10 63.4 

15 63.55 

25 63.78 

35 64.17 

45 64.55 

55 64.95 

65 65.32 

75 66.07 

85 66.41 

95 67.08 

110 67.8 
s 68.7 


See here for solubility data. 
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(Strontiun PERCHLORATE” ‘$r(C10,), 


SOLUBILITY | IN) WATER 
(Lilich»and Dzhurinskii,; 1956) 


~\Willard and Smith, 1930 found that strontium perchlorate crystal- 
‘ized from water at about 0° apparently contained 420. At about 25° a 
dihydrate, 2H20, was obtained. Above 40° the crystals corresponded to 
the forma 38r(Cl0,)2.2H,0. The transition point between this! c 
d'the dihydrate was at about 37°. Evidence was also obtained of the 
sible existence of a mnohyiante. 


Mole Sr(C104)2 Moles Sr(C104)2 
b° = _ per gms. H30 t° per 1000 gms, H20 
0 - iste 25 10.54 
5 8.57 (10, aye 
10 9.03 ‘ 30 11.43 
15 9.49 35 12.02 
20 10.18 40 12.70 


“Willard and Smith, 1923 


Freezing point capiipaat cna for solutions of Sr(Cl0,4)5 up to 1 molal 
ta tiven by Nicholson and Felsing, 1950. 


(OF ANHYDROUS STRONTIUM PERCHLORATE) IN SEVERAL SOLVENTS AT 25° 


oy and, Smith, 1930) 


== 


Gms. Sr(CL0,4)2 
Gad Of ,dasy, of ‘ rr 
) 2 Mon Ante. 4 @ 
Solvent sates seats sol... sat. :sol. |. solvent 
ates a) 240837 75559 20267, 
jathyl alcohol 0.78705 1.6771 67.95 +01, 
‘ aleohol 0.78517 1.5539 peed i 66 
Propyl alcohol 0.7989) ai tH2664 (58:40, 140.38 
5) Butyl. alechol 0.8059 143394 153. 6! 113.49 
‘80 Butyl alcohol, 0.7981, 1.2022 43.78 77.87 
cetone . 0.7852 | 114984 60,01, 150,06 
Ethyl acetate 0.89457 LG 4717 52.10 136.93 
STRONTIUM CHLORATE Sr (C105), 
THE SYSTEM STRONTIUM CHLORATE - WATER 
(Linke, 1953) 
A = Sr(C103)2*3H,0 B = Sr(C103)2 
Gms. Gms. 
Sr(C103)2 per Sr(0103)> per 

- 100 gms, Solid 100 gms. Solid 

t sat. sol. Phase t° sat. sol, density Phase) 

- 1.8 9.29 Ice 10 63.4 1.829 A+B 
- 4.0 17.92 " 0 63.23m 1.828 7 
-~ 4 29.94 " 15 63.55 1.830 B 
“14.2 37.46 " 18 (63.6)® (1.839)" 2B 
~22.2 45.11 " 25 63.78 1.831 B 
-29.4 49.87 " 35 64.17 1.833 8 
~38.1m 55.0 " 45 64.55 1.835 B 
-37.0 54.5 Ice+A 50 64.65 1.837 B 
~28 57.1 A 55 64.95 1.838 B 
~16.7 57.9 A 65 65.32 1.842 B 
on 59.9 A 75 66.07 1.845 B 
i) 61.4 A 80 66.07 1.847 B 
+9 63.47 A 85 66.41 1.849 B 
95 67.08 1.853 B 
$ = Mylius and Fimk, 1897 110, 67.8 1.861 B 
= boiling paint 121 68.7 1.867 B 
m = metastable ' > 


Chloric acid 


The Chlorates are the salts of Chloric acid. Chloric acid is an extremly dangerous substance, unstable and can only 
exist (as far as I know) in dilute solutions without exploding. It has no place in the production of the Chlorates. 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


Sodium Perchlorate 


Sodium Perchlorate is not used in pyrotechnics due to the fact that it is hygroscopic. It has three hydrates 
containing 0, 1 and 2 water molecules. It is used to make Ammonium or Potassium Perchlorate and other 
Perchlorate's by double decomposition. 

The Chlorate and Perchlorate stages are best seperated. 


Start with solid Sodium Chlorate and dissolve it in water to make a 50%(wt) solution (that's approx. 720g Chlorate 
per litre of solution) of Chlorate and run it for the amount of time recommended in the run time section or until the 
Chlorate concentration is low. 

You could also start with a solution of Chlorate that has a low amount of Chloride in it. When using Pt it is 
recommended to have NO Chloride. LD can tolerate Chloride. 


The Anode materials for making Perchlorate are more limited than Chlorate making. 

Lead Dioxide, Platinum, Manganese Dioxide(high wear, US Patent No. 4,072,586) and possibly some types of 
MMO. 

Graphite will NOT make Perchlorate without hugh amounts of wear (totally impractical). It can be used? in cells 
that contain a diaphram according to US Pat. 1,279,593. 


Cathode materials can be SS, Graphite, mild Steel, Nickel and Titanium. Phosphor Bronze has been used by 
industry. 


When mild steel, Bronze and Nickel is used, Chromate's are desirable to stop the Cathode from being attacked by 
the Hypochlorous acid in the cell electrolyte. (0.5 to 5 grams/Liter). Chromates also increase current efficiency by 
stopping reduction at the Cathode (the conversion of Chlorate and Hypochlorite to Chloride). 

Chromate's are not compatible with Lead Dioxide. Use Titanium as a Cathode if you can get it. 

Sodium Fluoride or a Persulphate may also be used to stop Chlorate or Hypochlorite being converted (reduced) 
back into Chloride at the Cathode but remember Flouride cannot be used with Ti substrate Anodes. Additives are 
best left out IMO except if using Pt and you are attempting to keep Anode erosion to a minimum. 


When using Platinum as an Anode it's wear rate will increase as the Chlorate concentration decreases, and below 
50g/l it may be excessive, high temperatures also increase it's wear rate. Wear rates from manufacturers have been 
reported as 3 to 6 grams Pt per ton Sodium Perchlorate in cells ran with a high concentration of both Chlorate and 
Perchlorate. 

The concentration of Chlorate should be kept above 100g/1 if a high current efficiency is desirable. (The Perchlorates. 
Schumacher J.C. P86) 

The temperature of the cell is usually maintained at about 30 to 60°C. The current density on the Anode is usually 
much greater than with Sodium Chlorate manufacture, and high current density's do not decrease current efficiency. 
Typical Anode current densities are from 150 to 400mA per square cm for Lead Dioxide anodes and 200 to 500mA 
per square cm for Platinum. Most commercial plants use water circulation through coils in the cell for to remove 
heat generated in the cell to stop it from overheating. The amateur can keep the cell cool by putting it sitting ina 
large tub of water or by keeping the current per volume low at about one amp per 200ml of solution. 

The voltage across a Perchlorate cell is higher than a Chlorate cell and will be in the range of about 4 to 6.5 volts. 
The cost of electrical power for to make one Kg of Na Perchlorate from Na Chlorate is about two KWh (two 
"unit's" of power) which is approx. 18 US cents. 

To start your cell about 700grams Na Chlorate are dissolved in some water and more water added to make one liter 
(A solution of Sodium Chlorate containing 700g/l has a density of 1.428 and is 49%(wt) Sodium Chlorate, see 


Graphs and table's in the Sodium Chlorate section). 


The current is turned on and the cell is run for the appropriate time as outlined in the run time section. The product 
is then either turned into K or Ammonium Perchlorate (see relevant section) or solid Sodium Perchlorate is 
extracted and the mother liquor is returned to the cell for the next run of the cell. 

All mother liquor should always be returned to the cell as it will be rich in Chlorate and Perchlorate because of 
their high solubility. Note that Platinum Anodes will corrode if used to reduce the Chlorate concentration to a very 
low value. You need Lead Dioxide if you wish to run a cell from Chloride to Chlorate to Perchlorate to Low 
Chlorate concentration, without stopping. This is not a sensible use of a Lead Dioxide Anode as erosion takes place 
and the runs are long (very long if not using pH control) which will wear the Anode. 


There is a good description of a Perchlorate cell using a Platinum wire Anode at the bottom of this page by 
GarageChemist. In his cell you must use Dichromates to stop Chloride from forming in the cell and you must start 
the cell with zero (thats 0.00%), Chloride in the electrolyte to avoid Pt Anode erosion. 

SMALL amounts of Chloride in the cell are a Pt Anode killer. 


Since Sodium Perchlorate has a number of hydrates this will need to be noted if yields are being calculated. Which 
hydrate forms depends on the solution concentration and temperature as your product crystallizes. 


Run time for a Sodium Perchlorate cell 


Separating out Sodium Perchlorate 

GarageChemist Perchlorate cell using Pt and Dichromate additive 

US patent No 3,493,478. Making Perchlorate from Chloride using Fluorine additive. 
US patent No 2,813,825. Making Perchlorate from Chlorate using Persulphate additive. 
JAE 1971. Large scale production of Perchlorates directly from Sodium Chloride 
Article from Encyclopedia of electro chemistry regarding Perchlorate manufacture. 
Why run time tables for Chloride to Perchlorate are not a good idea 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


Run time for Sodium Perchlorate cell 


The current efficiency for a Perchlorate cell is not pH dependent as shown by scientific studies. The electrolyte will 
drift alkaline. Efficiency increases as the current density on the Anode increases and decreases as the amount of 
Chlorate in the solution decreases. The current efficiency in industrial plants are 80%, and above. Industrial plants 
always keep the Chlorate and Perchlorate levels high and separate out the Perchlorate in a crystallizer. The 
Amateur will (probably) be running the Perchlorate cell on a batch process and will therefor run the cell until there 
is little or no Chlorate left. This will give lower current efficiencies. 

Since it only takes two moles (as opposed to 6 moles for Chloride to Chlorate) of electrons to make one mole of 
Perchlorate from one mole of Chlorate, Perchlorate cells can have (pleasantly) surprising short run times. 

In order to make one Chlorate molecule into one Perchlorate molecule you must move one Oxygen atom from 
water to the Chlorate. This takes two electrons. Another way of saying this, is that it takes two moles of electrons 
(26.8 Ah x 2) to make one mole of Perchlorate out of one mole of Chlorate. 

The overall reaction equation is: NaClO3 + H2O + two electrons ===> NaClO4 + H2 gas 


The Chlorate concentration at which the current efficiency starts to decline is not a well defined point and varies 
form cell to cell. There are a lot of variables that effect the point at where the low Chlorate concentration effects 
current efficiency. I have assumed that it is effected at about 100g/l Chlorate which is roughly where it happens in 
a fairly typical cell. The actual current efficiency that you will get for a particular Anode and cell set up will be 
difficult to predict in advance. Titrations for Chlorate can be very useful. 


1 Mole Na Chlorate = 106.45g. One mole Na Perchlorate = 122.45g 


50% current efficiency 


Chlorate level below about 5¢/1 
(at the end of the run) 


The table shows recommended run times for a Perchlorate cell running at an overall current efficiency of 50% 


Amps 


tt 


3216 Am (amper minutes) to convert 1 mole 
NaClO3into perchlorate (100% current effic.) 


1 
Run time SS ee x ~ 065 * 9216 minutes 
per gram NaClO, —— current effeciency amps into cell 


Molecular weight 
of NaCclo; 


Another form of the above formula you can use is: 


Run time in hours = (5360 X Weight of Chlorate to convert) / (Molecular weight of Chlorate X Amps X 
%CE) 


If using Chlorate solution to top up your cell you will of course need to factor this into your run times. 


The current efficiency will be about 80% when the Chlorate levels are above about 100g/I but as the Chlorate level 
drops below the 100g/l mark (as more and more Perchlorate is formed) the current efficiency drops and you get an 
overall current efficiency of 50% (or less) if you run your cell to the point where there is very little Chlorate left. 
This saves labour and you can take out nearly pure Perchlorate out of the cell by simply evaporating off all the 
water. You may wish to destroy the small amount of Chlorate left in the cell first by chemical means. 

If you want to run your cell and stay in the high current efficiency region (>100g/l Chlorate) then you can stop 
running your cell at the recommended time (assume you are getting approx. 80% CE) and then attempt to take out 
a crop of Perchlorate. Crystalizing out solid Sodium Perchlorate is not really possible for the Amateur to do 
successfully and the only real practical method is to reduce the Chlorate to a low level, chemically destroy residual 
Chlorate and evaporate all the water away. Titrate cell contents to see what Chlorate levels are at the end of the 
run. 


Note that Platinum Anodes will erode if used to reduce the Chlorate concentration to a low value. Keep a check on 
Anode erosion. 

Lead Dioxide is really needed (Pt will do it if erosion is ignored) if you wish to run a cell from Chloride to 
Chlorate to Perchlorate to low Chlorate concentration (this overall method is not to be recommended IMO), 
without stopping and perhaps use an additive. Platinum will erode if you use it to go from Chloride to Perchlorate 
but it may still be worth taking an erosion hit in your particular situation if you want to save labour. 


If making Potassium Perchlorate from Potassium Chlorate, K Perchlorate will crystallize out of solution. Don't 
know much about %CE in K cells. It has been done by 'Swede'with OK %CE. 
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Separation of Sodium Perchlorate from cell liquor 


The diagram below shows the mutual solubility of Sodium Chlorate and Sodium Perchlorate. It give an idea of 
what amounts of product that will be expected to crystallise out of a solution if you know what the concentrations 
of the salts are. Sodium Perchlorate can be isolated in different hydrates from the liquor, the common one is the 
mono hydrate. The anhydrous form will be precipitated out of solution if the concentration of Perchlorate is high 
and the temperature of the solution is above 52C (the exact temperature depends on the concentration of 
Perchlorate present in solution). 


From looking at the graph you can see that Sodium Perchlorate is very soluble indeed and the only really sensible 
way to get it out of solution is to concentrate the solution by boiling away lots of the water. If you have run your 
Perchlorate cell for long enough for to convert most of Chlorate to Perchlorate and then destroyed the remaining 
Chlorate using chemicals you can simply boil all the water away. 
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The graph above is a simplified version of the original graph which can be viewed below. 


The graph below is somewhat complicated because of the fact that Sodium Perchlorate will ppt out of solution in 
different hydrates, of zero, one and two water molecules. This depends on concentration and temperature. 

The blue line represents a solution of Sodium Chlorate being electrolyzed. 

The top end of the line cuts the Chlorate axis at 110g/100ml water. At 110 grams chlorate per 100ml water we have 
a 52% solution which is about 760 grams per litre solution which is what is usually the starting concentration of 
Chlorate (for Perchlorate making). This gives about 126.5 grams of NaClO4. However, this requires another 16.5 
grams of oxygen to be added, which comes from about 18.6 grams (ml) of water. The result is 126.5 grams of 
NaClO4 per (100 - 18.6 = 81.4) grams of water, or 155 grams of NaClO4 per 100ml of water. This is the point at 
where the bottom end of the graph cuts the Perchlorate axis. 
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The source of this graph is: 
A Legendre," Herstellung von Perchloraten durch Elektrolyse", Chemie-Ing.-Techn. 34, 1962, number 5, page 379. 


In regard to the removal of Perchlorate hydrates see also the text by Paul Pascal, New Treatise on Inorganic 
Chemistry. Vol. II, No. 1, p. 353 and FIG. 37 (1966), which reports the ternary NaClO4 /NaClO3/H20 diagram. 
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Sodium Perchlorate using Pt anode with K Dichromate 


The following was cut from the link shown. It is the work of 'Garage Chemist’. Permission to display here was not 
sought, and therefor not given :-). One would hope he will understand. It is a good discription of Perchlorate 
process IMHO. 


http://www.sciencemadness.org/talk/viewthread.php? tid=5050&page=2#pid60758 


For cell body I used glass, a 250ml jar with screw-lid where the electrodes and gas exhaust were installed. 

I used OTC (well, not in germany, but in France at that time- nowadays very hard to find even there) sodium 
chlorate solution (45% strength). It is completely chloride- free as a test with AgNO3 solution showed, and this is 
also important for minimizing anode erosion. 


2-4 g/L of potassium dichromate must be added to this in order to prevent reduction of chlorate at the cathode, 
which would produce chloride and cause anode erosion. 


The cell liquor must be magnetically stirred, as proper mixing is very important. 


The power supply must be of the type with adjustable current limiting, otherwise you won't be able to keep a 
constant current. 

And 15 A are WAY too much. For a 250ml cell, 2 A are good and 4 A the absolute maximum when used with a 
cooling bath. 

A 0,5mm Pt wire is also not to be used with more than 4 A, or the solder connection will de-solder itself. 


The maximum current that can be run through the cell depends firstly on the anode and secondly on the cooling 
and therefore on the surface of the cell body that touches the cooling bath, and also on the thickness on the glass. 
Do not let the temperature rise above 40°C. 


The progress can be nicely observed by watching the anode. 
At the beginning, there will be only very slow oxygen evolution, as that oxygen goes into oxidation of the chlorate. 


When there is only little chlorate left to oxidise, the oxygen production increases, and an ozone smell can be 
noticed, which gets more and more intense as the chlorate is used up. 

When nearly all chlorate is gone, there will be strong oxygen/ozone evolution and all energy now goes into splitting 
of the water. 


I connect the exhaust of my cell (connection must be airtight, of course) to a wash bottle filled with water which 
serves as a bubble counter. 

At the beginning, only hydrogen flows through it and the gas evolution is measured by counting the bubbles in a 
time span of, say, 30 seconds. When the chlorate is used up, the gas evolution will have increased by 50% and the 
gas consists of a perfect hydrogen/oxygen mix which can be collected in an inverted test tube and ignited FAR 
AWAY from the cell. It will explode with a loud bang, opposed to the very light puff that the pure hydrogen at the 
beginning of the electrolysis makes. 


To oxidise 1 mol of chlorate into perchlorate, 2 mol of electrons are needed. 1 mol of electrons is 26,8 Ah. 
Calculate the required ampere hours and run at least the double amount of this through the cell. 


When the cell is done, I have a ca. 50% NaClO4 solution (NaC104 is very soluble and cannot be crystallized 
easily, so it is a batch- wise process). 


I destroy residual chlorate by acidifying the solution, adding sodium disulfite and boiling. The solution must give 
off SO2, otherwise more disulfite must be added. A SO2 smell from the solution is the sign that all chlorate has 
been reduced. 


This also reduces the added dichromate to trivalent chromium, which is then precipitated as the hydroxide by 
adding NaOH solution and filtering. 


From this I can make KC1O4 by adding KCI solution (precipitate is very fine and difficult to filter and must always 


be recrystallized from boiling water to make larger and purer crystals), or ammonium perchlorate (saturated 
NH4NOS solution is needed for this, and NH4C1 is not soluble enough so that the yields will be low if you use 
this). For ammonium perchlorate, strong cooling is necessary since it is quite soluble at ambient temperature. 


Yield of KC1O4 calculated from NaClO4 is often as high as 90- 95 %, even after recrystallization (at 0°C it is realy 
very sparingly soluble which explains the good yields). 
For ammonium perchlorate yields are about 50%. 


A perchlorate cell is much cleaner to operate than a chlorate cell, but the parameters temperature, current density at 
the anode and composition of the electrolyte must be closely controlled for it to work. If this is done, then a 
perchlorate cell is often much more efficient than a chlorate cell. 


Next post: From Garage Chemist: 


The lid was the ordinary plastic coated metal lid it came with (it originally contained tomato sauce ). The 
connections and exhaust were fitted into the lid by drilling holes and using silicone. This worked well. 


Make yourself some potassium dichromate, it's very easily made from Cr203 (available at art supply stores). Go to 
frogfot's site for a detailed synthesis. 


And the hydrogen evolved will NOT result in satisfactory stirring. Use a magnetic stirrer, it can be as simple as a 
magnet on a motor under the cell and a steel bar coated with plastic or sealed into a glass ampoule inside it. 
Otherwise acidic layers will develop around the anode and attack it. 

You cannot precipitate NaClO4 by adding anything, it is far more soluble than NaClO3! Even boiling down the cell 
liquor to half its volume and cooling won't make any solid NaClO4. 

I use my NaClO4 as the 50% aqueous solution I get by destroying the chlorate and precipitating the chromium, the 
only impurities are sodium sulfate, sulfite and chloride when HCI is used for acidification. 

For all reactions using it it has to be dissolved anyway, so it would be a waste of time to isolate the solid salt, 
which is a real pain. I speak from experience (boiling down the solution will make a thick sludge from which no 
crystals can be obtained). 


NaClO4 cannot be obtained in a continous process, as it can't be separated from the solution. It is produced as the 
50% solution in water which can be used for all desired purposes. 


If the cell is operated correctly, the Pt wire is not visibly attacked. 

The only time it got attacked was when I ran the cell without dichromate. 

After this, the cell also contained some chloride due to reduction of chlorate at the cathode. 

Persulfate will not prevent this. For platinum anode, dichromate has to be used. 

It forms a diaphragm of hydrous chromium oxide around the cathode, preventing the contact of nascent hydrogen 
with the electrolyte (CORRECTION: cathode). 

Next post (Garage Chemist) 

Of course I meant reduction at the cathode. what a stupid typo! 

I haven't treid persulfate, but I don't want to attack the platinum another time, so I keep on using dichromate from 
which I know it works. 
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United States Patent No. 3,493,478. 
Handady V.K. Udupa, Srinivasa Sampath, Kapisthalam C. 
Feb. 3, 1970 


Electrolythic preparation of Perchlorates 


Abstract of the disclosure 


Sodium perchlorate is prepared electrolytically from sodium chloride solutions in one step by passing a direct 
current through the solution , in the presence of sodium fluoride. A mild steel cathode and a lead dioxide anode are 
satisfactory. 


This invention relates to the electroltic preparation of perchlorates directly from sodium chloride using lead dioxide 
anode. 

Hitherto it has been the practice to employ a two stage process for the production of perchlorates from chlorides , 
the first stage being the oxidation of chloride to chlorate using graphite, magnetite or lead dioxide anodes and the 
second stage consisting of the oxidation of chlorate to perchlorate, using platinum or lead dioxide anodes. This 
conventional process has various drawbacks, such as: 

(i) that in between the two stages the solutions have to be processed to isolate the chlorate and recover the 
unconverted chloride: 

(ii) that graphite gets desintegrated to a considerable extent and magnetite to a lesser extent when used in the 
production of chlorates and 

(iii) that there is an inevitable loss of platinum due to corrosion in the perchlorate cell. 

With a view to avoiding the intermediate step of the processing of the liquor after the said first stage of the 
conventional process, it has been proposed that the effluent from the chlorate cell should be treated under different 
electrolytic conditions from thoses in which the sodium chloride solution was treated in the chlorate cell during the 
first stage of the process. But this proposed process also is a two stage process and the processing of the effluent 
from the chlorate cell introduces complications in the method. 

This invention has for its main object an improved method which will obviate the drawbacks of known methods, 
and whereby the perchlorates may be prepared directly from sodium chloride in a single step of electrolytic 
oxidation, the conditions of electrolysis being maintained constant at predetermined levels throughout the period. 
Another object of this invention is to avoid the use of graphite, magnetite or platinum as the anode. With these and 
other objects in view , this invention broadly consists of a process of preparing sodium perchlorate directly from 
sodium chloride in a single step of electrolytic oxidation, which consists in passing a direct currint through a bath 
of sodium chloride solution containing fluoride ions. 


The improved process according to this invention may be carried out into practice under the following conditions: 
(i) The said fluoride ions may be provided by adding sodium fluoride ou hydrogen fluoride to the bath. 

(ii) About 0.5 to 5 grams per liter of sodium fluoride may be added; but about 2g/L is ok. 

(iii) The electrolytic oxidation may be carried out in a cell having a stainless steel cathode and a lead dioxide 
anode. 

(iv) The said anode may consist of a massive lead dioxide or a GSLD. 

(v) The current density may be in range 5 to 40 amps per square decimeter. 

(vi) The electrolyte oxidation may be carried out at a temperature of 30 to 60 C. 

(vii) The process may be carried until all the chloride is converted into perchlorate, the conditions being maintained 
constant at predetermined levels throughout the process. 


The following Table 1. gives the particulars of three different examples illustrating the invention. 
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Table II shows other benificeal effects of using NaF. 


Table II 


Experimental conditions Without NaF |/With NaF 
Anode GSDL GSDL 
55 SS 


Current concentration (amp/L) 


Temperature C. 


Current efficienct y% (with ref. to NaClO4 formed) /|39.5 53.4 
Energy consumption (kwh/kg of NaCl04) 16.2 12.3 


Snip of most of the text repeating the claims above except: 
Claim (3): Current density is in the range 5 to 40 Amps per dm/2. 
Claim (4): Temperature is in the range 30 to 60 C. 


Other patents sited: 

2,813,825 11/1957 Miller et al 
2,840,519 6/1958 Stern et al 
2,872,405 2/1959 Miller et al 
3,020,124 2/1962 Bravo et al 


A study was done for other Flourides below: 

JOURNAL OF APPLIED ELECTROCHEMISTRY 20 (1990) 

SHORT COMMUNICATION 

The influence of some Fluoroanions on the anodic oxidation of Chlorate ion to Perchlorate ion at a Lead Dioxide 
electrode 

N. MUNICHANDRAIAH, S. SATHYANARAYANA 

Department of Inorganic and Physical Chemistry, Indian Institute of Science, Bangalore 560 012, India 


Conclusion 


The present studies reveal that both NaF and Na3AlF6 catalyze the anodic oxidation of Chlorate ion to Perchlorate 
ion at a Beta-PbO2 coated Titanium electrode. Na2SiF6 and Na2TiF6 do not affect the reaction. 

However, NaBF4 and NaPF6 retard the reaction. It is demonstrated that the Fluorocompounds influence the 
overpotential of the Chlorate oxidation reaction more than that of oxygen evolution, thus resulting in either 
electrocatalysis or retardation of the reaction. 
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US Patent No. 2,812,825 
Method of producing Perchlorates 


Henry C. Miller and John C. Grigger 
Pennsalt Corporation Nov. 19, 1957 


The present invention related to a novel method for electrolytically producing Perchlorates and more particularly 
the present invention relates to a novel method for electrolytically oxidizing a Chlorate aqueous solution to the 
corresponding Perchlorate by which improved current efficiencies during operation of the cell are realised. 

It has long been known that aqueous solutions of Chlorate such as alkali metal Chlorates can be electrolyzed to 
form the corresponding Perchlorates in solution. The literature on the electrolythic production of Perchlorates 
indicated a unanimous acceptance of platinum as the most favoured anode material. In spite of the high cost due to 
electrochemical attack and mechanical disintegration, platinum is still used as an anode in the major Perchlorate 
installations. The search for a platinum substitute for Perchlorate manufacture has proceed for many years with the 
result that other materials have been suggested for use ass anode including graphite, silicon, manganese dioxide, 
magnetite, and Lead Dioxide. In copending applications Serial Nos. 552,968 and 552,970 filed Dec. 14 1955, are 
disclosed and claimed particularly advantageous electrodes comprising Lead Dioxide which are particularly suitable 
for use in Perchlorate cell. 

As is known, in the electrolysis of Chlorate to Perchlorate there is a drop in current efficiency in the cell as the 
concentration of Chlorate in the electrolyte decreases. The exact drop, and the concentration level at which it 
begins to take noticeable effect varies with the particular anode employed. For example, in electrolyzing Sodium 
Chlorate to Perchlorate employing a Platinum anode, the overall current efficiency is generally maintained at a 
high value in the neighbourhood of 80% as the Sodium Chlorate is electrolyzed from about 600 g/l down to about 
100¢/1. In a cell with a Lead Dioxide anode, the current efficiency begins to fall even at the initially high Sodium 
Chlorate concentrations and although an average current efficiency of about 68% has been obtained in the Sodium 
Chlorate concentration range of about 600 to100 g/l, the current efficiency usually drops to below 10% in the 
Sodium Chlorate concentration range below 100g/I. 

It has been previously been suggested to employ additives in an attempt to increase current efficiency in the 
Perchlorate cell. Present day commercial cells using Platinum anodes generally employ an electrolyte containing 
initially about 600g/1 of Chlorate, usually Sodium Chlorate, and 5g/1 of a soluble dichromate, usually Sodium 
Dichromate. There has also been a suggestion to add a small amount of Sodium Fluoride to increase the current 
efficiency of a cell employing a Lead Dioxide anode. 

It has been found that that there are definite limitations to the use of such additives, Using a Lead Dioxide anode, 
for example, and Sodium Fluoride as the additive, 2.5g/1 of Sodium Fluoride increased the overall current 
efficiency appreciably on the first batch electrolysis; however, the current efficiency steadily dropped on three 
succeeding electrolysis to below the value obtained before the Sodium Fluoride addition. The presence of Sodium 
Dichromate at concentrations as low as 0.5g/l (as the dihydrate) sharply decreased the current efficiency of the 
Chlorate to Perchlorate electrolysis when operation with a Lead Dioxide anode. Other materials, including Sodium 
Thiocyanate, Platinum Chloride, Sodium Hexametaphosphate, Sodium Pyrophosphate, Sodium Perborate, Sulfuric 
Acid, and Hydrogen Peroxide have also been tried resulting either in no appreciable beneficial effect or actual 
reduction in cell current efficiency. 

It has been found that the inclusion of a water soluble Persulphate in the Chlorate containing electrolyte 
significantly increased the cell current efficiency during electrolysis. 


At the initiation of electrolysis it is generally desired to have a concentration of Chlorate in the electrolyte as high 
as feasible under the temperature conditions obtaining, since the higher the concentration the higher the efficiency. 
In most cases this initial concentration of Chlorate is in the neighbourhood of 500-700g/I. As the electrolysis 
proceeds, the concentration of Chlorate as such in the electrolyte diminishes until a point in reached, usually in the 
neighbourhood of 2-20g/l of Chlorate, where further electrolysis becomes impractical. 

The temperature at which the Perchlorate cell is operated may vary widely, and the temperature of the bath may 
vary from room temperature up to elevated temperatures as high as about 70C. Preferred practice is to maintain the 
temperature of the cell between about 25 and about 55C. 

As is usual in the electrolythic oxidation of Chlorate to Perchlorate, agitation of the electrolyte bath is desirable and 
circulation of the electrolyte bath through one or more cells is preferred practice. 

The electrolysis of the Chlorate is generally carried out at a pH below about 9, and preferably at a non-alkaline, 


that is neutral or acid pH. Generally an acid pH is preferred when the cell is to be operated at an elevated 
temperature. 

With respect to the electrical conditions employed, in general current yields improve with increase in current 
density. In addition, higher anode current densitys tend to minimize the adverse effects of operation at higher 
temperatures and of competing anode reactions. In the preferred practice of present process, anode current densities 
of at least 20 ampers per square decimeter (200mA/cm‘2), preferably at least about 40A/dMA2 (400mA/cm/‘2). 
The coating of Lead Dioxide on the anode is to be at least 1/16 of an inch thick. The most marked affect of the 
addition of Persulphate to the cell electrolyte is with Lead Dioxide anodes. However improvements in current 
efficiency will also be noted with other anode materials. 

The cathode can be stainless steel. The usual Persulphate added will be Potassium Persulphate but any water 
soluble sulphate can be used. The amount of Persulphate to add may vary somewhat. Amounts in excess of about 
10g/1 provide no significant improvement over inclusion of lesser amounts, whereas amounts less than about 1¢/1 
do not provide any marked improvement. Electrolysis can be carried out until there is less than 10g/l of Chlorate 
left. 


Example 1 


To an aqueous solution containing 606g/1 of Sodium Chlorate is added Potassium Persulphate in an amount of 
2.08¢/1. The resulting solution is electrolyzed using a Lead Dioxide anode and a stainless steel cathode at 
300mA/cm/2 at a temperature of 35C. In the Sodium Chlorate concentration range of 606 to 100¢/1, the current 
efficiency is 82.4% and in the range of 606 to 7.1g/1 of Sodium Chlorate the current efficiency is 73.3% 


Example 2 


In a second run employing similar conditions to example 1 the current efficiency is 80.8% in the Sodium Chlorate 
concentration range of 606 to 100g/l and 68.2% in the range 606 to 30.3 grams per litre Sodium Chlorate 


Claims not shown: 
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JOURNAL OF APPLIED ELECTROCHEMISTRY 1 (1971) 207-212 


Large-scale preparation of Perchlorate directly from 
Sodium Chloride 


H. V. K. UDUPA, K. C. NARASIMHAM, M. NAGALINGAM, N. THIAGARAJAN, G. SUBRAMANIAN, 
R.PALANISAMY, S. PUSHPAVANAM, M. SADAGOPALAN and V. GOPALAKRISHNAN 


Central Electrochemical Research Institute, Karaikudi-3, S. Rly. India. , Received 16 March 1971. 


Based on the optimum conditions arrived at in the laboratory experiments, large-scale trials have been carried out for the 
preparation of Sodium Perchlorate by the direct oxidation of Sodium Chloride in a single step using a Graphite substrate 
Lead Dioxide Anode. Two cells of 75 A capacity and one 400 A cell were run continuously at an Anode current density 


of 20 A/dm? and a temperature of 45°-50°C. The cell performance with these Anodes is given. 
Potassium and Ammonium Perchlorate formed by double decomposing the Sodium Perchlorate obtained by this method 
with the respective Chlorides are pure and conform to the stringent specifications. 


Introduction 


With the increasing research activities in rocketry in India, a large demand for Ammonium Perchlorate is envisaged in the 
near future. Sodium Perchlorate, which is the starting material for both Potassium and Ammonium Perchlorate, has so far 
been prepared in two stages, the first stage being the oxidation of Chloride to Chlorate using Graphite [1] or Magnetite [2] 
or Lead Dioxide [3-5] Anodes and the second stage being the oxidation of Chlorate to Perchlorate using Platinum [6-9] or 
Lead Dioxide Anodes [3, 10-14]. In between these two stages, the electrolyte obtained in the first stage has to be 
processed to isolate the Sodium Chlorate and recover the unconverted Sodium Chloride. Sugino [3] reported the direct 
oxidation of Chloride to Perchlorate using a Lead Dioxide Anode, avoiding the intermediate processing of liquors, but 
there were two discrete electrochemical stages wherein the temperatures of electrolysis were different while other 
operating conditions remained the same. Oxidation of Chloride to Chlorate was carried out at 60°-65°C and when 
Chlorate formation was almost complete the temperature was lowered to 30°-35°C and a small amount of Sodium 
Fluoride (2 g/1) was added. Bravo et al. [15] prepared lithium Perchlorate from either Lithium Chloride or Lithium hypo- 
Chlorite using a Platinum Anode. The present process consists of the preparation of Sodium Perchlorate by electrolysing 
Sodium Chloride solution at high current density without addition of chromate but with initial addition of Flouride. On the 
basis of the results obtained on the laboratory scale [16, 17], higher Amperage cells have been set up to evaluate the life 
of the Lead Dioxide Anodes during the direct oxidation of Sodium Chloride to Sodium Perchlorate in a single step 
electrolysis without recourse to intermediate processing to remove Chromate or isolate solid Chlorate. The results of this 
study are described in the present paper. 


Experimental 


Two cells, of 75 A and 400 A capacities, were run continuously for over 18 months. 
Cell assembly 


(a) 75A cell. The cell consisted of an oval-shaped porcelain tank of 15 1 capacity. The cell cover was a p.v.c. (polyvinyl 
Chloride) sheet with suitable slots for the introduction of the electrodes. The Anode was 30 cm long x 7-5 cm diameter 
Graphite rod having a deposit of Lead Dioxide 5 mm thick up to a height of 25 cm. The Cathode was a stainless steel 
cooling coil (1-9 cm O.D. and 1 -5 cm I.D.) to which a perforated cylindrical stainless steel Cathode (10-5 cm diameter) 
was welded. The inter-electrode distance was 1-5 cm. The electrical connection to the Anode was coonviently provided to 
the Graphite through a threaded copper rod, screwed on to the top portion of Graphite by means of flexible wires. The 
portion of the Anode above the level of the electrolyte was painted with chlorinated rubber paint to avoid corrosion at the 
electrolyte-air-interface. A stainless steel bar, 6 mm thick, acted as current conductor to the Cathode. The electrical coii 
lections to the cell were 2-5 cm x 0-3 cm co; i busbars. The porcelain tank rested on a mild steel stand, which supported 
wooden frames for holding the Anode and Cathode in position. 


(b) 400 A cell. The cell container was made of reinforced concrete (outer dimensions 81 cm long x 72 cm wide x 37 cm 


height with a wall thickness of 5 cm). A concrete slab, 2 cm thick, was placed on top of the container, with suitable holes 
for the introduction of Anodes, cooling coils, thermometer, gas vent-pipe and solution feed inlet tube. The outlet was 
provided on one side of the cell, 10 cm from the top of the cell. Six Graphite rods (30 cm long x 7-5 cm diameter) having 
a deposit of Lead Dioxide 5 mm thick up to a height of 25 cm were used as Anodes. The contact to the Anode was made 
through a copper rod (1-6 cm diameter) screwed on to the top portion of the Graphite rod. A flexible wire was connected 
from each of the Anodes to the common Anode busbar. Perforated stainless steel plates of cylindrical shape (11-0 cm 
diameter) welded on to stainless steel cooling coils (1 -6 cm I.D. and 1 -9 cm O.D., 580 cm long) acted as Cathodes. 
Electrical connection was made by clamping the cooling coils to busbars, which were connected to the rectifier. Two rows 
of Anodes, each row containing three Graphite substrate Lead Dioxide rods, were placed in such a way that each Anode 
was surrounded by a perforated cylindrical stainless steel Cathode. The holes in the cell cover were closed with p.v.c. 
covers and putty. Two gas vents were provided and the gases were removed by an exhaust arrangement. 


Electrolysis 


A saturated solution of Sodium Chloride (about 300 g/1) was used as the cell feed. 2 grams per liter Sodium Fluoride was 
added to the cell feed at the beginning of the electrolysis. The pH of the electrolyte was maintained between 6-2 and 6-8 
by adding the calculated quantity of Hydrochloric acid. The loss due to evaporation was made up with such further 
quantities of Sodium Chloride solution that the cell liquor at the end of the electrolysis contained 650-700 g/1 Sodium 
Perchlorate. A Silicon rectifier (0-32 V and 1000 A} was the source of direct current. The temperature of the cell was 
maintained between 45° and 50°C by passing cold water through the cooling coils. The temperature of the outlet water 
was lowered by 5° to 6°C in a forced draft cooling tower prior to recirculation. Analyses were carried out for Chloride, 
Chlorate and Perchlorate at intervals so as to follow the course of the reaction. Fig. 1 represents the variation in 
concentration of Chloride, Chlorate and Perchlorate with duration of the electrolysis under optimum conditions. Results 
are given in Tables 1 to 4. 


Analyses 


Chloride was estimated by Mohr's method [18] and the Chlorate was estimated by iodometric method [19]. The total 
concentration of electrolytes in the solution was determined by passing the solution through a cation exchange (Amberlite 
IR-120) column; the Perchlorate concentration was calculated by subtracting the combined concentrations of the Chloride 
and Chlorate from the total concentration. Later the current efficiency was calculated from the quantity of electricity 
passed and the theoretical quantity of electricity required for the formation of Chlorate and Perchlorate. 


Results and discussion 


Tables 1 and 3 show typical results of the performance of 75 and 400 A cells respectively, under the optimum conditions 
of electrolysis. The results confirm the data obtained in laboratory scale experiments. Tables 2 and 4 give information 
about the life of each Anode in the preparation of Sodium Perchlorate from Sodium Chloride. It is seen from Table 4 that 
most of the Anodes have lasted for more than 450 days of continuous electrolysis. This confirms the earlier observation 
that Lead Dioxide deposits of 5 mm thickness on Graphite can be used successfully for the production of Perchlorates. 

In the present process the constituent steps, the oxidation of Chloride to Chlorate, and; the oxidation of Chlorate in the 
presence of Sodium Fluoride to Perchlorate, have been reported in published literature and are well known. The 
combination of these steps in a single process constitutes the novelty of this procedure. However, in the direct oxidation of 
Chloride to Perchlorate in a single stage, none of the commonly used electrodes, viz., Graphite, Magnetite or Platinum can 
be employed as Anode material. Lead Dioxide is the natural choice at present. The use of Lead Dioxide Anodes 
necessitates the addition of Sodium Fluoride to the bath and this addition, made at the beginning of electrolysis increases 
the current efficiency of the process [17] for Perchlorate formation. 


Fig. 1. Variation of the concentration of Chloride, Chlorate 
and Perchlorate of Sodium with quantity of electricity 
passed. 1 Sodium Chloride; 2 Sodium Chlorate; 3 Sodium 
Perchlorate. 
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NaCl at the Quantity of Voltage Final concentration Current Energy Kemarks 
beginning of electricity (Vv) NaCLo, NaClO,g efficiency cansumption 
electrolysis passed (g/l) (2/1) with (Kwhi/ke of 
(g/l) kA/h reference NaCloO, 
fo NaCio, produced) 
produced 
(%) 


610 53-0 
600 54-0 
615 $8-0 2 
760 52-4 2: 20 1 of NaCl 
solution used 
53-0 , 20 1 of NaCl 
solution used 


Table 1. Operating Characteristics of 15 A cells. 
Volume of electrolyte, 151; Anode current density, 20 A/dm2; temperature, 47 +-3°C; pH, 6.5 to 6.8; NaF, 2 g\l. 


Sodium Quantity of Voltage Final concentration Current Energy consumption 
chloride electricity (V) NaCclo,; NaClo, efficiency (Kwh/keg of Naclo., 
(g/l) (gil) with reference produced) 
io 
Naclo. (°%) 


in the passed 
beginning (kAjh) 
(g/l) 


310 220 36-40 , 5 12-9 
310 205 36-40 12-7 
310 207°5 36-40 128 
302 210+] 36-40 3: 32° 13-0 


300 163-2 364-0 12-3 


300 72-8 3-6-40 3 12-4 


Table 3. Operating characteristics of 400 A cell. 
Volume of electrolyte, 1001; Anode cd, 20 A/dm2; Temperature 47+3°C; pH, 6.5-6.8; NaF, 2 g/l. 


(Other tables showing Anode wear etc snipped) 


In the conventional two-stage process, the Dichromate which is added in the first stage converting Chloride to Chlorate, 
must be completely removed before the electrolyte can be used in the second stage converting Chlorate to Perchlorate 


with a Lead Dioxide Anode. No Dichromate is required in the one-step process. Additional difficulties associated with the 
removal of Graphite sludge and Ferric Hydroxide and isolating the Sodium Chlorate have all been obviated in this 
process. Even if a Lead Dioxide Anode is employed in the Chlorate process, the isolation of Chlorate and the removal of 
Dichromate cannot be avoided because Dichromate is added not only to prevent Cathodic reduction of Hypochlorite but 
also to prevent the formation of Perchlorate, especially at high concentrations of Chlorate. 

From Fig. 1 it is seen that the Chloride is first converted to Chlorate and to Perchlorate only to a small extent. After all the 
Chloride has been converted to Chlorate, the conversion of Chlorate to Perchlorate proceeds. The Sodium Perchlorate 
liquor thus obtained contains less than 10 g/1 Sodium Chlorate and is used for double decomposition with either 
Potassium Chloride or Ammonium Chloride to give potassium Perchlorate or Ammonium Perchlorate. Potassium 
Perchlorate and Ammonium Perchlorate which were prepared from this Sodium Perchlorate solution conformed to the 
stringent specifications. Nearly 1200 kg of Sodium Perchlorate was prepared and converted to potassium and Ammonium 
Perchlorates. 


The advantages of this process are as follows. 

((a) Sodium Perchlorate is prepared directly from the cheap raw material Sodium Chloride without intermediate 
processing or the isolation of solid Sodium Chlorate. (b) The use of Lead Dioxide Anodes eliminates the consumption of 
either Graphite, Magnetite or Platinum during the two stage production of Sodium Perchlorate. (c) The addition of a small 
quantity of Sodium Fluoride at the beginning of the electrolysis increases the current efficiency of the process. 


Conclusion 


The following are the main features of the process. 

(i) Direct oxidation of Sodium Chloride to Sodium Perchlorate in a single step in the same cell. 

(ii) The use of Lead Dioxide Anodes, the only suitable Anodes at present available. 

(iii) The addition of Sodium Fluoride made at the beginning of the electrolysis to give a high efficiency. 

(iv) The avoidance of intermediate processing of the liquor to isolate Sodium Chlorate. 

(v) A high concentration of Sodium Perchlorate is built up by adding Sodium Chloride solution to make up evaporative 
losses in the cell. 

(vi) The preparation of Potassium and Ammonium Perchlorates by double decomposition of the Sodium Perchlorate 
solution with Potassium Chloride and Ammonium Chloride respectively. 
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Perchlorate Production 


PERCHLORATES 


The present major use of perchlorate salts is as oxidizers in solid 
propellants. The pottassium salt was first used and quickly followed by 
now most important salt --ammonium perchlorate. Lithium perchlorate, which 
has the highest weight percent oxygen, has been tested as an oxidizer in 
solid propellants, but has not found favor with propellant manufacturers. 

All the abot tale perchlorates are produced by a double decomposition 
reaction with sodium perchlorate: 


NaCI0o4 + MX -> MCIO4 + Nax 


SNIP 


Generall The cells may also be arranged for continuous operation, ie., 
in series. The concentrated sodium chlorate solution enters the first cell, 
flows from cell to cell, and leaves the last cell essentially depleted of 
sodium chlorate. The advantage of the series process is that the individual 
cells can be regulated with respect to temperature and current density for 
the most economical production of sodium perchlorate. 

The anodes are suspended in the tank through a cover parallel to the 
sides of the tank and the cooling coils. The sides of the tank and cooling 
coils act as the cathode. The electrical connection is made to the anode 
above the cover. The hydrogen formed in the cell can be vented to the 
atmosphere through a stack at the end of the cell. 

The main variation from one commercial cell to another has been the type 
of anode used. Most commercial cells are equipped with platinum anodes. The 
cost bas been decreased in some cases by using platinum on tantalum or 
conper The only real substitute for platinum that has proved of any real 
value is lead dioxide. It is reported that one manufacturer of ammonium 
ee tls uses lead dioxide anodes in the sodium perchlorate cell. When 

ead dioxide anodes are used in a perchlorate cell, stainless steel or 
nickel cathodes are used. Mild steel cathodes cannot be used because the 
lead dioxide anodes are poisoned by the chromate ions present in the 
electrolyte to inhibit corrosion of the mild steel. 


[Typical operating conditions for a commercial sodium perchlorate cell | 


Sodium chlorate 400 gpl 
Feed to Cell Sodium perchlorate 400 gpl 
Sodium dichromate 5 gpl 


[Sodium dichromate concentration  |2.5 to 5.0 gl = —ss—“‘“‘i;;WsSY 


JeNb ene pure affects all important dependent variables in sodium 
perchlorate cells, and the ae temperature must be arrived at through 
compromise. For example, with an increase in temperature, the current 
efficiency is reduced, cell voltage decreases, platinum loss increases, 
solubility of perchlorate increases, and the equilibrium chloride 
concentration increases. 

The quantitative effect of electrolyte temperature on current efficiency 
at a current density of 0.34 amperes per square centimeter is small up to 
60'C at high sodium chlorate concentration. 

Sodium pe ceaetate cell pes temperature is controlled by the 
method of heat removal (coils in cell) and the voltage grep across the cell 
solution. Wider anode-cathode spacing results in an extra heat load that 
must be removed to obtain low cell temperatures. Schumacher has_ indicated 
increased platinum consumption with an increase in temperature from 40 to 
65C. 

The feed solution to the cell, depending on the method of isolation of 
the sodium chlorate, contains sodium chlorate, sodium dichromate, sodium 
perchlorate, and traces of chloride, sulfate, calcium, and possibly 


magnesium ions. 


SNIP 


The literature contains a number of references to the effects of current 
density on current efficiency. A review of the reports suggests that two 
amperes per square inch is a good choice. At high sodium chlorate 
concentrations and at temperatures below 50*C, current efficiency is 
practically independent of current density in the range of 1.0 to 2.5 
amperes per sduate inch (15.5 to 39 amps/sq dm). In some Cell designs, the 
HERE limit of current density is apparently determined by the anode 
electrical connections and the cooling capacity of the cells. Anode 

current densities of 2.6 to 4.5 amperes per square inch (400 to 700 amps/sq 
cm) have been used in Europe. 

Higher platinum losses at higher current density have been reported by 
Schumachee and by Wranglen." 

Cathode current density is geveratay determined by cell design. This is 
particularly true when the cell body is used as the cathode. When individual 
cathodes are installed in a perchlorate cell, the cathode current density is 
generally the same as the anode current density. Literature references on 
the study of cathode current sigliae are limited. 

The voltage drop across the perchlorate cell depends on: 

1) anode and cathode material 

2) cathode-anode spacing 

3) concentration of reagents in the cell 

4) cell temperature 

5) current density on the anode and the cathode 


Because of the high anodic potential 

essential for the formation of perchlorate, the voltage drop across the cell 
is relatively high. The voltage across the cell increase near the end of a 
batch process when the sodium chlorate concentration is low. Under these 
conditions, ozone is found in the gases from the cell. 

The literature reports involving lead dioxide anodes in sodium 
perchlorate cells generally give a lower voltage drop than the 5.0 to 6.0 
volts reported for laboratory cells using platinum. The reason for the lower 
oer ae using lead dioxide anodes appears to be the lower current density 
and the higher operating temperature employed. 


SNIP 


Almost without exception, all of the investigators of the electrochemical 

ag of sodium perchlorate agree that the current efficiency is very 
ow at low chlorate concentrations. There does not appear to be agreement in 
the literature on the sodium chlorate concentration at which the current 
efficiency starts to decrease. This is probably true because of the 

effect of temperature, current density, and pH, as well as the chlorate 
concentration, on the current efficiency. 

The final concentration of sodium chlorate in the cell effluent depends, 
in part, on the method of isolation of the sodium perchlorate. In general, 
the higher the concentration of sodium chlorate in the cell effluent, the 
higher the current efficiency for a batch process. The effluent from a 
sodium perchlorate cell varies from 600 to 1,000 grams per liter sodium 

erchlorate, 5 to 50 grams per liter sodium chlorate. and 2 to 5 grams per 
iter sodium dichromate, depending on the cell design, operating conditions, 
and method of subsequent treatment of the sodium erchlorate solution. 

Sodium perchlorate can be isolated from the cell effiuent as either the 
hydrate or the anhydrous form. In some cases, the cell effluent can be used 
without isolation of the sodium perchlorate. This approach will be discussed 
later. Depending on the concentration of the sodium perchlorate in the 
solution, it is either isolated by cooling, or the solution is further 
concentrated by evaporation, followed by cooling. Sodium perchlorate 
forms the monohydrate when crystallized below about 52'C, the exact 
temperature depending on the amount of sodium chlorate present in the 
solution. Above this temperature, it crystallizes in the anhydrous form. If 
an evaporator is part of the isolation system, the salt is generally 
isolated in the anhydrous form. If no evaporator is used, the salt is 
isolated as the monohydrate. In either case, because of the high solubuity 
of sodium perchlorate, the mother liquor from the isolation of the 
crystals contains a high concentration of sodium perchlorate. This mother 
liguor, after enrichment with sodium chlorate, is used as feed to the 
sodium perchlorate cells. 

Because of the high solubility of sodium perchlorate, its isolation is 
avoided when it is used as an intermediate to produce other perchlorates. 
For example, the sodium chlorate can be destroyed by chemical treatment and 
the dichromate removed as insoluble chromic hydroxide. This leaves a 
relatively pure solution of sodium perchlorate for conversion to other 
salts. The manufacture of other perchlorate salts takes advantage of their 
lower solubilities. Potassium perchlorate is prepared by the double 
decomposition reaction of sodium perchlorate and potassium chloride. 


NaCI0O3 + KCl -> KC104 + NaCl (5) 


Either the purified sodium perchlorate cell solution or sodium perchlorate 
ee dissolved in water is treated with potassium chloride. The 
relatively insoluble potassium perchlorate crystallizes and is separated by 
centrifuging. If it is necessary to control crystal size and size 
distribution, the solution is first heated and then cooled. Ammonium 
perchlorate is eee by reactions similar to those used to form 
potassium perchlorate. 


Naclo4 + NH4Cl - NH4C104 + NaCl (6) 


The feasibility of the process lies in the mutual solubility relationship 
between ammonium perchlorate and sodium chloride, which permits the 
reaction products to be separated by fractional crystallization. The 
solubility of sodium chloride varies only slightly with temperature, 
while that of ammonium perchlorate is temperature-dependent. Thus, on 
cooling, ammonium perchlorate can be recovered. The mother liquor, on 
evaporation, deposits a crop of sodium chloride crystals which are filtered 
hot. The filtrate, rich in ammonium perchlorate, is then recycled. 

The prepa @oac0 of other perchlorate salts is similar in principle to 
those already described. Lithium perchlorate may be produced by 
electrolysis of lithium chlorate or lithium chloride. On a laboratory 
scale, other pol csorate. are generally py epat ee by reaction of either 
ammonium perchlorate or perchloric acid with the desired metal oxides, 
hydroxides, or carbonates. 
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When will I get Perchlorate? 


All tables showing conversion time for Chloride to Perchlorate should be ignored IMHO. 


You won't get ANY Perchlorate if you run your cell for the amount of time in run time 
tables that assume 100% current efficiency for the electrolytic conversion of Chloride to 
Perchlorate. 


Say you have the following conditions and assumptions. 


One mole NaCl (58.5 grams) in the cell. 

Ten amps going through cell. 

22 minutes per gram of NaCl to convert to Perchlorate (from (100% current efficiency) run time tables). 
16 minutes per gram of NaCl to convert to Chlorate (from (100% current efficiency) run time tables). 
60% current efficiency (approx. what you will get with an amateur cell without pH control) 

for the conversion of chloride to chlorate. 

Assume perchlorate actually starts to form when NaCl is at 10% of its starting concentration. 


In order to convert one molecule of chloride into one molecule of chlorate you must move 6 electrons, 8 electrons 
must be moved for perchlorate to form. (two electrons per oxygen). That's 6 and 8 moles of electrons per mole 
Chloride for Chlorate and perchlorate. 

The run time tables show conversion time from Chloride to Perchlorate assuming 100% current efficiency, that is, 
every electron that enters the cell will go towards causing an oxygen atom to do what we want it to do.(attach to a 
chloride) 

So for our one mole of NaCl (58.5 grams) the run time table says 22 (minutes) X 58.5 = 1287 minutes to convert to 
perchlorate. You won't get ANY Perchlorate if you run the cell for this amount of time. 

The current efficiency will be about 60% (and indeed will be probable more like 53%, ie. worse) for the conversion 
of Chloride into Chlorate and we must convert 90% of 58.5 = 52.7 grams of Chloride into Chlorate to get 
Perchlorate to even start forming. (NaCl will be at 10% of its starting conc.) 

This will take 52.7 X 16 X [100/60] = 1405 minutes. 

This is greater than the time the run time tables suggests that Perchlorate should have been formed in abundance. 
An amateur would be inclined to think that at least SOME perchlorate should have formed but none will have been 
formed. 

Its even worse than this. I have assumed above that you will get 60% current efficiency but you will only get 60% 
current efficiency when there is a reasonable high concentration of Chloride present. When the Chloride 
concentration of the electrolyte begins to fall to 20% or below, the current efficiency of conversion of Chloride to 
Chlorate will get worse and worse and the time for Chloride concentration of solution to reach 10% (and 
Perchlorate to start forming) will be even worse that stated above. 

It will be very difficult to predict when you will get down to 10% Chloride concentration, (when Perchlorate starts 
to form). A good tactic is to have some methylene blue (0.3% solution) handy and you can test a small sample of 
your solution with the methylene blue solution to see if Perchlorate has started to form. When it has started to form 
you can then estimate the run time needed to convert most of the Chlorate in the cell into Perchlorate. 

All above is assuming that no additives like NaF has been added to electrolyte. Additives like Fluoride or 
Persulphate are added to increase current efficiency. See US patent 3,493,478. 

But even with additives, the conversion of Chloride to Perchlorate without any intermediate separation of the 
Chlorate, is a process that has low current efficiency, it saves labour though. 
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Potassium Perchlorate 


Potassium Perchlorate has no known hydrates and is not hygroscopic. 

Potassium Perchlorate is usually made by double decomposition of KCl and Sodium Perchlorate. The Potassium 
Perchlorate is not very soluble and will ppt out immediately as a very fine crystalline product (your solution will 
look like yogurt if you add the KCl quickly) as soon as you add the KCl to the Sodium Perchlorate. If you are using 
Sodium Perchlorate solution from a cell there will be some Sodium Chlorate present in the electrolyte and it should 
be borne in mind that you will get some Chlorate contamination of your product. A Perchlorate product that is 
contaminated with Chlorate should be treated the same as if you had Chlorate when it comes to mixing with 
Sulphur or other combustibles that are dangerous with Chlorate. If you want pure K Perchlorate you must destroy 
all of the Sodium Chlorate present in the Sodium Perchlorate by chemical means and then use the pure Sodium 
Perchlorate to make Potassium Perchlorate. You may be able to clean it up by recrystallization but it is a laborious 
task. You can check for the presence of Chlorate by using a sensitive test or use an excess of chemicals to by sure 
that all Chlorate is gone. 

See_Destroying Chlorate by chemical means 

The solutions of NaClO4 and KCl should be neutral for the following. If they are not you should neutralise them by 
adding a small amount of KOH or NaOH. If you don't do this small traces of acid are introduced into the final 
product which is very dangerous. 


You can also make Potassium Perchlorate by decomposition of K Chlorate, it is quite a good way to make the stuff 
and AFSIK it will not be contaminated with K Chlorate so long as you heat to the correct temperature and hold at 

that temperature for the correct amount of time. The KCl (byproduct) will be easy to remove from the Perchlorate. 

See Wouters page. 


Grams NeCl per 100 gus 120 


Grams KC10, per 100 gms E20 


Figure 6.6. Mutual solubility relations for the system potassium perchlorate-sodium 
chloride-water. (Data from Cornec and Neumeister; Caliche, 10, 492-4, 1929) 


Potassium Perchlorate can also be made by electrolyzing Potassium Chlorate in a similar manner to that used for 
Sodium Chlorate. The solubility of Potassium Chlorate is low and the concentration of Chlorate in the cell will be 
low and you will have to use large volumes of solution if you want large weights of product. The Perchlorate will 
ppt out as it is formed and will encrust the Anode somewhat. You will have to be careful and make sure that your 
finished product has all Chlorate removed. There is not much information regarding the manufacture of K 
Perchlorate via electro synthesis in the literature. Some have suggested that it is erosive on Lead Dioxide Anodes 
but this does not seem to be true as shown by Swede who has make Potassium Perchlorate directly from Potassium 
Chlorate using a LD Anode. K Perchlorate was inclined to stick to the Anode but did not seem to interfer with the 
process. Most of the Perchlorae deposited on the cell bottom. How low the final Chlorate level was I do not know, 


but it would be easy enough to wash solid K Perchlorate to a very low Chlorate level. A picture of the Anode is 
below. 


Grams per 100ml water 


Temperature C 


Some useful data 


| Someusefuldata 
| KCIKClo4[Naci|Naclo4) 


Other compounds may be used instead of KCl, for example K sulphate and K Nitrate but if you use the Chloride 
the by product is NaCl which can be fed back into the recrystallizing stage. It is better to feed back this solution to 
the recrystallization stage as opposed to the Sodium Chlorate cell. If you feed it back to the cell you may get K 
Chlorate being precipitated and it is hard to clean up the K Chlorate from cell discoloureds. It is not critical though. 


See also Production of Potassium Perchlorate (pdf, 688k). 
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A paper presented at the Ninety-second Gen- 
eral Meeting held at Boston, Mass,, Octo- 
ber 16, 1947, W. C. Gardiner presiding. 


PRODUCTION OF POTASSIUM PERCHLORATE * 
By Cutrrorp A, HaMpeL! ann P. W, Leppia 2 


ABSTRACT 


For several years an electrolytic process for the production of potas- 
sium perchlorate has been operated at Claremore, Oklahoma, by the 
Cardox Corporation of Chicago. This paper describes the process and 
the electrolytic cells. Sodium chloride is oxidized to sodium chlorate 
in one set of cells, and the sodium chlorate is oxidized to sodium 
perchlorate in a second set of cells. The sodium perchlorate is then 
reacted with potassium chloride to form potassium perchlorate and 
sodium chloride, and the latter salt is recycled to the chlorate cells. All 
operations are conducted batchwise. A graphite anode-steel cathode 
cell is used for the conversion of chloride to chlorate, and a platinum- 
clad anode-steel cathode cell is used to change chlorate to perchlorate. 
Construction and operating data are presented for both cells. 


INTRODUCTION 


Since early 1942 potassium perchlorate has been produced at Clare- 
more, Oklahoma, by the Cardox Corp. of Chicago, using an electrolytic 
process. Although the two types of cells involved operate upon sodium 
salts, the basic raw material is potassium chloride. Fresh sodium 
chloride is introduced only to replace mechanical losses. 

This paper will describe the cyclic process and the two cells de- 
veloped to implement the production of potassium perchlorate in this 
plant. 


THE PROCESS 
Briefly, the process consists of the following steps: 


1. Electrolysis of sodium chloride to sodium chlorate in appropriate 
cells. 


2. Concentration of the chlorate cell liquor to separate sodium 
chloride, followed by cooling to crystallize sodium chlorate. 


3. Electrolysis of sodium chlorate solution to produce sodium per- 
chlorate in solution. 


* Manuscript received June 10, 1947. 


1 Armour Research Foundation, Chicago, Ill., formerly Assistant Chief Chemist, Cardox 
Corp., Chicago, Ill. . 
2 Research and Development Div., Great Lakes Carbon Corp., Morton Grove, Ill. 
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4. Interaction of the sodium perchlorate solution and a potassium 
chloride solution to form potassium perchlorate crystals and sodium 
chloride solution. 

5. Separation of the solid potassium perchlorate and return of the 
sodium chloride-containing mother liquor to the chlorate cells. 

Fig. 1 is a schematic flowsheet illustrating the detailed operations 
of the cyclic process, each of which is conducted batchwise. The 
following description refers to Fig. 1. The numbers in parentheses 
refer to corresponding numbers in Fig. 1. 

A concentrated sodium chloride solution containing 200 to 250 g./L 
NaCl is fed batchwise into the chlorate cells (2) which will be de- 
scribed later in some detail. The NaCl for this solution is derived 
in major amount from the mother liquor resulting from the potassium 
perchlorate crystallization, and in minor amount from the solid NaCl 
separated from the chlorate cell liquor evaporator. In the chlorate 
cells, each of which contains some 200 gal. (756 L) of liquor, the 
NaC] solution is oxidized substantially to NaClO, to yield a finished 
cell liquor containing 450 to 550 g./L NaClOs, 85 of NaCl, and 75 
of NaClOy, as well as a few g./L of KClO,. The perchlorate and 
potassium ions are recycled principally from the KClO, separation 
step. Since KCIO, is more soluble in the NaClO, cell effluent than it 
is in the NaCl cell feed, it does not sludge out in the cells. 

From the chlorate cell solution storage tanks (3) the liquor is de- 
canted and féd to a callandria type, single effect vacuum evaporator 
(4) for batchwise concentration. Steam at approximately 15 Ib./sq. in. 
gage (77.6 cm, Hg) is used in the evaporator. In the storage tanks 
which hold about 8,500 gal. (32,100 L) each, the graphite particles 


\ EVAPORATOR 
NaBL CELL FEED TANK 
200-250 gpl 


CELL LIQUOR 
STORAGE 


56-530 gpl NaCl; 
85 gpl NaCl 


ee DISSOLVE NaCl 
Naclo; SOLN 


CENTRIFUGE 


H20 
Haclo = is 
CRYSTALS 
(8 


DISSOLVING 


$00 gpl NaCl0, 
20 gpl NaG103 


CELL FEED 
STORAGE 


a 


Y [fa KC10, PRODUCT 
DRYER. : 


155 gpl NaCl 
Fic. 1. Flowsheet of the potassium perchlorate process. 
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formed by the spalling of the cell anodes are settled and left behind 
when the solution is decanted off. The evaporator is operated to 
achieve a final boiling temperature of 54.4° C (130° F) at the 26 in. 
(660 mm.) of Hg vacuum maintained in the unit. Some sodium 
chlorate is precipitated along with the sodium chloride during the con- 
centration since the solubility limit of both salts is exceeded at this 
temperature. At the conclusion of the evaporation a plug cock on the 
bottom discharge line is opened gradually to raise the pressure, stir 
up the settled salts, and redissolve the precipitated sodium chlorate. 
A final temperature of 113°C (235° F) is attained as the pressure 
approaches atmospheric, and the sodium chlorate is completely soluble 
at this higher temperature, 

The evaporator slurry is then run directly to a decanting tank (5) 
where the mother liquor is separated and led to a Swenson-Walker 
crystallizer (6). The wet, unwashed NaCl crystals are dissolved in 
the decanting tank in fresh water or in perchlorate mother liquor, and 
the resultant solution is pumped to the chlorate cell feed tank (1) for 
re-entry into the process. As the chlorate solution enters the crystallizer 
at about 93° C (200° F) it contains approximately 60% NaClO;, 4% 
NaCl, and 36% H,O. In the crystallizer the solution is cooled to an 
average temperature of 30°C (86°F) with cooling water. Sodium 
chlorate precipitates, but sodium chloride remains in solution. The 
small quantity of KCIO, in the liquor also precipitates at this point. 

Separation of the NaClO; crystals is effected in a Bird solid-bowl 
continuous centrifuge (7) whose capacity is 1,500 lb. (680 kg.) of 
damp NaClO; per hour, Wash water is used in small quantities suffi- 
cient to displace the mother liquor only; too much washing will dis- 
solve NaClO, rather than any solid NaCl. Very little solid NaCl is 
present in the chlorate crystals, the NaCl content of the mother liquor 
being the source of the final NaCl content which averages 0.2%, with 
a maximum of less than 1.0%, on a dry basis. Mother liquor plus 
the wash water from the centrifuge is recirculated to the storage tank 
(3) from which the evaporator is fed; it contains about 400 g./L of 
NaClO, and 100 of NaCl. 

The approximately 2 g./L of sodium dichromate carried in the 
chlorate cell liquor to inhibit cathodic reduction and reduce corrosion 
of the steel cell tanks remain in the liquors throughout the above 
portion of the process, and also serve to protect the steel equipment 
used subsequent to the electrolysis step. The dichromate is recycled 
with the NaCl solution from the evaporation step to the chlorate cells 
with very little replacement required. A concentration of about one 
gram per liter of Na,Cr,O; is maintained in the perchlorate cells to 
decrease cathodic reduction and protect the steel equipment from 
corrosion. 

Sodium chlorate made by the above operations is dissolved in a 
dissolving tank (8) to obtain a concentrated solution for feed to the 
perchlorate cells. Steam heating coils supply the considerable heat 
required to dissolve the NaClO,, which has a negative heat of solution 
of some 5.6 kilogram-calories per gram-mole, The concentrated sodium 
chlorate solution, containing from 650 to 700 g./L NaClOg, is run 
into the perchlorate cells (10) where the chlorate is oxidized to per- 
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chlorate. A detailed description of the cell and its operation will be 
given later, From the cells the perchlorate solution, whose composition 
approximates 800 g./L NaClO, and 20 of NaClO,, is pumped to a 
storage tank (11). 

Potassium perchlorate is made by allowing the sodium perchlorate 
solution to react metathetically with a potassium chloride solution in 
a Swenson-Walker crystallizer (13). The potassium chloride solution 
is prepared at a concentration of 270 to 300 g./L KCI by dissolving 
solid KCI crystals in hot water (12). One solution is fed to one end 
of the crystallizer, and the other is run into the opposite end. After 
the solutions have been mixed, cooling water is circulated through the 
shell and a final average temperature of 20°C (68°F) is reached. 
The quantity of potassium chloride added is slightly less than the 
stoichiometric requirement to depress the potassium ion content of the 
mother liquor which is subsequently returned to the chlorate cells. 

A Bird solid bowl continuous centrifuge (14) is used to separate 
the KClO, crystals from the slurry leaving the crystallizer, and the 
crystals are washed with water to remove mother liquor and any solid 
sodium and potassium chlorides present in the cake. The KCIO, 
crystals are dried in a Link-Belt Roto-Louvre dryer (15) with air 
heated by passage through steam coils, elevated to a small bin, and 
packaged. The final product contains a maximum of 0.25% NaCl, 
0.3% KCIO;, and 0.15% H,O. 

Mother liquor plus wash water from the centrifuge contains 155 
g./L NaCl, and is concentrated in a single-effect vacuum evaporator 
(18) to a concentration of 280 g./L before being returned to the feed 
tank for the chlorate cells. As the concehtrated liquor cools in this 
storage tank, some of the KCIO, content precipitates. 


CHLORATE CELL 


The cell used for the electrolysis of chloride to chlorate depends 
upon the use of vertical graphite anodes and steel cathodes. Similar 
cells were investigated extensively by Groggins, McLaren, Pitman, 
Davis, and Turer.! 

A diagram of the Cardox chlorate cell construction is shown in 
Fig. 2. The cell body is an uninsulated sheet steel rectangular tank 
strengthened by 1.5 in. (3.8 cm.) angle irons around the top and down 
each corner, extensions of the corner angle irons serving as the legs. 
Two vertical sheet steel cathodes divide the cell into three sections 
lengthwise. They are welded to the end walls of the tank and extend 
from about 3 in. (7.62 cm.) above the floor to within about 4 in. 
(10.16 cm.) of the top of the cell body to allow the cell liquor to 
circulate in a downward-upward path around them. Two rows of 5 
each graphite electrodes hang between the cathode sheets, and between 
the two anode rows is positioned a steel cooling chamber about the 
same height as the cathodes and 3 in. (7.62 cm.) wide, also welded 
to the cell end walls. The graphite electrodes are 7 in. (17.8 cm.) wide, 

1P. H. Groggins, A. L. Pitman, J. McLaren and F. H. Davis, Chem. & Met. Eng. 44, 302 
(1937); A, L. Pitman, J. McLaren, F. H. Davis and P. H. Groggins, Ibid, 45, 692 (1938); 


Grogeins, A. L. Pitman and F. H. Davis, Ibid 47, 468 (1940); J. McLaren, J. Turer, 
4. L, Pitman, F. H. Davis and P. H. Groggins, Trans. Electrochem. Soc. 79, 93 (1941). 
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1 in. (2.54 cm.) thick and 40 in. (101.6 cm.) long, and rest at the 
bottom on concrete blocks about 2.5 in. (6.33 cm.) wide, 4 in. (10.16 
cm.) long and 3.5 in. (8.9 cm.) high with notches on the upper sur- 
face to receive the anodes. They are positioned at the top by 5 rec- 
tangular porcelain insulators, each slotted to receive two opposing 
anodes ; the insulators rest in the cell cover. The anodes extend about 
4 in. (10.16 cm.) above the cover, and copper bus bars running along 
each side of the two rows are bolted to them by two bolts per anode. 
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Cooling water flows through the cells in parallel, entering and leaving 
the cooling chamber by rubber hoses attached to nipples welded into 
the cell walls. Short horizontal lengths of 2 in. (5.08 cm.) angle irons 
welded to the end walls serve as contacts by which power cables are 
connected from the anode bus bars of one cell to the cathodes of the 
next. The sheet steel cell body acts somewhat as a cathode, although 
the cathodic current density on the greater area of the walls is so small 
as to afford little more than cathodic protection to the cell body. 

Hydrogen discharged at the cathodes causes a circulation of the cell 
liquor up the central section and down the outer sections, It is vented 
through the roof from each cell by means of a plastic tube leading 
from the cell cover. No segregation of anodic and cathodic gases is 
made, 

The cells are operated batchwise, each 200 gal. (757 L) per cell 
charge of sodium chloride solution being electrolyzed to a final con- 
centration of 85 g./L NaCl before the cell is emptied. Temperature 
is maintained at an average of 35°C (95° F) by the cooling water 
circulating through the cooling chamber, and by heat losses to the air 
through the cell walls. To decrease anode loss the temperature is kept 
as low as possible with the cooling water available. 

Cell voltage ranges from 3.1 to 3.5 v. depending upon the age of 
the graphite electrodes, and 1,600 amp. are carried by each cell. Current 
density averages 50 amp./sq. ft. (5.4 amp./dm.?). Anodes have an 
average life of one year and losses, including stub losses, are about 
20 Ib./ton NaClO, (10 g./kg.). Current efficiency has been maintained 
at 85% to 90% for several years. The total power applied to the 
bank of chlorate cells is 500 kw. Production per cell is some 2 Ib. 
(0.908 kg.) of NaClO, per hour. 

The pH of the cell liquor is kept at 6.8 by additions of a 1:1 or 2:1 
hydrochloric acid solution every 24 hours. A glass electrode is used 
to measure the pH of samples. 

Table I summarizes the pertinent data on construction and operat- 
ing characteristics of the chlorate cell. 


TABLE I 


Characteristics of Cardox Chlorate Cell 


Dimensions, cell body height, 42 in. (106.7 cm.) ; length, 43 in. (109.2 cm.) ; 
width, 30 in. (76.2 cm.) 


Capacity 200 gal. (757 L) ; 
Anode 10 graphite bars, 1 x 7 x 40 in. 
(2.54 x 17.8 x 101.7 cm.) 

Life 1 year 
Consumption 20 Ib./ton NaClO, (10 g./kg.) 

Cathode 2 steel sheets, 43 x 35 x a in. (109.2 x 89 x 0.48cm.) 

Voltage 3.1 to 3.5 

Current, amperage 1, 

Current efficiency 85% to 90% 

Current density, anodic 50 amp./sq. ft. (5.4 amp./dm.?) 

Temperature, average 35°C (95° F) 


p 6.8 
Production per cell 2 Ib, NaClO,/hr. (0.91 kg./hr.) 
Cell feed 


250 g./L NaCl 
Cell effluent 450-550 g./L NaClO,, 85 g/L NaCl 
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PERCHLORATE CELL 


Fig. 3 is a diagram of the Cardox perchlorate cell showing con- 
struction and dimensional features. The cell body, similar to that used 
for the chlorate cell, is constructed of sheet steel and angle irons. A 
steel cooling chamber, 30 in. (76.2 cm.) long, 27 in. (68.5 cm.) high, 
and 2 in. (5.08 cm.) wide, placed vertically in the center of the length 
of the cell is welded to the ends of the cell, and contains inlet and 
outlet nipples for connection to the cooling water circulation system. 
The cathodes are four vertical 3 in. (7.62 cm.) diameter steel tubes, 
33 in. (83.8 cm.) long, depending from the cell cover, and are spaced 
two on each side of the cooling chamber. Each cathode pipe has 8 to 
10 holes, 0.5 in. (1.27 cm.) in diameter, drilled through the pipe wall 
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near each end to permit the entrance of solution at the bottom and 
exit of hydrogen and liquor at the top. Porcelain insulator-spacers in 
the bottom and top of the cathode tube hold the anode. The bottom 
spacer rests on steel clips fastened on the inner wall at the bottom 
of the tube, and the top spacer has a flange at its upper edge which 
rests on the top edge of the tube. 

Anodes are 0.5 in. (1.27 cm.) copper rods clad with a 0.02 in. (0.05 
cm.) thick platinum sheet. They are made by the American Platinum 
Works, Newark, N. J. A similar construction is described by Burman." 
The 30 in. (76.2 cm.) long anodes are centered in the cathode tubes 
by the two porcelain spacers. Insulated, stranded copper cables con- 
nect the four anodes in parallel to a steel angle iron welded to the 
wall of the next cell. 

Each cell is filled to within 2 in. (5.08 cm.) of the cover with 50 
gal. (189 L) of a solution of NaClO, nearly saturated at 45°C 
(113° F); its concentration is 650 to 700 g./L NaClOs. The cells 
are operated batchwise, and each portion of liquor is electrolyzed to 
a final chlorate content of 20 g./L NaClO, before being discharged 
to a storage tank. Hydrogen formed at the cathode leaves the tube 
through the upper row of small holes and is vented through the roof 
from the cell cover. ; 

Operating temperature ranges from 45° to 55° C (113° to 131° F), 
and the pH is alkaline, at times reaching a maximum of 10.5. The 
pH is not controlled as it is in the chlorate cell. 

Some chlorine is evolved early in the cycle, and at the end of the 
electrolysis traces of ozone are found in the exit gas. 

Voltage of the cell is 6.2 to 6.8 and is sensitive to temperature and 
chlorate concentration. It rises at the end of the run as the chlorate 
concentration becomes lower. A current of 500 amp., 125 amp. per 
electrode, is maintained. Current density is 480 amp./sq. ft. (52 
amp./dm.?), and a current efficiency of 93% to 97% has been obtained 
for several years. Production per cell is 2 lb./hr. (0.91 kg./hr.). 


Tae II 
Characteristics of Cardox Perchlorate Cell 
Dimensions, cell body height, 33 in. (83.8 cm.); length, 30 in. (76.2 cm.) ; 
width, 16 in, (40,6 cm.) 

Capacity 50 gal. (188.5 L) ; 

Anode 4 Pt-clad Cu rods, 0.5 in. (1.27 cm.) dia. x 30 in. 
(76.2 cm.) long 

Cathode 4 steel tubes, 3 in. (7.6 cm.) dia, x 33 in. 
(83.8 em.) long 

Voltage 6.2 to 68 

Current, amperage 500/cell, 125/electrode 

Current density, anodic 480 amp./sq. ft. (52 amp./dm.?) 

Current efficiency 93% to 97% 

Temperature, average 45° to 55° C (113° to 131° F) 

pH alkaline, less than 10.5 

Production per cell 2 lb. KC10,/hr. (0.9 kg./hr.) 

Cell feed 650 to 700 g./L NaClO, 

Cell effluent 800 g./L NaClo, 


20 g./L NaClO, 
7L, C, Burman, Chem. & Met. Eng. 48, No. 3, 89 (1941). 
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Operation of the cell is greatly affected by the chloride content of 
the cell liquor. At concentrations of more than 2% (dry basis) no 
perchlorate is formed. The effect is abrupt, and it appears that a 
critical chloride concentration is involved. No explanation of this 
effect can be offered. 


The potassium ion content of the NaClO, solution fed to the per- 
chlorate cells causes precipitation of some KCIO, in the cells as the 
NaClO; is converted to NaClO,. About 2 Ib. (0.91 kg.) of KCIO, 
forms per day per cell. This equals about 5% of the total perchlorate 
present in the final cell liquor. It is washed from the cells to a collect- 
ing sump and returned to the process when the batch is finished. 

Table II lists the construction and operating characteristics of the 
perchlorate cell. 
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Resumen de! articulo: “La Produccién de -Perclorate Potasico.” 


Se describe la produccién comercial de perclorato potasico por la 
Cardox Corporation (Fig. 1) por un procedimiento discontinuo. 


Se pasa un electrélito con 200 a 250 gm. por litro de NaCl por 
celdas (Fig. 2) que lo convierten en gran parte en clorato sddico. 
Emplean 4nodos de grafito y catodos y recipiente de acero. Luego se 
separa el clorato por evaporacién y enfriamiento, y se disuelve hasta 
700 gm. por litro en agua y se oxida a perclorato en otras celdas 
(Fig. 3) con anodos platinados y catodos de acero. 


Entonces se mezda la solucién de NaClO, con otra de KCl, precipi- 
tandose cristales de KCIO,. El liquido restante se concentra por 
evaporacién y se devuelve a las celdas que producen clorato. 


DISCUSSION 


Mitton Janes?: I was interested in your comments about chlorine dioxide 
explosions. We encountered a chlorine dioxide explosion while extracting an 
anode with water in a Soxhlet apparatus. Chlorine dioxide was formed by 
interaction of hydrochloric acid and chlorate and a sharp explosion occurred 
blowing the condenser out of the top of the extractor. We had occasion to 
make a few test runs with a batcli process similar to what you have described 
and lessened the possibility of chlorine dioxide explosions in the cell by taking 
advantage of dynamic evaporation which occurred in the electrolytic cell as a 
result of hydrogen evolution. Thus instead of adding concentrated acid we 
employed acid considerably diluted with water or with brine, and thus avoided 
local high hydrochloric acid concentration in the cell and consequently any 
degree of chlorine dioxide production. 


National Carbon Company, Inc., Cleveland, Ohio. 
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The acid that we finally concentrated on was about a one to one. It has been 
found other places that chlorine dioxide, to be evolved with an acid, has to 
have a reducing agent there, The chlorine ion itself acts as a reducing agent 
but you have to have a pretty high concentration of acid. The one to one is 
not bad but we are dealing with laborers or gentlemen of labor, I might say, 
who were previously farmers, and many points escaped them. If they fell asleep 
once, they had twice as much acid the next time and of course the local high 
concentration would result in some disturbances. 


Ratpx M, Hunter!: I would like to asi any one of the four previous 
authors,—what is the matter with magnetite? There is a scarcity of magnetite 
mentioned in the papers. 


Mitton Janes: I am not going to answer the question. I would just like to 
qualify by saying that I recognize that in Germany graphite was scarce and 
expensive and yet there was magnetite, and in the U. S. magnetite is, let us say, 
not available, and yet it was overwhelmingly used in Germany. Now, if it were 
available at a decent price, would it be an attractive anode? 


C. L. Mantett3: Well, did you ever try to make it? 


C. A. Hampec: Replying to Dr. Mantell, it is difficult to make. It would be a 
very good anodic material but is unavailable in this country. About four years 
ago, I tried to get a piece of it for experimental work. I wrote to all the 
gentlemen at St. Mary's, Pennsylvania, that I knew and they reported to have 
experimented with it at one time but with no results, and I wrote to someone 
else, I believe it was Dr. M. B. Geiger of Oldbury Electro Chemical Company, 
in hopes that he might have used magnetite as an anodic material and could 
give me a little sample. He didn’t know where it could be obtained and didn’t 
know of it in this country. During the war, of course, there was very little 
commerce between the United States and Germany so they didn’t have that 
source of supply. 


Mitton Janes: In a report by Mr. Hunter on German chlorate practice® a 
figure is given for magnetite anode weight loss of 0.02 pounds per pound of 
chlorate produced. Essentially the same figure for magnetite weight loss is 
reported by Mr. R. B. McMullin.?’ This amounts to 40 pounds per ton of 
chlorate produced, as large if not larger than the weight loss with graphite 
anodes. To be sure, volume loss would be less for the magnetite anodes because 
of the considerable contrast in densities of the two anode materials. Further- 
more, we have understood that a Swedish firm producing chlorate using 
magnetite anodes apparently did not remove the iron resulting from solution of 
the anodes, and making a virtue of necessity called their product “Golden 
Brown” chlorate. 


J. C. ScHUMACHER®: We were very much interested in what the Germans 
had done with magnetite, and were able to secure some samples of the type 
and quality they used. We found that the cell voltage was higher for magnetite 
than for graphite, and on going into the matter further, we concluded that 
probably one of the reasons the Germans hadn’t used graphite was that they 
had never developed a suitable graphite for this type of work. I understand 
that they have gone over to some graphite, and that they probably would use 
more graphite if they had a suitable quality available, 


Netson C. Wure®: We had in our possession one small piece of magnetite 
which came from Sweden years and years ago. We have done a small amount 
of experimental work in a very small cell with that one anode, and at the risk 
of calling everybody wrong who has spoken today, we didn’t get any indication 
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of color from iron and I would say the loss was infinitesimal. However it is 
like the cardox platinum loss, we haven't operated long enough to know what 
the loss is going to be per unit of chlorate produced, but we would very much 
like to find somebody, in spite of Dr, Mantell, that could make some anodes so 
that we could try them out on a decent sized scale. 


W. C. Garpiner!9: The Carborundum Company, Research Department, made 
a magnetite anode several years ago which I tested as a chlorine anode but it 
gave a yellow coloration to the brine and had a high overvoltage so that I was 
no longer interested. 1 mention it now as a source of magnetite, If anybody 
wishes to test it, I suggest that they get in touch with the Carborundum 
Company. 


R. M. Hunter: At the end of the war the chlorate cells at Bitterfeld were 
unanimously equipped with 144 magnetite electrodes per cell. Each electrode 
was about 2” x 444” x 48” and although there was very little evidence of wear, 
Il was informed that the consumption was 0,02 lbs. magnetite per pound of 
chlorate. The dense uniform appearance of the electrodes would seem to con- 
tradict this figure, but it was stated to be true. 


A. C. Loonam?!: J would like to ask Dr. Hunter how they got a decent 
electrical conductivity on the magnetite anodes. 


R. M. Hunter: Speaking from memory on a detail on which I did not take 
notes, I recall that the 2” by 4” fused magnetite anodes were cast around a 
copper bar approximately 114” in diameter. The magnetite extended several 
inches above the liquor level and I believe the copper bar was fastened to an 
assembly frame, which conducted the current, by a turnscrew. 


A. C. Loonam: Dr, Fink can probably tell more about this than I, but it is 
my understanding that when the big electrolytic copper plant at Chuquicamata, 
Chile, was started, magnetite anodes were installed. These were hollow and 
plated on the inside with copper to improve their electrical conductivity. How- 
ever, the gas given off got behind the magnetite and caused it to spall off. As a 
result, these anodes were abandoned and replaced, first by Duriron and later by 
the Chilex anode developed by Dr. Fink. 
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Ammonium Perchlorate 
ee 


Ammonium Perchlorate has no known hydrates. It is a good oxidiser for propellant as all it's combustion products 
are gaseous and it produces little smoke. It has a melting point (with decomposition) of 450C. 

Ammonium Perchlorate cannot be made by electrolysis of Ammonium Chloride (or Chlorate). Ammonium 
Chlorate is an unstable, dangerous compound. 

The procedures for making Ammonium Perchlorate assumes that you have pure Sodium Perchlorate to start with. 
There must be NO Chlorate present as Ammonium Chlorate will form. Ammonium Chlorate is an unstable 
compound that is liable to explode at 106C. It is very dangerous when mixed with combustible materials and will 
be liable to ignite spontaneously at much lower temperatures. All Chlorate must be destroyed by chemical means 
before starting to make Ammonium Perchlorate. Recrystallizing the Sodium Perchlorate will not be good enough as 
there will be some Sodium Chlorate contaminant in the recrystallized product. The Sodium Chlorate should be 
destroyed by using an excess of chemicals or, if you are more exacting, you can use what you think is needed to 
destroy the chlorate and then test for the presence of Chlorate by using a sensitive test for Chlorate, like Indigo 
Carmine (see elsewhere on this page). 


[Solubility of Ammonium Perchlorate in water 
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Making NH4C104 


Ammonium Perchlorate from Sodium Perchlorate and Ammonium Chloride 

Ammonium Perchlorate from Sodium Perchlorate and Ammonium Nitrate 

Ammonium Perchlorate from Sodium Perchlorate and Ammonium Sulphate 

Ammonium Perchlorate from Sodium Perchlorate and Ammonium Hydroxide or Ammonia gas 


Ammonium Perchlorate from Potassium or Barium Perchlorate 


Ammonium Perchlorate can be made by adding Ammonia gas, Ammonium Hydroxide or Carbonate to Perchloric 
acid. 


Ammonium Perchlroate can also be make via Lithium Perchlorate and Ammonium Carbonate. The Lithium 


Carbonate so produced is insoluble and will precipitate leaving the Ammonium Perchlorate in solution. See the Li 
Perchlorate section for US Pat. No. 3,020,124. 


Uses of Ammonium Perchlorate 


Ammonium Perchlorate is used as the oxidiser in rocked propellants. It has a high oxygen content, it's 


decomposition products are all low molecular weight gasses, it's 'n' value is suitable and it produces little visible 
smoke. It is also used in pyrotechnics for the blue colour it produces amongst other things. 

When used as a rocket propellant it must have a certain range of crystal sizes in order to give the required burning 
characteristics. The manufacturers of Ammonium Perchlorate obtain theses crystal sizes by careful control and 
regulation of the crystallization stages in the manufacturing process. For the amateur batch producer it is harder to 
obtain a product that has the required range of crystal size. The Author is not aware of any cooling schedules, after 
re dissolving the Ammonium Perchlorate, that will give a ppt of the Perchlorate with a predetermined crystal size 
distribution. US Patent No.2,739,873 discusses cooling schedules for a continuous industrial set up, in order to give 
desired crystal size/blend/range. See Chemical Engineering Progress in 'Further Reading Section". 

Mesh sizes greater than 200 are preferably whole crystals with rounded corners. Theses crystals are formed by 
cooling/growing schedules. Smaller sized are usually produced in impact mills (ball mills). The sized and 
distribution of sizes of oxidiser will have a large effect on burn rated of propellants. The particle size will also have 
a large effect on the "pourability" of the propellant when it is ready to be loaded into a motor. The larger the 
particle size the more "pourable" the mixture. 


When Ammonium Perchlorate is used, together with other chemicals, for colour production in pyrotechnic devices 
it is not advisable to use Sodium Perchlorate for to make it. It is very difficult to eliminate all Sodium ion 
contamination which will result in orange (Sodium) colour contamination. 


Ammonium Perchlorate crystals have a tendency to trap water | Gr¥stal ef Ammonium 
within the crystals (occluded moisture) and this can be ph Seles dine ktm, 
difficult to remove by drying. It can slowly make it's way to 

the surface of the crystal where it will cause caking of the 
Perchlorate. Ammonium Perchlorate is often packed with 
silica gel to help counteract this problem. This moisture can be 
a problem when the Perchlorate is used with water sensitive 
compounds. If the moisture is exposed by milling it can be 
removed by further drying. 
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Ammonium Perchlorate from Sodium Perchlorate and Ammonium 
Chloride 


The following assumes that ALL traces of Chlorate have been destroyed before conversion of the Sodium 
Perchlorate into Ammonium Perchlorate. If there are traces of Sodium Chlorate present, Ammonium Chlorate will 
form, and this will give a dangerous unstable product. See Destroying Chlorate by chemical means for to eliminate 
all Chlorate. 


Method 1 


You can scale the following up or down: 

Looking at the mutual solubility diagram below we see that since NH4C104 is the least soluble of all the possible 
products at low temperature it will precipitate/crystallise first. However, if your solutions are too concentrated NaCl 
will also precipitate, contaminating your product. So, aim to have about 33g of NaCl per 100g of water at the end 
of your conversion as this is just below the saturation point of NaCl (see graph). 


Now, 33g of NaCl is 33¢/58.5g = 0.564 moles of NaCl. 

You need 0.564 moles of NaClO4 per 100ml water, that's 0.564 * 122.5g = 69.1g NaClO4 

The amount of ammonium chloride required is 0.564 moles, which is 0.564 * 53.5g = 30.17g NH4Cl 
This will produce 0.564 moles of NH4C104 which is 0.564 * 117.5g = 66.278 NH4ClO4 


Now, in order to get everything to dissolve you need to have the temperature at 90 degrees or slightly higher. If 
you go too hot you lose a lot of water due to evaporation. You should dissolve the NaC1O4 first in a minimum of 
water @ about 90 degrees. Then dissolve the ammonium chloride in the rest of the water but this requires a lot of 
heating because ammonium chloride absorbs a lot of heat when it dissolves. 

Then simply add the solutions, mix and cool ever so slowly to -10 degrees or so over a period of about 24 hours. 
You can wrap the container is insulation and leave it to cool down to room temperature (in a warm place if 
possible). Then put into freezer, still wrapped, and cool further. Don't let ice form. The slow cooling will produce 
big crystals of ammomium perchlorate which are easily washed with cold water with minimum loss of ammonium 
perchlorate. 

The total amount of ammonium perchlorate produced is 0.564 moles which is 0.564 * 117.5g = 66.27g. Not all of 
this will come out of solution but you should get about 50 grams. 


How the Pro's do it 


The graph below shows the mutual solubilitys of the the relevent salts. The system is suited to fractional 
crystallization. Starting at point A the mother liquor is cooled, resulting in the crystallization of some Ammonium 
Perchlorate. The composition of the mother liquor is now represented by point B. Some liquid is now evaporated 
off (flashed off, as it is called) to a composition C. The evaporation is done in a vacumm. The temperature of the 
mother liquor will drop and some Sodium Chloride, the amount being represented by the length of line segment C- 
D, will ppt out of solution so that the point D is reached. Some water is now added so that the starting 
concentrations are reached again, point A. Some more reactants are added (Sodium Perchlorate + Ammonium 
Chloride) and the cycle is repeated. 

This process is continued repeatedly so that crystals of the proper shape, size and size distribution are obtained. 
From: Chemical Engineering Progress (Vol. 57, No. 11, page 138 (Nov. 1961)) 


Mutual Solubility NH4CiO4 


NH4ClO4-NaCl-H2O0 


Units in Grams per 100 Grams water 


Method 2 


See US Patent No. 1,453,984 which is available here. 


Having read the patent it is simply a matter of using a weighing scale to keep track of your solutions so that you 
will know what percentage solution you are dealing with. 


The graph below shows the solubilitys of the relevent salts in both methods above. Ammonium Perchlorate and 
Sodium Chloride form what is called the 'stable pair’, ie. they are the most two likely salts to ppt out of solution. 
This graph is not a mutual solubility graph. 
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US Patent 1,453,984 
Manufacture of Ammonium Perchlorate 


May 1, 1923. Ralph Austin Long 


The invention relates, particularly to the manufacture of Ammonium Perchlorate from Sodium Perchlorate and 
Ammonium Chloride. 

The object of the invention is to provide a method, by which Ammonium Perchlorate of high purity is produced 
and in which the by-product Sodium Chloride is obtained in such form that it is unnecessary to recrystalize in order 
to remove valuable materials. I have discovered a process in which the reaction between equivalent quantities of 
Sodium Perchlorate and Ammonium Chloride when added to a previously prepared nucleus solution, containing 
essentially the correct proportions of either Sodium and Perchlorate ions, or Ammonium and Chloride ions, is such 
that comparatively pure Sodium Chloride separates out hot. The concentration of the Sodium Chloride left in 
solution in sufficiently low that, after the portion which separates has been filtered off, the filtrate, upon addition of 
from six to seven percent water , can be cooled to a temperature below 30C, resulting in a large yield of 
Ammonium Perchlorate of high purity. The mother liquor after the dilution water has been evaporated off, forms 
again the above mentioned nucleus solution for the new cycle. 

The process, in brief, depends upon the fact discovered by me that the proper excess of either Sodium Perchlorate 
or Ammonium Chloride is maintained in the solution throughout the reaction, thus producing the proper depression 
of the solubility of the Sodium Chloride at the high temperatures and of the Ammonium Perchlorate at the low 
temperatures due to effect of the common ions in each case. 


To a hot nucleus solution containing the correct proportions of Ammonium Perchlorate, Sodium Chloride and from 
one to six percent of either Ammonium Chloride or Sodium Perchlorate, is added Sodium Perchlorate and 
Ammonium Chloride in such amounts that the excess of either Sodium Perchlorate of Ammonium Chloride 
originally present in the nucleus solution is not disturbed. The existence if either one of these above mentioned 
salts in the hot solution depressed the solubility of Sodium Chloride and caused more to separate out than 
ordinarily would. After filtering off the separated Sodium Chloride and adding a sufficient amount of dilution water 
to prevent any further seperation of the salt, the solution is cooled. At the cooler temperature, the presence of 
Sodium Perchlorate or Ammonium Chloride in the solution depresses the solubility of the Ammonium Perchlorate, 
resulting in a larger yield of product at these temperatures. In both cased this effect is due to the existence of the 
common ions. In the first case it is due to the presence of the common ions, Sodium and Perchlorate. In the second 
case it is due to the presence of the common ions, Ammonium and Chloride. 

As an example, I may state that the process may be carried out by employing a nucleus solution containing 
approximately 9% to 12% Ammonium Perchlorate, 1% to 7% Sodium Perchlorate, and 17% to 22% Sodium 
Chloride, removing the Sodium Chloride that separates out, diluting the remaining liquid and then removing the 
Ammonium Perchlorate at a temperature below 30C. 

In the case Sodium Perchlorate is to be used in excess, a nucleus solution is prepared at 100C to contain 11.8% 
Ammonium Perchlorate, 3.6% Sodium Perchlorate and 20% Sodium Chloride. To this solution is added the proper 
amounts of Sodium Perchlorate and Ammonium Chloride to produce a solution containing 25% Ammonium 
Perchlorate, 3.8% Sodium Perchlorate and 17.5% Sodium Chloride and the NaCl that separates out at this 
temperature is removed. The filtrate is diluted with 6% water and cooled to 20C when a crop of Ammonium 
Perchlorate is removed. The mother liquor is then concentrated until it contains approximately the same amount of 
dissolved salts as the original nucleus solution. 

In case Ammonium Chloride is used in excess, a nucleus solution is prepared at 100C to contain 12.5% 
Ammonium Perchlorate, 1.6% Ammonium Chloride, and 22% Sodium Chloride. To this solution is added the 
proper amounts of Sodium Perchlorate and Ammonium Chloride to produce a solution containing 26% Ammonium 
Perchlorate, 1.6% Ammonium Chloride and 18.9% Sodium Chloride. The Sodium Chloride that separates out at 
this temperature is removed and the filtrate treated in the same manner as above. The mother liquor is then 
concentrated until it contains the same amount of dissolved salts as the original nucleus solution. 

While I have given examples it should be understood that I do not limit myself to these proportions or 
temperatures, but find that good results can be obtained when using a solution in which the percentage of 
Ammonium Perchlorate varies from 18% to 30% and that of Sodium Chlorate or Ammonium Chloride varies from 
1% to 7%. At the same time the nucleus solution may be prepared at temperatures between 75C and 100C and the 
Ammonium Perchlorate is removed at any temperature below 30C. 


Having described by invention, what I claim is: 

A process for the manufacture of Ammonium Perchlorate which consists of employing a nucleus solution 
containing approx. 9% to 12% Ammonium Perchlorate, 1% to 7% Sodium Perchlorate, and 17% to 22% Sodium 
Chloride, adding to this the proper amount of Sodium Perchlorate and Ammonium Chloride to produce a solution 
containing 18% to 30% Ammonium Perchlorate, 1% to 7% Sodium Perchlorate, and 17% to 22% Sodium 
Chloride, removing the Sodium Chloride that separates out, diluting the remaining liquid and then removing the 
Ammonium Perchlorate at a temperature below 30C. 


RALPH AUSTIN LONG 
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Ammonium Perchlorate from Sodium Perchlorate and Ammonium 
Nitrate 


The following assumes that ALL traces of Chlorate have been destroyed before conversion of the Sodium 
Perchlorate into Ammonium Perchlorate. If there are traces of Sodium Chlorate present, Ammonium Chlorate will 
form, and this will give a dangerous unstable product. See Destroying Chlorate by chemical means for to eliminate 
all Chlorate. 

The byproduct in this case is Sodium Nitrate which may be useful for other pyrotechnic jobs, you could also 
convert it to KNO3 as described elsewhere. 


[Molecular weights 


The graph below shows the solubility's of the relevant salts. The 'stable pair' is Ammonium Perchlorate and Sodium 
Nitrate. The solubility's of theses two salts are fairly far apart and you will be able to get a crop of Ammonium 
Perchlorate from the solution. I do not have the mutual solubility graph of the stable pair but you will be able to 
work at about 0.6 moles and dissolve in the Sodium Perchlorate and Ammonium Nitrate above 80C. The 
Ammonium Perchlorate will come out of solution as you cool to zero or below. You should cool slowly to get large 
crystals of Ammonium Perchlorate which will wash easily. 

So for every 100ml water dissolve in 0.6 moles (73.5g) Sodium Perchlorate and 0.6 moles (48g) of Ammonium 
Nitrate and dissolve in the water at 80C. Cool slowly to about -10 to obtain your Ammonium Perchlorate. 


Ammonium Nitrate can be difficult to dry or it may have inert filler in it. It may be handier to work with a 50% 
solution and not isolate the Ammonium Nitrate as a solid. Don't forget to include the water that is in the 
Ammonium Nitrate solution when you are deciding how much water to use in the double decomposition reaction. 


Getting a 50% solution of Ammonium Nitrate 


If the Ammonium Nitrate is not pure it will have to be purified. It is difficult to recrystalize the Ammonium Nitrate 
as the precipitated Nitrate will be mixed with the inert filler. The best (and handiest) way to deal with the 
Ammonium Nitrate is to make a 50%wt solution of it and use that in the process. To make a 50% you should take 
about 3KG of the Ammonium Nitrate (pure or otherwise) and dissolve it in one liter of water. An Aluminium or 
stainless steel container is ok. It will look like an awful lot of Ammonium Nitrate but it will all dissolve. You will 
need to heat the water as the solution will get very cold (its uses in freezing packs after all) when the Ammonium 
Nitrate is dissolving and you will want to hurry it up. When all the Nitrate has dissolved (this will have happened at 
50C or less) you should stop heating. The solution may be very cloudy because of the inert filler in the Ammonium 
Nitrate but it's ok. Let the solution settle and all inert filler will fall to the bottom. There may be some of the inert 
filler floating around on the top which you can lift off with a spoon. Let the solution cool slowly to one of the 
chosen temperatures in the table below. You should make sure that some Ammonium Nitrate has crystallize out as 
long pretty needles at your chosen temperature. This will happen if you have proceeded as described above. 


When the solution has reached your chosen temperature pour or siphon off as much of the clear(ish) liquid as 
possible and put into a seperate container. Sometimes the inert filler is very fine and some will still be suspended 
in the solution but you will be able to get rid of it later. Don't be tempted to be greedy and contaminate your 
clear(ish) solution with much of the solid material that is at the bottom of the container that you are siphoning 
from. The solution that you have siphoned (or poured) off will be a certain percentage of Ammonium Nitrate as 
shown in the table. ie. if you let your solution cool to 20C it will have 65.5g Ammonium Nitrate per 100g of 
solution. The particular temperature you choose is up to you. The more you cool, before siphoning, the more 
Ammonium Nitrate will come out of solution and you may feel you are wasting Ammonium Nitrate and may wish 
to sipnon off at one of the higher temperatures. As stated above, make sure that Ammonium Nitrate is actually 
precipitating in long needles at your chosen temperature before you start to siphon. 


Temperatures, %wt & amount of water per gram solution to add to get a 50%wt solution 


| | 


Temperature Weight % Grams water to add per gram solution 
30 0.408 


25 ; 


20 
Weigh the clear(ish) solution that you have obtained by siphoning (or pouring) and for every gram of solution that 
you have add the amount of water that it says to add in the table. For example if you have a total weight of 1670g 
of solution, and you let your solution cool to 20C before siphoning off the clear(ish) liquid then you should add 
1670 * 0.31 = 518 grams of water to the solution to obtain 1670 + 518 = 2188¢ of solution. Stir and dissolve any 
Ammonium Nitrate that may have came out of solution. You will now have a 50% solution of Ammonium Nitrate 
for the next stage of the process. Put the solution in a tallish container with a lid and if there is any suspended filler 
still in it, it will fall to the bottom after about 24 hours. You can then siphon (or pour carefully) the now perfectly 
clear solution of 50% Ammonium Nitrate for the next stage of the process. Save it in a container with a lid, you 
don't have to use it all at once. 
If you have pure Ammonium Nitrate to start with you don't have to bother with the 50% solution, you can just use 
as is. 
The remainder of the Ammonium Nitrate that was left in the heating container can be discarded if your Ammonium 
Nitrate has inert filler in it, or if your Ammonium Nitrate was pure (If you are using freezer packs) you can save it 
for the next time you want to make up a 50% solution of Ammonium Nitrate. Don't throw in drains etc. Dilute it 
with plenty of water and spread it on grass. 


ee 0.364 
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When using a 50% Ammonium Nitrate solution work as follows: 

Take 52ml water and dissolve 73.5g of Sodium Perchlorate in it. Heat the solution to about 80C. Take 96g of 50% 
Ammonium Nitrate solution and and heat to 80C and add the two solutions. You will now have 0.3 moles of 
Sodium Perchlorate and Ammonium Nitrate in 100ml of water as per the first example. Cool slowly and filter of 
Ammonium Perchlorate 


NaNo3 


NH4ACIO4 
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There is a study of the Ammonium Nitrate/Sodium Perchlorate/Water system in: 
Karnaukhov, A.S., Izvest Sektora Fiz-Khim. Anal., Inst. Obshchei i Neorg. Khim., Akad. Nauk S.S.S.R., 25, 334 
(1954) 
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Ammonium Perchlorate from Sodium Perchlorate and Ammonium 
Sulphate 


The following assumes that ALL traces of Chlorate have been destroyed before conversion of the Sodium 
Perchlorate into Ammonium Perchlorate. If there are traces of Sodium Chlorate present, Ammonium Chlorate will 
form, and this will give a dangerous unstable product. See Destroying Chlorate by chemical means for to eliminate 
all Chlorate. 


The graph below shows the solubility's of the relevant salts. The 'stable pair' is Ammonium Perchlorate and Sodium 
Sulphate. The solubility's of theses two salts are not as far apart as we would like but you should note that you will 
get two moles of Ammonium Perchlorate for every mole of Sodium Sulphate. This will make it possible to get a 
crop of Ammonium Perchlorate from the system. If you work at 0.25 moles and keep the temperature of your 
system above 30C then you should get a crop of Ammonium Perchlorate crystals. You should cool slowly to get 
large crystals of Ammonium Perchlorate which will wash easily. I do not have the mutual solubility graph of the 
stable pair. This system is not as favourable to one off batch processing as the other systems that used Ammonium 
Chloride and Nitrate. 


So for every 100ml water, dissolve in 2 * 0.25 = 0.5 moles (61.25g) Sodium Perchlorate and 0.25 moles (33g) of 
Ammonium Sulphate and dissolve in the water at 80C. Cool slowly to 30C to obtain your Ammonium Perchlorate. 
You will get 2 * 0.25 = 0.5 moles Ammonium Perchlorate but you won't be able to precipitate all of this. You 
should be able to ppt about 0.2 moles (23g) of Ammonium Perchlorate, not a good yield. 


NaClo4 


2NaClO4 + (NH4)2504 == 2NHACIO4 + Na2S504 


1.0 
Note: In this system you get two moles ammonium perchlorate per mole sodium 
sulphate produced. 
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Ammonium Perchlorate from Sodium Perchlorate and Ammonium 
Hydroxide or Ammonia gas 


The following assumes that ALL traces of Chlorate have been destroyed before conversion of the Sodium 
Perchlorate into Ammonium Perchlorate. If there are traces of Sodium Chlorate present, Ammonium Chlorate will 
form, and this will give a dangerous unstable product. See Destroying Chlorate by chemical means for to eliminate 
all Chlorate. 


I asked a guy the following: 


Can you make Ammonium Perchlorate by bubbling ammonia gas into Sodium Perchlorate solution? 
NH3 + Naclo4 + 4H20 <===> NH4C104 (ppt out) + NaOH 
I have never seen it mentioned in the literature anywhere. 


Will adding Ammonium Hydroxide (same as above really) work either? 


The problem is that the Ammonia is a gas_and is therefore free to escape 
while the NaOH has nowhere to go and will tend to favour the reverse 
reaction (especially at higher temperature): 


NH4C104 + NaOH -> NaCl04 + H20 + NH3 


You could try to take advantage of the much lower solubility of NH4C104 in 
water, If you start with a concentrated solution of NaCl04 at © degrees or 
even a bit lower, bubbling in Ammonia gas_ (under pressure if possible) 

oe cause NH4C104 to precipitate/crystallise since it is much less 

soluble than Nacl0O4. The low temperature and pressure will both help to 
reduce the loss of Ammonia gas, thus favouring the forward (desired) reaction. 
The NH4C104 would then have to be washed free of NaOH with aqua Ammonia to 
prevent the residual NaOH from displacing Ammonium ions in the Ammonium 
Perchlorate and contaminating the product. 
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Ammonium Perchlorate from K or Ba Perchlorate 


Sometimes K, or or less commonly, Ba Perchlorate is available and can be used to make Ammonium Perchlorate. 
The following came from Dave Faulkiner 


Solubilities of alkali metal perchlorates at 25°C 


Solubility g/100g sol 


Making Ammonium Perchlorate 


There are many different ways to make ammonium perchlorate (AP). They fall into two main categories: 


o Ion Exchange and 


eo Double displacement reactions. 


Ion Exchange is a method that incorporates exchanging a charged ion from another ion, for instance a sulphonated 
acidic resin would exchange K* with H* in potassium perchlorate to produce aqueous perchloric acid. 


Double displacement reactions involve the exchange of ions within two compounds eg: 


NaCLO, (aq) + KCL (aq) ® NaCl (aq) + KC1O, (s), here we can see that the perchlorate ion, in 


the extremely soluble sodium perchlorate is displaced out of solution, due to its poor solubility 
with the potassium ion. 


I have found that the most efficient double displacement reaction to use, to make AP is seen with equation (1): 


2KCl1O,4 (aq) oh (NH4)2SO4 (aq) ® 2NH,CLO, (aq) 7 K S04 (aq) waieletsiee ease (1) 


Ba(ClO,)> (aq) + (NH4)2SO4 (aq) ® 2NH,ClO, (aq) ae BaSO4 (aq) sara wiaics are diakse sory (2) 


The first thing to observe is that 2 moles of potassium perchlorate and a 1 mol of a cheap 
fertiliser ammonium sulphate is used, to produce 2 mols of AP and 1 mol of potassium 
sulphate. The advantage of this reaction is that both products can be separated from each 
other in a clean and pure form. 


Reaction 1: 


Once both reactants are in solution heat both up to 8090°C and mix together while 
stirring, the displacement reaction is instantaneous under these conditions. Heat off most 
the water until a paste or sludge forms, both AP and PS are mixed into together, so the 
way to separate the two is by using a solvent where one component is soluble in and the 
other is insoluble. PS is insoluble in most alcohols, the best is ethanol, but because this 
solvent is extensive used in drug purification, regulations are placed on this alcohol. So the 
other alternative is methanol, usually 4X times the mass in volume is used to separate PS. 
The methanol can be evaporated away from the AP using low temperature distillation, this 
way most of the methanol used can be recovered and used for next time. 


Reaction 2: 
The advantage of this reaction is that barium sulphate is very insoluble in water and 
requires no final separation, however barium perchlorate is very expensive but can be 


prepared by making perchloric acid by ion exchange and reacting this with barium 
carbonate (which can be brought from a pottery place), according the equations below: 


soQaH + Kor NaClO, (aq) © GIO 4 (a) siciisccsnctctanitassacaseenceerwsmorneaddaeenia (3) 


2HCIO, (aq) + Ba(CO3)5 (aq) ® Ba(ClO4)> (aq) + HyO(l) + 2CO4(g).... eee sesseeeee-(4) 
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Magnesium Perchlorate 


Electrolytic preparation of Magnesium Perchlorate, PDF file (494K). 
Preparation and Properties of Magnesium Perchlorate and it's use as a drying agent , PDF file (350K). 
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The electrochemical preparation of magnesium perchlorate from magnesium chlorate employing a 
platinum anode and a rotating stainless steel cathode is described. The effect of electrolyte concen- 
tration, cathode and anode current densities, pH and temperature of the electrolyte and cathode 
rotation on current efficiency for the preparation of magnesium perchlorate was studied. A maximum 
current efficiency of 65-72% was achieved. Based on the results obtained on the laboratory scale, a 


100A cell was designed, fabricated and operated. 


1. Introduction 


Among the various known methods, the clectrolytic 
route is economical for the manufacture of a number 
of inorganic chemicals and especially perchlorates [1]. 
A variety of perchlorates, such as ammonium, 
sodium, potassium etc., are well known and their 
applications have been reported previously [2]. But 
work on electrochemical methods of preparing alka- 
line earth metal perchlorates are scanty. Because, in 
the case of alkaline earth metal salts, the precipitation 
of the corresponding metal hydroxides causes great 
problems, leading to a loss in current efficiency. 
Further, heavy deposits of magnesium hydroxide on 
the cathode prevents continuous electrolysis. This dif- 
ficulty has been obviated by using the rotating cathode 
technique in this work and this paper presents results 
for the preparation of magnesium perchlorate using a 
platinum anode and a rotating stainless steel cathode. 

Anhydrous magnesium perchlorate (anhydrone) is 
a well known powerful desiccant. Another potential 
application of magnesium perchlorate is its use as 
electrolyte in high energy density batteries [3-5] and 
Mg/MnO, batteries [6]. 


2. Experimental details 


The electrolytic cell consisted of a 500cm’ Pyrex tall 
form beaker fitted with a PVC cell cover with slots to 
introduce the electrolyte, pH sensor, thermometer and 
electrodes. The anode was either platinum foil or 
platinum coated titanium [7] of size 25mm (8) x 
85mm (h). Cylindrical stainless steel rods of 90mm 
height with diameters of 10, 15 and 25mm were 
employed as cathodes. The cathode was fitted to a 
rotating assembly and positioned at the centre of the 
cell at an interelectrode distance of 5mm. The cell 
assembly was placed in an outer vessel containing 
glass spiral surrounding the cell assembly and 
immersed in water. This entire assembly was kept ina 
thermocole box. The temperature of the water and 
consequently the temperature of electrolyte in the cell 
was controlled to the desired value with a variation of 
+1°C, by adjusting the rate of flow of thermostatic- 
ally controtfled water through the glass spiral. 
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The magnesium chlorate solution obtained from the 
electrolysis of magnesium chloride was used as elec- 
trolyte. 

Electrical connection to the cathode was through 
the mercury contained in a cup attached to the top end 
of the rotating shaft driven by a 0.5h.p. motor. A d.c. 
current was supplied from a rectifier (25 A, 0-12 V). 
The electrolyte pH was menitored using a pH probe 
and regulated by adding either acid or base. Each 
experiment was continued until the theoretical charge 
had been passed. 

The constituents of electrolyte, viz, Cl~, ClO;, 
ClO; and Mg(IJ) were analysed periodically [8]. 

The cumulative current efficiency was calculated for 
each experiment. The effect of various parameters on 
current efficiency was determined. 


3. Results 


3.1. Effect of initial concentration of magnesium 
chlorate on current efficiency 


The results of the experiments carried out with dif- 
ferent initial concentrations of magnesium chlorate 
ranging from 1.0 to 3.0M (and maintaining other 
parameters constant), are given in Fig. 1. The current 
efficiency for perchlorate formation increases signifi- 
cantly up to an initial concentration of magnesium 
chlorate of 2M and above this value it decreases 
rapidly. 


3.2. Effect of pH on current efficiency 


Table 1 shows the effect of electrolyte pH on the 
current efficiency for the formation of magnesium 
perchlorate. The current efficiency was found to be 
maximum around pH 6.0. It is also well known that 
lower pH (< 5.0) can lead to the evolution of chlorine 
gas when pH is adjusted with dilute HC]. However at 
higher pH (>/7.0) the precipitation of magnesium 
hydroxide is more pronounced under these conditions. 


3.3. Effect of anode and cathode current densities on 
current efficiency 


The current efficiency was found to increase with 
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increasing anode current density as seen in Table 2. 
The cell voltage also increases with increase of current 
density. However, it was maintained at 30 Adm~ for 
subsequent experiments. Increase in the cathode cur- 
rent density decreases the current efficiency (Table 3). 
The pH of the cathode surface becomes more alkaline 
with increase in current density, thereby favouring the 
precipitation of magnesium hydroxide and, conse- 
quently, reduction in the current efficiency. 


3.4. Effect of temperature on current efficiency 


Figure 2 shows the effect of electrolyte temperature on 
the current efficiency for the temperature range 323- 
353 K. The current efficiency increases from 60-69% 
with increasing temperature. This may be due to the 
increasing solubility of magnesium hydroxide [9]. 


3.5. Effect of cathode rotation on current efficiency 


Since the rotation of the cathode has a beneficial effect 
by decreasing the precipitation of alkaline earth metal 
hydroxides (in this case Mg(OH),), the effect of 
cathode rotation or peripheral velocity on current 


Loss of Mg** as Mg(OH)5/M 


Fig. 1. Variation of current efficiency and loss of Mg’* by 
precipitation as Mg(OH), with concentration of magnesium 
chlorate. Conditions: electrolyte pH6.00; temperature 
333 + 1K, anode current density 30 Adm~?, cathode current 
density 32Adm~?, cathode rotation (peripheral velocity) 
40mmin~' and theoretical quantity of electricity passed 
100 Ah. 


efficiency has been studied (even though the process is 
anodic) and the results are shown in Fig. 3. The results 
show that the current efficiency increases with increas- 
ing cathode peripheral velocity and a maximum 
current efficiency of 72% is achieved at 82mmin™', 
indicating that the higher speed of rotation minimizes 


the precipitation of magnesium hydroxide. 
4. Discussion 


Chlorate is oxidized anodically to perchlorate accord- 
ing to the overall reaction: 


ClO; + H,O —> ClO; + 2H* + 2e 


(E° = 1,19V) (1) 


Although several mechanisms have been proposed 
[10], two mechanisms for the anodic oxidation of 
chlorate are worth discussion. According to the first 
mechanism the chlorate reacts with discharged oxygen 
resulting from the oxidation of water and chemi- 
sorbed at the electrode surface [11]. 


H,O — (0) + 2H* + 2e7 (2) 


Table 1. Effect of pH on current efficiency for the preparation of magnesium perchlorate 


S. No. Initial pH Voltage/V Final concentration Loss of Current efficiency Energy consumption for 

lgdm> Mg?*/M for Mg(ClO,), Mg(Cl0,),/kWhkgo' 
formation] % 

ClO; Clo; 

1 4.00 6.5 27.0 315.0 0.41 60 5.20 

2 5.00 6.4 30.0 325.0 0.32 63 4.90 

3 6.00 6.9 15.0 350.0 0.28 67 4.90 

4 7.00 6.9 25.0 318.0 0.35 61 5.40 


Concentration of Mg(ClO,),: 352.0gdm~*, temperature: 333 + 1K 
, cathode current density: 32 Adm 


Anode current density: 30 Adm~? 


Cathode peripheral velocity: 40 m min 
Theoretical quantity of electricity passed: 100 Ah 
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Table 2. Effect ef anode current density on current efficiency for the preparation of magnesium perchlorate 


S. No. Anode current Voltage/V Final concentration Loss of Current efficiency Energy consumption for 
density} Adm=* igdm-3 Mg**iM for Mei ClO, }, Me(ClO,),/kWhkg"' 
—_$ formation) % 
ClO; ClO; 
1 24.00 6.2 30.0 325.0 0.32 63 4.80 
30.00 6.9 15.0 350.0 0.28 67 4,90 


3 37.00 7.0 10.0 362.0 0.23 69 4.90 


Concentration of Mg(CIO,),: 352.0gdm~, electrolyte pH: 6.00 
Temperature: 333 + 1K, cathode current density: 32 Adm~? 
Cathode peripheral velocity: 40 mmin7! 

Theoretical quantity of electricity passed: 100A h 


clo; + (0) — Clo; (3) According to the Pourbaix diagram [14] the mag- 
nesium hydroxide forms an adherent coating over the 
cathode surface in the pH range 8.5-11.5. 

The standard potentials of Reactions | and 6 are 
close so that oxygen evolution is always an accom- 
panying reaction. Furthermore the influence of pH on 

ClO; —> CIO; + e7 (4) the equilibrium potentials for both Reactions 1 and 6 

is the same [11] so that these two reactions can occur 

Clo; + H,O —+ HClO, + H* +e (5a) simultaneously, irrespective of the pH. This situation 
However, under alkaline conditions, the formation of _ 18 altered in the presence of high concentrations of 
perchlorate, may take place as follows, [13] chlorate, as well as increased anode current densities, 
as reported by De Nora et al. [10]. Higher concen- 

ClO; + OH” —> ClO; + H* +e (5b) trations of chlorate inhibit oxygen evolution due to 
preferential adsorption of chlorate, thereby increasing 
the current efficiency. The opposing trend with mag- 
nesium chlorate electrolysis must be connected with 
the removal of magnesium as its hydroxide with the 
corresponding anodic evolution of oxygen. This loss 
2H,O —> O, + 4H* + 4e> (BE = 1.228V) had already been found to be enhanced when Mg(II) 
(6) concentration was higher than 2M in the case of 


7 : electrolysis of magnesium chloride to magnesium 
3H,0 —> O; + 6H” + 6¢ (7) chlorate [15, 16]. 


According to the second mechanism, the primary step 
is the direct discharge of chlorate ion at the anode with 
the formation of free chlorate radical, which then 
reacts with water to form perchlorate [10, 12]. 


Apart from the above reactions, competing 
reactions are the formation of oxygen and ozone, 
(especially towards the latter stages of chlorate 
conversion). 


In addition to the loss reactions, Equations 6 and 7, In the oxidation of sodium chlorate at a platinum 
an additional retarding cathodic reaction, by way of anode, the anodic polarization curves have been 
precipitation of metal hydroxides due to their lower divided into partial curves for the two reactions, 
solubilities as indicated below, will also be encoun- namely, chlorate oxidation and oxygen evolution [17]. 
tered in the case of alkaline earth metal perchlorates. 


M2*+ + 20H- —> M(OH), (8) 


Table 3. Effect of cathode current density on current efficiency for the preparation of magnesium perchlorate 


S. No. Cathode current Voltage; V Final concentration Loss of Current efficiency Energy consumption for 
density/A dm-? igdm~? Mg?" /M for Mg(ClO,), Mg(ClO,j./kWhkg7! 
——$< a= formation/% 
clo; clo; 
} 19.00 49 15.0 365.0 0.22 70 3.40 
2 32.00 6.9 15.0 350.0 0.28 67 4.90 
3 48.00 Ti 25.0 318.0 0.35 6] 5.70 


Concentration of Mg(ClO,),: 352.0g dm’, electrolyte pH: 6.00 
Temperature: 333 + | K, anode current density: 30 Adm~?* 
Cathode peripheral velocity: 40m min! 

Theoretical quantity of electricity passed: 100 Ah 
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Fig, 2, Variation of current efficiency and loss of Mg”* by precipi- 
tation as Mg(OH), with temperature of the electrolyte. Conditions: 
electrolyte concentration 352 gdm~*, pH 6.0, anode current density 
30Adm~?, cathode current density 32 Adm~’, cathode rotation 
(peripheral velocity) 40m min~! and theoretical quantity of electri- 
city passed 100 Ah. 


It has been found that, at higher anodic current den- 
sities, the increase of partial current density with over- 
potential is faster for perchlorate formation than for 
oxygen evolution. In other words, at higher current 
densities oxygen evolution (Reaction 6) is inhibited, 
and thereby increasing the formation efficiency of 
perchlorate (Reaction 1). This is also true for the 
electrolysis of magnesium chlorate as observed from 
the data shown in Table 2. At very low concentrations 
of chlorate the loss of current efficiency is expected 
due to Reaction 7. (See Fig. 1). Although the forma- 
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Fig. 3. Variation of current efficiency and loss of Mg’* by precipi- 
tation as Mg(OH), with cathode rotation. Conditions: electrolyte 
concentration 352 gdm~+, pH 6.00, temperature 333 + 1K, anode 
current density 30 Adm~? and cathode current density 32 Adm7?. 
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tion of perchlorate is not dependent on electrolyte pH 
within the specified range [l1, 17, 18], in the present 
case it is true only in a narrow pH region around 6.0. 
Even though the bulk pH 2 7, the pH of the layer 
adjacent to the cathode is expected to be more alka- 
line, [19] thereby favouring preferential precipitation 
of magnesium hydroxide and consequently loss of 
current efficiency. 

The cathodic loss reaction is the reduction of 
chlorate and perchlorate when a mild steel cathode is 
employed. The addition of dichromate or use of a 
stainless steel cathode inhibits this reaction [17, 20]. 
For electrolysis of alkaline earth metal chlorates, the 
additional retarding reaction is the precipitation of 
their metal hydroxides due to their low solubility. The 
hydroxide formation depends on the surface pH (pH,) 
which is determined by the cathode current density 
and its rotation. It is found [21] that increasing the 
peripheral velocity actually produces a slow variation 
in the value of pH,, thereby maintaining the pH, at the 
desired level as compared to that with slower rotation, 
i.e. cathode surface pH (pH,) tending towards bulk 
pH (pH, ). Figure 3 shows this trend by the increase in 
current efficiency with cathode rotation rate. 

Higher current efficiency with increase of tempera- 
ture, as observed in Fig. 2, may be due to higher 
solubility of magnesium hydroxide [9]. 


5. 100 A. Bench scale experiment 


Based on the results obtained on the laboratory scale, 
a 100 A cell was designed, fabricated and operated for 
the electrolytic preparation of magnesium perchlorate. 


5.1. Experimental details 


A stainless steel tank [350mm (/) x 250mm (4) x 
250mm (h)] fitted with a PVC cover having suitable 
holes to introduce anode, cathodes, thermometer and 
the electrolyte acted as the cell. A platinum anode 
{170 min (6) x 180mm (A)] was used. Two cylindrical 
stainless steel tubes [75mm (dia.) x 210mm (A)] 
closed at the bottom and fitted to the two rotating 
assemblies acted as cathode and were positioned on 
either side of the anode with an interelectrode distance 
of 7.5mm (Fig. 4). 

The magnesium chlorate solution obtained from the 
electrolysis of magnesium chloride was used as elec- 
trolyte. 

Electrical connection to the cathode was achieved 
through a mercury contact cup attached to the top end 
of the rotating shaft driven by a 0.5h.p. motor. A d.c. 
current was supplied from a rectifier (0-25 V, 100 A). 
The electrolysis was carried out until the chlorate 


z 


concentration was reduced to 5.0gdm~°. 
5.2. Results 
The current efficiency obtained in the 100A cell 


(Table 4) conforms well with the results obtained at 
laboratory scale. 
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Fig. 4. A sketch of 100 A magnesium perchlorate cell. (Not to scale: all dimensions in millimetres). (1) SS tank, (2) SS cathode, (3) anode, 
(4) electrolyte, (5) pulleys, (6) V-belts, (7) PVC cover, (8) copper bus bar, (9) mercury cup and (10) 0.5 h.p. motor. 


Table 4. Results of 100A cell for the production of magnesium 
perchlorate 


L. Electrolyte Mg(CIO;), 
2. Volume of the electrolyte 7.5dm? 
3, Initial concentration 
cl” 0.0gdm7? 
clo; 352.0 gdm~* 
cloz 0.0g¢dm~? 
4. pH 6.00 
5. Temperature 333K 
6, Cathode peripheral velocity 82mmin7' 
7. Final concentration 
Clo; 54edm~°* 
Clo; 451.0gdm~? 
8. Current passed 100A 
3. Anode current density 30Adm~* 
19, Cathode current density 20A dm~? 
11. Total quantity of electricity 2247 Ah 
12. Average voltage 6.00 V¥ 
13. Current efficiency for magnesium 
perchlorate formation 72.0% 
14. Energy consumption for magnesium 
perchlorate 3.40kWhkg™! 


6. Conclusion 


The electrochemical! oxidation of magnesium chlorate 
to perchlorate can proceed efficiently, when 2M 
Mag(C1O,), (pH 6.0) is electrolysed at an anode current 
density of 30 Adm’ and a cathode current density of 
20Adm~* with a cathode peripheral velocity of 
82m min! to achieve current efficiency of 72% corre- 
sponding to an energy consumption of 4.5kWhkg ! 
of Mg(ClO,),. 


Acknowledgement 


The authors wish to express their sincere gratitude to 
Prof. 8. K. Rangarajan, Director of the Central Elec- 
trochemical Research Institute, Karaikudi, for his 
kind encouragement and permission to publish this 
paper and to Council of Scientific and Industria! 
Research (CSIR), New Delhi for the award of Senior 
Research Fellowship to SV. 


References 


[1] N, lbland H. Vogt, ‘Comprehensive Treatise of Electroche. 
mistry’ Vol. 2, (edited by J. O’M. Bockris, B. E. Conway 
and E. Yeagar), Plenum Press, New York (1980) p. 168 
[2] J. C. Schumacher, “Perchlorates’, Reinhold, New York 


882 


S. VASUDEVAN ET AL. 


[3] 
4] 
[5] 
[6] 
[7] 
[8] 
[9] 
[10] 
(1 
[12] 


(1960) p. 71. 

K. Sivasamy, S. Rajeswari and K,. Dakshinamurthi, J. Power 
Sources 25 (1989) 295. 

D. P, Bhatt, N. Muniyandi and P, B. Mathur, Bull. Electro- 
chem. 4 (1988) 643. 

J. L. Russell, U.S, Clearing House Fed. Sci. Tech. Inform 
A.D. (1971) p. 58, No: 725575, 

D. Linden, ‘Handbook of Batteries and Fuel Cells’, 
McGraw Hill Book Company, New York (1984) p. 62. 

K. I. Vasu, §. R. Natarajan and M. Pushpavanam, Indian 
Patent No. 967/Del/88. 

A. I. Vogel, ‘Quantitative Inorganic Analysis’, Longmans 
Green, London (1964) p. 259. 

(ed) William F. Linke, ‘Solubilities’ Vol. 2, American Chemi- 
cal Society, Washington (1965) p. 516. 

O. De Nora, P. Gallone, C. Traini and G. Meneghini, J. 
Electrochem. Sac. 116 (1969) 146. 

C. W. Bennett and E. L. Mack, Trans. Amer. Electrochem. 
Soc, 29 (1916) 323. 

K. C. Narasimham, S. Sundararajan and H. V. K. Udupa, 
J. Electrochem. Soc. 108 (1961) 798. 


(13) 


{14] 


(15) 


[16] 


[17] 
18] 


[19] 
[20] 


[21] 


K. C. Narasimham, S. Sundararajan and H. V. K. Udupa, 
Rocz Chem. 36 (1962) 685. 

J. Vanmuylder and M. Pourbaix, i ‘Atlas of Electrochemi- 
cal Equilibria in Aquous Solutions’, (edited by M. Pour- 
baix), Pergamon, New York (1966) p. [4]. 

S. Pushpavanam, S. Mohan, S. Vasudevan, S. Ravichan- 
dran, K. C. Narasimham and K. I. Vasu, Bull. Electro- 
chem. 5 (1989) 364. 

S. Pushpavanam, S. Mohan, S. Vasudevan, S. Ravichandran 
and K. C. Narasimham, ibid, 6 (1990) 422. 

A. Legendra, Chem. Ing. Tech, 34 (1962) 379. 

N. Munichandraiah and S. Sathyanarayanan, J. Appi. Elec- 
trachem. 17 (1987) 33. 

A.T. Kuhn and C. Y. Chan, J. Appl. Electrochem. 13 (1983) 
189. 

J.C. Schumacher, D. R. Stern and P. R. Graham, J. Electro- 
chem. Soc. 105 (1958) 151. 

H. Deligianni and L. T. Romankiw, Extended Abstracts, 
The Electrochemical Society, Fall Meeting, Seattle, 
Washington (1990) p. 498. 


MAGNESIUM PERCHLORATE 2255 


[CONTRIBUTION FROM THE CHEMICAL LABORATORY OF THE UNIVERSITY oF Micuican] 


THE PREPARATION AND PROPERTIES OF MAGNESIUM 
PERCHLORATE AND ITS USE AS A DRYING AGENT! 


By H. H. Wriiarp AnD G. FREDERICK SMITH 
Received July 29, 1922 

This paper deals with the preparation of anhydrous magnesium per- 
chlorate and its hydrates Mg({ClO,4)2.6H,O and Mg(Cl0,)2.3H20, a study 
of their properties and a comparison of the anhydrous perchlorate and the 
trihydrate with phosphorus pentoxide as dehydrating agents. 

Historical 

Magnesium perchlorate was first prepared by Serullas.2 A more de- 
tailed study of this substance was made by Weinland and Ensgraber,? 
who prepared the hydrate, Mg(ClO,)2.6H,O, by drying the sample in a 
vacuum over phosphorus pentoxide. They failed to note that this treat- 
ment yields finally the lower hydrate, Mg(ClO,)2.8H2O, because the de- 
hydration is rather slow even in its early stages. No mention of this 
second hydrate was found in the literature. 


Preparation of Magnesium Perchlorate Hexahydrate 


The purest imported magnesium oxide was treated with a slight excess 
of pure dil. perchloric acid, which was prepared by the method of Willard.‘ 
The solution thus formed was evaporated until crystallization began at 
the surface and fumes of perchloric acid were being given off. The mix- 
ture was then allowed to cool to room temperature with the addition of 
sufficient water to keep the crystal mass semifluid. After centrifugal 
drainage the product, containing but a slight amount of perchloric acid, 
was redissolved, recrystallized, and again centrifuged. The needle-like 
crystals thus obtained were shown by spectroscopic examination to con- 
tain no calcium or barium in spite of the fact that the oxide employed in 
their preparation was similarly shown to contain traces of these impurities. 


Analysis of the Hexahydrate for Water of Crystallization 


The salt prepared as above described could not be freed from its slight 
excess of water by drying at 110°, since after 24 hours of such treatment 
a sample lost 30% of its crystal water. A few grams of the material was 
dried by storing for 4 weeks over anhydrous magnesium perchlorate in 
a desiccator at room temperature. 

A weighed portion of the material in a platinum crucible was dissolved 

1 From a dissertation submitted by G. F. Smith to the Graduate School of the 
University of Michigan in partial fulfilment of the requirements for the degree of Doctor 
of Philosophy. 

2 Serullas, Ann. chim. phys., 46,2, 297 (1881). 

§ Weinland and Ensgraber, Z. anorg. allgem. Chem., 84, 372 (1914). 

4 Willard, Tu1s JourNat, 34, 1480 (1912). 
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in water and a slight excess of sulfuric acid added. The solution was then 
evaporated and heated until the excess of the sulfuric acid was evaporated, 
using a ring burner, and the last traces were removed by igniting the cru- 
cible for 10 minutes in an electric crucible furnace at 650°. From the 
weight of the magnesium sulfate the weight of magnesium perchlorate 
was calculated and the weight of crystal water lost in the process thus 
obtained. The mean of two closely agreeing duplicates gave 32.76%, 
water of crystallization while the theoretical value for the hexahydratc 
is 32.62%. The remainder of the material when analyzed after being 
kept for 3 months longer over anhydrous magnesium perchlorate, gave 
by a single determination 32.40% of water of crystallization; this leads 
to the conclusion that the hexahydrate of magnesium perchlorate is not 
further dehydrated in contact with the anhydrous reagent. 

The hexahydrate thus obtained melted between 145° and 147° and its 
density as determined by immersion in carbon tetrachloride, in which 
it is insoluble, was found to be 1.970 at 25°/4°, corrected to a vacuum. 
In this determination the usual precautions were observed, sich as pul- 
verizing the sample and evacuating after immersion, to remove trapped 
air. Although this salt as crystallized from water solutions does not deli- 
quesce in air, the fused materia] does so in a pronounced manner. 


Preparation and Analysis of Magnesium Perchlorate Trihydrate 

About 50 g. of the hexahydrate, as above described, was stored in an 
efficient vacuum desiccator over a generous portion of phosphorus pent- 
oxide, changed at frequent intervals, and the desiccator was frequently 
pumped out so that a high vacuum was maintained continuously. Wher 
the temperature was kept at 0° or less, no loss of crystal water on the part 
of the hexahydrate was apparent, the weight of a sample remaining con- 
stant. When the temperature was allowed to rise to 20-25°, other con- 
ditions being equal, the salt began slowly to give up a part of its crystal 
water. The drying was continued during 4 months and the salt was ana- 
lyzed at intervals of 1 month by the method previously described, with the 
following results: the original water content was 32.6% (hexahydrate); 
after 1 month it was reduced to 24.0%; after 2 months, 22.0%; after 
3 months, 20.5%; and after 4 months, 19.75%. The percentage of 
water calculated for the trihydrate formula is 19.50. Thus the total 
water removed during these intervals of time was approximately 66.0%, 
15.5%, 11.5% and 6.0%, respectively. The graph of the percentage of 
water removed plotted against the time interval involved showed the curve 
to be asymptotic to the time axis, and it became apparent that after 
sufficient time the theoretical value for the trihydrate would eventually 
have been reached. Further treatment was not given, however, and the 
properties of the material thus obtained were studied. 

When either the trihydrate or the hexahydrate was completely melted 
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and allowed to cool slowly, it solidified at 145-147°. Perhaps this is the 
eutectic point of these 2 hydrates. The density of the trihydrate was 
found by displacement of carbon tetrachloride to be 2.044 at 25°/4°, 
corrected to a vacuum. 


Preparation of Anhydrous Magnesium Perchlorate 


Portions of about 100 g. of the hexahydrate, prepared as already de- 
scribed, were heated in large porcelain crucibles to a temperature slightly 
above the melting point. The crucibles were supported on trays contained 
within a Pyrex tube 8 cm. in diameter and 90 cm. long. The tube was 
electrically heated and a stream of air dried by phosphorus pentoxide 
passed through the tube continuously. A temperature of 170° served to 
drive off the greater portion of the crystal water, but at the end of the proc- 
ess the temperature was raised to 250°. The fused material, as it loses 
water, becomes heavily encrusted and must be stirred at frequent intervals. 
At the end the mass became pasty, and finally when all the water was re- 
moved a dry, white material remained which was taken from the crucibles 
while still hot and ground to a powder. It was then returned to the dry- 
ing train, kept at 230-250° and samples were taken while hot to insure 
absence of moisture. 

Water solutions of magnesium perchlorate so prepared were neutral 
and free from chloride. It was thus shown that anhydrous magnesium 
perchlorate is completely stable at 250°. Ata slightly higher temperature 
slow decomposition begins, oxide and chloride being formed. 

When anhydrous magnesium perchlorate was gradually elevated in 
temperature from 250° to about 400° it decomposed quietly without 
fusing, leaving a residue consisting principally of magnesium oxide, In 
this way the residual moisture in the salt was determined. Weighed 
portions of the salt were completely decomposed at 400° and the moisture 
evolved with the gas was absorbed in a phosphorus pentoxide tube. A 
blank correction was applied and the air was carefully purified. The 
samples were taken hot to avoid absorption of atmospheric moisture and 
glass stoppered sampling tubes were used for weighing. By this direct 
measurement the moisture found was less than 0.1%. In view of the 
extreme affinity of anhydrous magnesium perchlorate for water, even this 
value may not be as low as that in the original material prior to sampling. 

Anhydrous magnesium perchlorate has a density of 2.60 at 25°/4° 
corrected to a vacuum as determined by displacement of carbon tetra- 
chloride in the manner already described. When water is added to it 
a hissing sound is produced very similar to that produced by the addition 
of water to phosphorus pentoxide. 


The Efficiency of Anhydrous Magnesium Perchlorate as a Drying Agent 
Two ground glass-stoppered U-tubes were filled with phosphorus 
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pentoxide and asbestos in alternate layers, one tube being used as a counter- 
poise. A third U-tube of identical proportions was filled with anhydrous 
magnesium perchlorate and cotton wool in alternate layers. The weight 
of magnesium perchlorate in the tube was 9.06 g. The total length of the 
column of drying agent in each tube was about 13 cm. All weighings 
were made by counterpoise. The tubes were always allowed to stand in 
the balance case for a considerable length of time in order to insure equi- 
librium conditions and the stopcocks were always opened for a moment 
just before a weighing. The train of apparatus and air flow was as 
follows. Air under pressure was passed through a calibrated flow-meter 
and then saturated with moisture by passing through a potash bulb contain- 
ing water. From the potash bulb saturator the air passed successively 
through the magnesium perchlorate tube, the phosphorus pentoxide tube 
and finally a protection tube filled with phosphorus pentoxide to prevent 
backward diffusion of moisture. Small plugs of cotton wool were placed 
between all connections to prevent passage of spray or dust particles from 
one unit to another. All weighed parts of the train as well as the satura- 
tor bulb were immersed up to the horizontal cross connections in a ther- 
mostat accurately maintained at 25°. 

The rate of flow of the moist air was varied from 1.5 to 3.5 liters per 
hour. The magnesium perchlorate and phosphorus pentoxide tubes were 
weighed 14 times during more than 8 hours of continuous test. At no 
time during the test had a weighable amount of water vapor escaped ab- 
sorption in the magnesium perchlorate tube. Thus, after the 9.06 g. 
of magnesium perchlorate had taken up 5.23 g. of water the phosphorus 
pentoxide tube directly following weighed exactly the same as it did before 
the experiment. At the completion of the test about 1 g. of magnesium 
perchlorate was still unchanged. It was thus found that the magnesium 
perchlorate had absorbed nearly 60% of its own weight of moisture while 
the residual water vapor in over 210 liters of air used in the experiment 
was unweighable. 

With the 10cm. U-tubes described above, the maximum rate of flow 
which would insure complete removal of water from air saturated at 25° 
was found to be 5.0 liters per hour. Thus with columns of equal length 
the rate of absorption is seen to be quite limited in comparison with that 
of phosphorus pentoxide. This is to be expected, since the mechanism of 
the absorption in the case of phosphorus pentoxide is that of true chemical 
combination rather than formation of water of crystallization, as in the 
case of magnesium perchlorate. 

Efficiency of the Trihydrate as a Dehydrating Agent 

The fact that phosphorus pentoxide was found to be incapable at a 
temperature of 0° and less, of drying magnesium perchlorate below the 
hexahydrate stage, while at ordinary temperatures the trihydrate was 
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thus formed indicated that this salt also possessed great dehydrating power. 
Accordingly, experiments were run duplicating conditions as above de- 
scribed for anhydrous magnesium perchlorate, the rate of flow and the 
temperature of the absorbent being varied. The results of these deter- 
minations are given in the following table. 


Rate of gas H,O unabsorbed by Duration of 


Temperature flow Mg(ClO,)2.3H,0 experiment 
2c; L./br. G, Hrs, 
0 5.2 0.0000 11 
25 5.0 0.0049 17 
0 10.0 0.0024 2 


At 0° and at rates of flow up to 5 liters per hour the trihydrate is as effec- 
tive as phosphorus pentoxide and anhydrous magnesium perchlorate. 
At rates of flow up to 10 liters per hour the efficiency, while still high, 
falls off rapidly. 

Among the advantages possessed by magnesium perchlorate as a drying 
agent in comparison with phosphorus pentoxide are the following. 

1. The weight of water absorbed per unit weight of desiccating agent 
is several times greater with anhydrous magnesium perchlorate than with 
phosphorus pentoxide. 

2. Anhydrous magnesium perchlorate does not become sticky upon 
handling, does not form channels through use and contracts in volume 
upon absorbing moisture. 

3. It can be recovered and reactivated repeatedly. 

4. Being a neutral drying agent it offers many possibilities as a de- 
hydrating agent for materials for which phosphorus pentoxide and conc. 
sulfuric acid are not permissible. Work upon this phase of the subject will 
be taken. up at a future date. 


Summary 

1, The preparation and some physical properties of anhydrous mag- 
nesium perchlorate, the hexahydrate and the trihydrate are described. 

2, When the gas flow is not ovér 5 liters per hour anhydrous magnesium 
perchlorate is as efficient a drying agent as phosphorus pentoxide. The 
trihydrate compares favorably with the anhydrous salt at 0° and at equal 
rates of gas flow, but at higher temperatures it is less efficient. The 
advantages of anhydrous magnesium perchlorate as a drying agent are 
pointed out. 

This work together with other work on metallic perchlorates was con- 
ducted under a grant from E. I. Du Pont de Nemours and Company. 
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Studies on the Electrolytic Preparation of Ba(ClO4), 


Subramanyan Vasudevan* and Swaminathan Mohan 
Central Electrochemical Research Institute (CSIR), Karaikudi 630006, India 


The electrochemical preparation of barium perchlorate, Ba(ClO4)2, from barium chlorate employing a platinum 
anode and a rotating stainless steel cathode is described. The effect of electrolyte concentration, cathode and 
anode current densities, pH and temperature of the electrolyte, and cathode rotation on current efficiency for 
the preparation of barium perchlorate was studied. A maximum current efficiency of 40% was achieved 
corresponding to an energy consumption of 5.5 kW-h-kg"!. 


Introduction 


The preparation of alkali metal perchlorates by electrolysis 
of the corresponding chlorates has been studied by various 
authors.! Schumacher’ reported other methods for manufacturing 
of perchlorates from different raw materials. The mechanism, 
kinetic aspects, and electrode materials for perchlorate formation 
were dealt with in the literature.4~7 After understanding the 
mechanism of perchlorate formation, attempts were made to 
study the different anode materials like platinum® and lead 
dioxide.® Regardless of the mechanism at the electrodes in a 
perchlorate cell it has been well-established that a high anodic 
potential is essential. To secure this high anodic potential, a 
platinum electrode is generally used. Earlier literature contains 
references to the use of platinum anodes.® In spite of its high 
cost and the corrosion and erosion that takes place in a cell 
when it is used as an anode, platinum is still the material of 
choice for commercial cells. So in the present case, platinum is 
used as the anode material. However, Platinum-clad tantalum, 
platinum-coated tantalum, and platinum-coated titanium are 
future anode materials which would decrease the weight of 
platinum and thereby the cost. 

The literature contains only one publication relating to the 
preparation of alkaline earth metal perchlorates by electrolysis, 
and this was the use of platinum electrodes by Ilin et al.? In 
view of the scant literature on the electrochemical preparation 
of alkaline earth metal perchlorates, it is clear that the 
electrochemical route was considered inappropriate for alkaline 
earth metal perchlorates, due to precipitation of the correspond- 
ing metal hydroxides, which have poor solubility vs the 
hydroxides of alkali metals. The authors were successful in 
preparing magnesium and barium chlorate!°~!? where metal- 
oxide-coated titanium was used as the anode and a rotating 
cathode was employed to minimize the precipitation of the 
corresponding metal hydroxides. 

Therefore, the main objective of this study is to prepare 
barium perchlorate from barium chlorate, by an electrochemical 
method, using platinum and rotating stainless steel as the anode 
and cathode, respectively. To optimize the parametric conditions, 
various parameters like the effects of electrolyte concentration, 
pH and temperature, current density, and cathode rotation on 
current efficiency were investigated. 

Barium perchlorate is used as a dehydrating agent and 
ammonia absorbent. It is also used for preparing perchloric acid. 


* To whom correspondence should be addressed. Phone: 91 4565 
227554. Fax: 91 4565 227779. E-mail: vasudevan65 @ gmail.com. 
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Materials and Methods 


Cell Construction and Electrolysis. The electrolytic cell 
consisted of a 0.5-L glass vessel fitted with a PVC cell cover 
with slots to introduce the electrodes, a pH sensor, a thermom- 
eter, and electrolytes. Cylindrical stainless steel (SS304 of purity 
99.8%; SAIL, India) rods of different dimensions [0.010 m 
(diameter) x 0.08 m (height), 0.015 m (diameter) x 0.07 m 
(height), and 0.025 m (diameter) x 0.09 m (height)] were used 
as cathodes. Depending on the parameters, each cathode was 
fitted to a rotating assembly and positioned at the center of the 
cell at an interelectrode distance of 1.0 cm. A platinum foil of 
size 0.025 m (breadth) x 0.085 mm (length) was used as the 
anode. The electrolytic cell was placed in a thermostat, and the 
temperature of the electrolyte was maintained with a variation 
of +1 K. The barium chlorate solution obtained from the 
electrolysis of barium chloride was used as the electrolyte. 

The electrical connection to the cathode was through the 
mercury contained in a cup attached to the top end of the rotating 
shaft driven by a 0.5-hp motor. Regulated direct current (dc) 
was supplied from a rectifier (25 A, 0-25 V, Aplab Model). A 
0.45-L portion of solution was used for each experiment; this 
was the electrolyte. The electrolyte pH was monitored using a 
pH probe and regulated by adding either acid or base. Each 
experiment was continued until the theoretical charge had been 
passed. All the experiments were carried out three times for 
reproducibility. The cumulative current efficiency was calculated 
for each experiment. The effect of various parameters on current 
efficiency was determined. 


Analysis 


Chloride. Chloride was estimated using 0.1 N silver nitrate 
(analar grade; Ranbaxy, India) and 1% K»CrOy, (analar grade; 
Ranbaxy, India).!4 

Chlorate. Chlorate was estimated iodometrically using 0.1 
N thiosulfate in the presence of KBr (3.0 g), conc. HCl (30 
mL), and 10% KI (10 mL),!5 

Perchlorate. Perchlorate was estimated using a perchlorate 
ion-selective electrode (Elico, India). 

Barium. Barium was determined by titration with 0.1 N 
EDTA (analar grade; BDH, India) at pH 10 using Solochrome 
Black-T (analar grade; BDH, India) as an indicator.!® 


Results and Discussion 


Chlorate is oxidized to perchlorate according to the following 
overall reaction: 
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ClO, +H,O— ClO, + 2H* + 2e7 (1) 


Although several mechanisms have been proposed,**~7 two 
mechanisms for the anodic oxidation of chlorate are worth 
discussion. According to the first mechanism, the chlorate reacts 
with discharged oxygen resulting from the oxidation of water 
and chemisorbed at the electrode surface.!7 


H,O — (0) + 2H* + 2e7 (2) 


clo, +(0)— clo,” GB) 


According to the second mechanism, the primary step is the 
direct discharge of the chlorate ion at the anode with the 
formation of free chlorate radical, which then reacts with water 
to form perchlorate.>° 


clo, — ClO,’ + e~ (4) 
ClO,’ + H,O > HClO, + H* +e7 (5a) 


However, under alkaline conditions, the formation of perchlorate 
may takes place as follows:!® 


Clo,’ + OH” — ClO, + Ht +e7 (5b) 


Apart from the above reactions, competing reactions are the 
formation of oxygen and ozone (especially toward the last stages 
of chlorate conversion). 


2H,0 — O, + 4H* + 4e7 (6) 


3H,O — O, + 6H* + 6e7 (7) 


In addition to the loss reactions (eqs 6 and 7), an additional 
retarding cathodic reaction, by way of precipitation of metal 
hydroxides due to their lower solubilities as indicated below, 
will also be encountered in the case of alkaline earth metal 
prechlorates. 


M** + 20H” — M(OH),! (8) 


According to the Ba*+—H,O Pourbaix diagram,!? barium 
hydroxide formation is predicted by the following reaction 


Ba’ + 20H — Ba(OH), (9) 


The barium hydroxide forms an adherent coating over the 
cathode in the pH range of 12.5—14.0. Barium ions, such as 
Ba(OH)> (Ksp = 5 x 1073), can protect the metal surface and 
hinder further reaction. The precipitation of this metal hydroxide 
depends on factors such as electrolyte concentration, pH, 
temperature, current density, and cathode rotation. 

The standard potentials of reactions | and 6 are close so that 
oxygen evolution is always an accompanying reaction, i.e., 
chlorate oxidation and oxygen evolution take place at the anode 
with complimentary current efficiencies. Furthermore, the 
influence of pH on the equilibrium potentials for both reactions 
1 and 6 is the same!” so that these two reactions can occur 
simultaneously, irrespective of the pH. This situation is altered 
in the presence of high concentrations of chlorate, as well as 
increased anode current densities as reported by De Nora et 
al.° According to De Nora, the anodic polarization on platinum 
and lead dioxide is strongly influenced by the presence of ClO3~ 
ions, on account of their progressive adsorption at the interface 
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Figure 1. Variation of current efficiency and energy consumption with 
concentration: (conditions) electrolyte pH 6.0; electrolyte temperature 333 
+ 2 K; anodic current density 30.0 A‘dm~?; cathode current density 32.0 


A-dm~’; cathode peripheral velocity 1.38 m-s~!. 
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Figure 2. Variation of current efficiency and energy consumption with 
electrolyte pH: (conditions) electrolyte concentration 1.0 M; electrolyte 
temperature 333 + 2 K; anodic current density 30.0 A-dm~’; cathode current 
density 32.0 A-dm~; cathode peripheral velocity 1.38 m-s~!; theoretical 
quantity of charge passed 43.0 Ach. 


Table 1. Effect of the Temperature of the Electrolyte on Current 
Efficiency for the Preparation of Barium Perchlorate* 


final conc (M) energy 
current consumption 
efficiency for for Ba(ClO4)2 
electrolyte Ba(ClO4)2 formation 

S.no. temp+1K_ chlorate perchlorate formation (kW:h-kg~!) 
1 323 0.49 0.38 38 5.9 
2 333 0.46 0.40 40 5:5 
3 343 0.46 0.41 41 4.8 
4 353 0.36 0.44 42 4.4 


“ Conditions: electrolyte concentration 1.0 M; elelctrolyte pH 6.00; anode 


2 2 


current density 30.0 Adm’; cathode current density 32.0 Adm’; cathode 
peripheral velocity 1.38 m-s~!; theoretical quantity of charge passed 43.0 
Ach. 


as electrostatic attraction increases with potential. Consequently, 
the water molecules adsorbed at the interface are gradually 
displaced by ClO3~ ions, which thus hinder the primary 
discharge of water and consequently oxygen evolution. This is 
evidenced, in particular, by the strong inflection generally 
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Figure 3. Variation of current efficiency and energy consumption with 
cathode current density: (conditions) electrolyte concentration 1.0 M; 
electrolyte pH 6.0; electrolyte temperature 333 + 2 K; anodic current density 
30.0 A:dm~?; cathode peripheral velocity 1.38 m+s~!; theoretical quantity 
of charge passed 43.0 Ach. 
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Figure 4. Variation of current efficiency and energy consumption with 
cathode peripheral velocity: (conditions) electrolyte concentration 1.0 M; 
electrolyte pH 6.0; electrolyte temperature 333 + 2 K; anodic current density 
30.0 A‘dm~?; cathode current density 32.0 Adm; theoretical quantity of 
charge passed 43.0 Ach. 


observed on platinum at all concentrations and also lead dioxide 
in the lower concentration range.’ However, this does not 
provide by itself any evidence in favor of the mechanism of 
primary ClO3" discharge, besides water displacement from the 
double layer as postulated above. A further possibility may in 
particular be visualized that the active sites of high oxygen 
adsorption energy are progressively blocked by the adsorbed 
chlorate ions, with a consequent modification of the oxide film 
and a rise in oxygen discharge overpotential. This could allow 
the adsorbed chlorate ions to react with oxygen in the modified 
oxide film, so that chlorate oxidation would occur as a secondary 
reaction with the chemisorbed oxygen atoms resulting from the 
primary discharge of water. As a result, an increase in chlorate 
concentration enhances the chlorate conversion rate. On the other 
hand, oxygen evolution is strongly inhibited by the adsorbed 
chlorate ions and depends on the amount of ClO3~ ions also in 
the concentration range throughout which the relevant polariza- 
tion curve remains unaffected. That is, higher concentrations 
of chlorate inhibit oxygen evolution because of preferential 
adsorption of chlorate and thereby increase the current ef- 
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Table 2. Effect of Anode Current Density on Current Efficiency for 
the Preparation of Barium Perchlorate‘ 


final conc (M) energy 
anode =—§ ———___ current consumption 
current efficiency for for Ba(ClO4)2 
density Ba(ClO4)2 formation 
S.no. (A:dm~?) chlorate perchlorate formation (kW:h-kg7!) 
1 18 0.52 0.36 35 5.2 
2 24 0.50 0.37 37 5.6 
3 30 0.46 0.40 40 5.5 
4 37 0.30 0.46 43 5.2 


“Conditions: electrolyte concentration 1.0 M; elelctrolyte pH 6.00; 
electrolyte temperature 333 K; cathode current density 32.0 A‘dm~?; cathode 
peripheral velocity 1.38 m:s~!; theoretical quantity of charge passed 43.0 


Ach. 


Table 3. Results of the 50-A Cell for the Production of Barium 
Perchlorate 


operating parameters results 
1. electrolyte Ba(ClO3). 
2. volume of electrolyte 8.5L 
3. initial concentration 
ClO3— 1.0M 
ClO4~ 0.0M 
4. electrolyte pH 6.0 
5. electrolyte temperature 333 +2K 
6. final concentration 
ClO3— 0.46 M 
ClO4" 0.40 M 
7. current passed 50 A 
8. anode current density 30.0 A-dm? 
9. cathode current density 32.0 A'dm 7 
10. cathode peripheral velocity 1.38 m-s7! 
11. average voltage 6.9V 
12. current efficiency 40.0% 
13. energy consumption 5.5 kW-h-kg"! 


ficiency. The opposing trend with barium chlorate electrolysis 
must be connected with the removal of barium as its hydroxide 
with the corresponding anodic evolution of oxygen. It is found”’ 
that the pHi, increases with an increasing Mg?* concentration. 
Similarly on the basis of what has been said above, in this case 
also, it may be assumed that a sparingly soluble hydroxide is 
formed in the layer next to the cathode. In the present instance, 
with higher concentrations of electrolyte, the pHi.) can easily 
become alkaline, resulting in the precipitation of Ba(OH)2 and 
deposition on the cathode surface. The loss of Ba?* as Ba(OH)2 
increases 0.04—0.06 M when the concentration of barium 
chlorate increases from 1.0 to 1.5 M, and consequently, the 
current efficiency decreases from 40 to 36%. Figure 1 shows 
the variation of current efficiency and energy consumption with 
concentration for the formation of barium perchlorate. 

The formation of perchlorate is not dependent on the pH of 
the electrolyte within the specified range say around 6.0,’ but 
when the solution is made alkaline, the current efficiency falls 
rapidly, a fact which is explained? due to the discharge potential 
for oxygen at platinum being lower in alkaline than in acid 
solutions. Furthermore, the oxidizing power is lower in alkaline 
than in neutral or acid solutions. This is to be concluded from 
the fact that many oxidations, which take place readily in acid 
solutions, are either entirely prevented or proceed at a very much 
decreased rate when the solution is made alkaline. It is noted 
that at the time of starting the electrolysis both the potential of 
the anode and the efficiency are somewhat below their normal 
values.* Both, however, steadily increase to a maximum after a 
certain duration of time. This is entirely to be expected from 
the fact that reliable measurements of anode overpotential 
always indicate a low concentration of active oxygen during 
the first few moments of oxygen discharge.!7 It is also reported!” 
that if the solution is made alkaline at the anode the efficiency 
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Figure 5. Sketch of a 50-A cell: (1) stainless steel tank, (2) stainless steel cathode, (3) anode, (4) electrolyte, (5) pulleys, (6) V-belts, (7) PVC cover, (8) 


copper bus bar, (9) mercury cup, and (10) 0.5-hp motor. 


of perchlorate production falls off rapidly, a fact which is 
explained by the increased ease of oxygen discharge in a solution 
containing a high concentration of hydroxyl ion. The result is 
the discharge of oxygen along with the chlorate ions and 
consequent drop in the anode efficiency. This hypothesis best 
explains the rise from a comparatively low efficiency at the 
beginning of the electrolysis to a higher value as the electrolysis 
proceeds. When the oxidation is taking place at a high efficiency 
and the current is interrupted for a short time, it is found, upon 
closing the circuit, that the efficiency is low just as it has been 
during the first few minutes of the experiment. The idea is that 
during the break in the current flow the concentration of free 
chloric acid at the anode falls,! largely through diffusion, and 
that a certain length of time is necessary for the chloric acid to 
accumulate to that concentration in which it is unstable.!? During 
this time, oxygen is evolved and efficiency necessarily falls. 
Figure 2 shows the variation of current efficiency with energy 
consumption for different pHs of the electrolyte for the 
preparation of barium perchlorate. At pH 4.0, the current 


efficiency is less than that at pH 6.0. This is expected, because 
at lower pH values the evolution of chlorine gas can takes 
place.'! If the pH is higher than 6.0, say 7.0, it is expected that 
the pH of the layer adjacent to the cathode becomes more 
alkaline, thereby favoring the precipitation of metal (Ba**) 
hydroxide and also resulting in the ease of oxygen discharge 
from a solution containing a high concentration of OH™ ions 
and consequently reduction in current efficiency for the prepara- 
tion of perchlorate. 

Earlier workers have ascribed the effect of temperature on 
perchlorate formation to various factors. It is reported that! the 
decrease in perchlorate formation caused by the increase of 
temperature at a given current density may be due to the increase 
in the concentration of OH™ ions caused by the increased 
dissociation of water at higher temperatures. Bennett and Mack!” 
state that an increase in electrolyte temperature decreases the 
current efficiency markedly since the concentration of active 
oxygen present at the anode at any given time is dependent 
upon the state of the equilibrium. 
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Increased temperature tends to shift this equilibrium in favor 
of molecular oxygen, and therefore, a lower active oxygen 
concentration and consequently a lower oxidation power can 
be expected. A sufficiently higher current density at high 
temperature would, however, tend to increase the rate of 
production of active oxygen and increase its concentration at 
the electrode. With the increase of current density, it can, 
therefore, be expected that a rise in the efficiency of chlorate 
oxidation will be obtained thereby overcoming the inhibiting 
effect of high temperature. This is actually realized experimen- 
tally.2! In the present instance at higher current densities, it is 
expected that better current efficiency with increasing temper- 
ature will be achieved, which has been realized experimentally. 
At the anode current density of 24 A:dm~, the current 
efficiency has been found to be 37% for barium perchlorate by 
maintaining the temperature of 333 K. This was raised to 43% 
at 37 A-dm~?, the temperature remaining constant at 333 K. 
Table 1 shows the effect of the temperature of the electrolyte 
on current efficiency for the preparation of barium perchlorate. 
In the present case, the rise in temperature increases the current 
efficiency up to the temperature studies. This higher current 
efficiency with the increase of temperature can also be attributed 
to the higher solubility of barium hydroxide at higher temper- 
atures,2? in addition to what has been discussed above. 


In the oxidation of sodium chlorate at a platinum anode, the 
anodic polarization curves have been divided into partial curves 
for the two reactions, namely, chlorate oxidation and oxygen 
evolution.! It has been found that, at higher anodic current 
densities, the increase of partial current density with overpo- 
tential is faster for perchlorate formation than for oxygen 
evolution. In other words, at higher current densities, oxygen 
evolution (reaction 6) is inhibited and, thereby, increases the 
formation efficiency of perchlorate (reaction 1). This is also 
true for the electrolysis of barium chlorate as shown in 
Table 2. 


It is found that,?+?4 pH) is increased by increasing the 
cathode current density and favoring the hydroxide formation. 
The results in the present instance confirm the same finding. In 
the present study, it is, visually, found that the loss of Ba?* as 
barium hydroxide increases with increasing cathode current 
density, thereby resulting in the lowering of current efficiency. 
Figure 3 shows the effect of cathode current density on the 
current efficiency for the preparation of barium perchlorate. 


Even in the absence of mechanical agitation, the cathode 
surface layer is continuously disturbed due to hydrogen evolu- 
tion, so that the pH,.) will change only gradually. In the present 
case, the gas evolution is insufficient to maintain the pHi.) at 
the pH value of 6. To achieve such pH control, the cathode has 
to be rotated. It has been found in our earlier studies on the 
formation of magnesium chlorate also!®> that increasing the 
peripheral velocity will produce the desired value of pH.) vs 
that with slower rotation. Figure 4 shows that the current 
efficiency increases with cathode rotation and it is maximum 
at a peripheral velocity of 1.38 m-s~!. This is due to the effective 
removal of OH ions at the cathode by consequently minimizing 
the precipitation of barium hydroxide. 


From the above results, it is found that the maximum current 
efficiency of 40% with an energy consumption of 5.5 kW-h:kg7! 
was achieved, when 1.0 M Ba(ClO3)2 (pH 6.0) is electrolyzed 
under the following parameters: an anode current density of 
30.0 A:dm~?, a cathode current density of 32 A:dm~7, a 
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temperature of 333 K, and with a cathode peripheral velocity 
of 1.38 m:s7!. 

50-A Bench Scale Experiments. On the basis of results 
obtained on the laboratory scale, a 50-A cell was designed, 
fabricated, and operated for the electrolytic preparation of 
barium perchlorate. A stainless steel tank [0.35 m (length) x 
0.25 m (width) x 0.25 m (height)] was fitted with a poly(vinyl 
chloride) (PVC) cover having suitable holes to introduce the 
anode, cathode, thermometer, and electrolyte and acted as the 
cell. A platinum anode [0.17 m (width) x 0.18 m (height)] was 
used. Two cylindrical stainless steel tubes [0.075 m (diameter) 
x 0.21 m (height)] closed at the bottom and fitted to the rotating 
assemblies acted as the cathode and were positioned on either 
side of the anode with an interelectrode distance of 1 cm. Figure 
5 shows a sketch of the cell. The electrical connection to the 
cathode was given through mercury contained in a cup attached 
to the top end of the rotating shaft. Regulated direct current 
(dc) was supplied from a rectifier (0-25 V, 100 A). The 
electrolysis was carried out with 1.0 M Ba(ClO3)2 (pH 6.0), at 
an anode current density of 30.0 A‘dm~ and a cathode current 
density of 32.0 A-dm~* with a temperature of 333 K. The 
cathode peripheral velocity was maintained at 1.38 m-s~!. The 
current efficiency obtained in the 50-A cell (Table 3) conforms 
well to the results obtained at laboratory scale. 


Conclusion 


The electrochemical oxidation of barium chlorate to perchlo- 
rate can proceed with efficiency, when 1.0 M Ba(ClO3)2 (pH 
6.0) is electrolyzed using a platinum anode and stainless steel 
cathode with anode current densities of 30 Ardm~2, a cathode 
current density of 32 A‘dm~, a temperature of 333 K, and an 
anode peripheral velocity of 1.38 m:s~! to achieve a current 
efficiency of 40% corresponding to an energy consumption of 
5.5 kW-h-kg7!. 
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Lithium Perchlorate 


Lithium Perchlorate has the highest oxygen content (by weight) of all the Perchlorates. This together with it's 
density means that it is the salt with the best volume to Oxygen ratio of all the Perchlorates. You can achieve 2.2 
times more Oxygen per volume when compared to Ammonium Perchlorate or close to 2 times when making a 
weight comparison. However since not all combustion products are gas (like Ammonium Perchlorate) only a 
marginal increase in Isp is realised over Ammonium Perchlorate. It generates a lot of smoke too and is expensive. It 
is also hygroscopic and forms the trihydrate. It has a well defined melting temperature of 247C and does not show 
any appreciable decomposition rate until the temperature is raised to over 400C. 

The trihydrate is the most common form of the salt and it is extremely difficult to remove the hydrate water. 
Workers have found that some hydrate remained in a sample held at 300C for 12 hours. The salt will stay in a 
liquid form if there is any water present as the temperature is raised until the melting point of the anhydrous salt is 
reached. 

Lithium Perchlorate can be made by mixing concentrated solutions of Sodium Perchlorate and Lithium Chloride at 
elevated temperatures, a crop of NaCl forms and is taken out first and then a crop of lithium Perchlorate separates 
on cooling. This suits industrial set up's but not one-off batches as the difference in solubilities of the salt and 
Perchlorate are not far enough apart. 


See: Mutual solubility of LiClO4 and NaCl 


There is a good description for the manufacture of Lithium Perchlorate in US Patent No. 3,020,124 where high 
current efficiency's are claimed for the conversion of Lithium Chloride all the way to Perchlorate with Fluoride as a 
cell additive. 

The patent describes the conversion of the Lithium Perchlorate directly into Ammonium Perchlorate by adding 
Ammonium Carbonate without any processing of the intermediate electrolyte. If you do this you should be warned 
that the Ammonium Perchlorate so produced may be contaminated with some Ammonium Chlorate. Check your 
product for Chlorate before conversion. 


Lithium Carbonate is available from ceramic supply stores and can be converted to LiCl with HCI. Lithium 
Chloride has a hydrate (LiCl:H0). 


From experiments conducted by Hashashan it would appear that Li (Per)Chlorate cells are erosive to Lead Dioxide. 
It also appears that Li is erosive to Tin Oxide Anodes. 


SOME USEFUL FORMULA 
Lithium Chloride (Anhydrous) 42,39 


Lithium Chloride (Mono Hydrate)|}LiCl:H 0]/60.41 


Lithium Perchlorate (Anhydrous) |/LiClO, — ||106.39 


Lithium Carbonate 73.89 


Due to the small radius of the Lithium ion, the salt can be converted into the Perchlorate with ease, when compared 
to the other Alkali metal salts. See "The Perchlorates' by Schumacher page 77 (which references: Izgaryshev, N. A. and 
Khachaturyan, M. G. Doklady Akad. Nauk S. S. S. R., 56 929-32 (1947) & 59, 1125-28, (1948). 


Lithium Perchlorate can be made by electrolysis of the Chlorate at a current density of 200mA per square cm and 
at a temperature above 20C. SEE: Mochaloy, K. N., Trans. Butlerov Inst. Chem. Technol. Kazan, 1 21 - 25, (1934) 


Lithium perchlorate can be made by the action of perchloric acid on Lithium Carbonate or Hydroxide . See: 
Berglund, U ., and Sillen, L. G., Acta Chem. Scand., 2, 116 - 126 (1948) 


Lithium Perchlorate can also be made (as most Perchlorates can) by adding the Carbonate or Hydroxide to 
Ammonium Perchlorate and boiling to drive off the Ammonia. The solution is then boiled away to get the Li 
Perchlorate 

See Transactions of the American Electrochemical Society., 29, 323 (1916) Bennett, C. W., and Mack, E. L. for 
another source of info. 


See here for an interesting propellant using Lithium Perchlorate 
See also Patent No. GB 1047474 for a polymer of Li Perchlorate. 
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Mutual solubility of LiClO4 and NaCl 


Mutual solubility of Lithium perchlroate and NaCl. The graph was constructed 
from data from The Perchlorates' by Schumacher. p. 233 


Grams Licio4 per 100ml water 


Data for above graph was taken from 'The Perchlorates' my Schumacher page 233 below. 
(10) Reburn, W. T., (American Potash and Chemical Corp.), private communication (1957). 


XV. System LiCiO,-NaCu-H,0 (Internal Ternary System) 


(Reburn!*) 


Grams/100 Grams H:0 
Tene 
re LiClO. 


0.0 
36.83 
63.15 
92.56 
90.78 
90.40 
93.80 


SSERSSo 
mo AIWAS 


* NaCl points from Seidel." 
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NaCl 
NaCl + LiClO,-3H:0 


LiClO,-3H:0 


NaCl 
NaCl + LiClO,-3H:0 


LiClO,-3H;0 


NaCl 
NaCl + LiClO,-3H:0 


LiClO,-3H;0 


NaCl 


NaCl + LiClO,-3H:0 
LiClO,-3H:0 
LiClO,-3H:0 


US 3,020,124 
Patented Feb. 6, 1962 


MANUFACTURE OF 
PERCHLORATES 


Jasto B. Bravo, Malvern, and PMiip H. Delano, West Chester, Pa., assignors to Foote Mineral Company, 
Philadelphia, Pa., a corporation of Pennsylvania. 
No Drawing. Filed Jan. 23,1959, Ser. No. 788,495 5 Claims. (CI. 23—85) 


This invention relates to the manufacture of Perchlorates and, more particularly, to a process 
for electrolytically oxidizing Chloride ions to Perchlorate ions in an electrolytic cell and 
recovering the resulting Perchlorate from the electrolyte in the form of a Perchlorate compound. 
The invention is based on the discovery that upon subjecting an aqueous electrolyte containing 
Lithium Chloride or Lithium Hypochlorite to electrolysis in an electrolytic cell, substantially all 
of the Chloride and Hypochlorite ions in the electrolyte can be electrolytically oxidized to 
Perchlorate ions in a single oxidation stage at very high current efficiencies. The invention 
provides an improved process for manufacturing a Perchlorate compound by electrolytically 
oxidizing Lithium Chloride to Lithium Perchlorate, which in turn may be used to form other 
Perchlorate compounds, such as Ammonium Perchlorate, by metathesis. 


By a variation of this procedure, it is possible to upgrade lithium hydroxide to lithium carbonate as a by-product of ammonium 
perchlorate manufacture. To do so, lithium hydroxide is chlorinated to form the aqueous chlo-ride-hypochlorite electrolyte which is 
electrolytically oxidized, and then the electrolyte is treated to precipitate lithium carbonate and form an ammonium perchlorate 
solution. Both these products in this case are recovered for commercial disposition, and the lithium is not recycled. 


Following is an example of the process of the invention as it is applied to electrolytically oxidizing lithium chloride to lithium 
perchlorate in an electrolytic cell, and to forming ammonium perchlorate by metathesis of the lithium perchlorate thus produced. 


An electrolyte containing 150 grams per liter of a mixture of lithium chloride and lithium hypochlorite in equi-molar proportions is 
prepared by chlorinating an aqueous suspension of lithium hydroxide. Chlorination is conveniently effected by simply introducing 
gaseous chlorine into the aqueous solution, while agitating the solution, until all the lithium hydroxide has been converted to 
chloride or hypochlorite and has dissolved. About 0.5 gram per liter of lithium fluoride is added to the electrolyte as a depolarizing 
agent. The resulting electrolyte is introduced into an electrolytic cell comprising a rectangular tank containing an array of platinum 
anodes and stainless steel cathodes arranged alternately and spaced about two inches apart. The anodes all are connected to a single 
anode bus-bar, and the cnthodes all are connected to a single cathode bus-bar. The electrolyte is kept agitated by circulating it 
continuously from the cell to a supply tank and then back to the cell. The temperature of the electrolyte in each cell is held constant 
between 30° C. and 40° C, preferably at about 35° C. The electrolysis is carried out at a cell voltage of 5 volts (measured from 
anode bus-bar to cathode bus-bar) and at an anode current density of about 20 amperes per square decimeter, until substantially all 
of the chloride ions contained in the circulating electrolyte are converted to perchlorate. The solution then contains approximately 
300 grams per liter of lithium perchlorate, representing a yield of about 95 percent of theory. Current efficiency of the electrolysis is 
in excess of 80 percent. 


Upon completion of the electrolytic oxidation, the electrolyte is withdrawn from the cell and mixed with a solution containing 
approximately a stoichiometrically equivalent quantity of ammonium carbonate. Lithium carbonate thereupon precipitates from the 
solution, leaving ammonium perchlorate in solution. The precipitate is filtered off and the clarified solution is evaporated to 
crystallize the ammonium perchlorate. The separated lithium carbonate may be disposed of as such, or it may be returned to the 
chlorination operation, where it may be used in place of fresh lithium hydroxide to prepare additional electrolyte for the oxidation 
cell. 


It is clear from the foregoing that the new process provides a simple but efficient process for the production of perchlorates. 
Oxidation of the chloride or hypochlorite all the way to perchlorate in a single oxidation step, which is made possible by using 
substantially only lithium salts in the electrolyte, greatly simplifies the oxidation operation and reduces the amount of equipment 


required. Conversion of the perchlorate produced to any desired metal perchlorate, especially an alkali metal or ammonium 
perchlorate, by metathesis using an inexpensive carbonate reagent, is readily accomplished. Preparation of the electrolyte by direct 
chlorination of lithium, carbonate or lithium hydroxide makes use of a relatively inexpensive reagent (chlorine) and at the same time 
produces a partially oxidized electrolyte (one containing hypochlorite as well as chloride) which requires less power for electrolytic 
oxidation than an all-chloride electrolyte. These and other advantages of the new process combine to make it an especially efficient 
and economical one for the production of perchlorates. 


We claim: 


1. A cyclic process for the manufacture of ammonium perchlorate which comprises introducing an aqueous solution of lithium 
chloride and lithium hypochlorite having a total concentration in the range between 100 and 400 grams per liter into an electrolytic 
cell between a cathode and an anode, passing an electric current through the solution from the anode to the cathode at a cell voltage 
from 4.5 to 6 volts and an anodic current density from 15 to 25 amperes per square decimeter, thereby electrolytically oxidizing the 
chloride and hypochlorite in the solution to lithium perchlorate, agitating the solution undergoing electrolysis, continuing the 
electrolysis of the agitated solution until substantially all of the chloride and hypochlorite contained therein has been converted to 
perchlorate, then withdrawing the solution from the cell and reacting the lithium perchlorate therein with ammonium carbonate to 
form ammonium perchlorate by metathesis, thereby precipitating lithium carbonate while leaving an aqueous solution of ammonium 
perchlorate, recovering ammonium perchlorate from the resultant solution, chlorinating the precipitated lithium carbonate in an 
aqueous medium to form an aqueous solution of lithium chloride and lithium hypochlorite, and subjecting the solution thus formed 
to oxidation in the electrolytic cell. 


2. A cyclic process for the manufacture of ammonium perchlorate which comprises chlorinating in an aqueous medium a lithium 
compound selected from the group consisting of lithium carbonate and lithium hydroxide with chlorine to form an aqueous 
electrolyte of lithium chloride and lithium hypochlorite having a total concentration in the range between 100 and 400 grams per 
liter, introducing the resulting electrolyte into an electrolytic cell between a stainless steel cathode and a platinum anode, passing an 
electric current through the electrolyte from the anode to the cathode at a cell voltage from 4.5 to 6 volts and an anodic current 
density from 15 to 25 amperes per square decimeter, thereby electrolytically oxidizing the chloride and hypochlorite in the 
electrolyte to perchlorate, agitating the electrolyte, continuing the electrolysis of the agitated electrolyte until substantially all of the 
chloride and hypochlorite contained therein has been converted to perchlorate, reacting the aqueous solution containing lithium 
perchlorate with ammonium carbonate to form ammonium perchlorate by metathesis, thereby precipitating lithium carbonate while 
leaving an aqueous solution of ammonium perchlorate, recycling the precipitated lithium carbonate to the chlorination step, and 
crystallizing ammonium perchlorate from the resultant solution. 


3. A process for the manufacture of ammonium perchlorate and lithium carbonate which comprises reacting lithium hydroxide in an 
aqueous medium with chlorine to form an aqueous electrolyte of lithium chloride and lithium hypochlorite having a total 
concentration in the range between 100 and 400 grams per liter, introducing said electrolyte into an electrolytic cell between a 
cathode and an anode, passing an electric current through the electrolyte from the anode to the cathode at a cell voltage from 4.5 to 
6 volts and an anodic current density from 15 to 25 amperes per square decimeter, thereby electrolytically oxidizing the chloride and 
hypochlorite in the solution to perchlorate, agitating the electrolyte, continuing the electrolysis of the agitated electrolyte until 
substantially all of the chloride and hypochlorite contained therein has been converted to perchlorate, reacting the aqueous solution 
containing lithium perchlorate with a stoichiometrically equivalent quantity of ammonium carbonate to form ammonium perchlorate 
by metathesis, thereby precipitating lithium carbonate while leaving an aqueous solution of ammonium perchlorate, and separately 
recovering the ammonium perchlorate and the lithium carbonate from the resultant solution. 


4. A continuous process for the manufacture of ammonium perchlorate which comprises continuously introducing an aqueous 
solution of lithium chloride into an electrolytic cell between an anode and a cathode, passing an electric current through the solution 
from the anode to the cathode at an effective cell voltage in excess of the theoretical decomposition voltage required to form a 
perchlorate from a chloride, thereby electrolytically oxidizing the chloride in the solution to perchlorate, continuously withdrawing 
perchlorate-containing electrolyte from the cell, reacting the withdrawn electrolyte with ammonium carbonate, thereby precipitating 
lithium carbonate and forming a solution containing ammonium perchlorate, recovering the ammonium perchlorate from the 
solution, chlorinating the lithium carbonate to form lithium chloride, and returning the lithium chloride so formed to the electrolytic 
cell. 


5. A continuous process for the manufacture of ammonium perchlorate which comprises continuously introducing an aqueous 
solution of lithium chloride having a concentration in the range between 100 and 400 grams per liter into an electrolytic cell between 
an anode and a cathode, passing an electric current through the solution from the anode to the cathode at a cell voltage from 4.5 to 6 
volts and an anodic current density from 15 to 25 amperes per square decimeter, thereby electrolytically oxidizing the chloride in the 
solution to perchlorate, agitating the solution undergoing electrolysis, continuously withdrawing perchlorate-containing electrolyte 
from the cell, reacting the withdrawn electrolyte with ammonium carbonate, thereby precipitating lithium carbonate and forming a 
solution containing ammonium perchlorate, recovering the resulting ammonium perchlorate from the solution, chlorinating the 
precipitated lithium carbonate to form lithium chloride, and returning the lithium chloride so formed to the electrolytic cell. 
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Interesting propellent using LiClO4 


Hi All, 


It became more and more clear for me that I have inherent fancy for making 
exotic propellants. One of ideas that never leave me in peace is to make 
homogeneous solid propellant with oxidizer and fuel completely solvable in 
each other. I tried to dissolve AP in various potential fuels, such as 
sucrose, sorbitol, polyethyleneglicol, triazole, benzotriazole, 
dimethylsulfoxide, etc. at ambient temperature and up to 120°C. (to my 
surprise, AP is stable at that temperature) Neither of these mixtures was 
homogeneous or at least pourable. 


BUT Liclo4 ! 


The first attempt was successful. I mix 70% LiC104 / 30% 
epoxy+tcurative(maleic anhydride - for high temperature Ef eee heat to 
150°C and mixture became clear liquid (well, brown liquid), all bubbles 
readily released. After heating 2 hours at 150°C mixture was still liquid 
and after cooling I had hard plastic-like mass. 


Summary of some test results: 


Thermal stability ; 

I put small piece (~@.1g) on the top of hot plate (black iron surface) and 
turn on power. At 130°C propellant melted, at 180°C began to bubble, at 
230°C became dark-brown solid porous mass. I heat it up to 290°C, but it 
don't ignited. I concluded that preparation of propellant at 150°C is 
reasonably safe. 


Burn test 

I poured hot propellant in paper tube (ID=9mm) and lit it after cooling. It 
burned vigorously, ambient pressure regression was 2 mm/s. It is comparable 
to what I have with uncatalised AP/epoxy 80/20 (2.7 mm/s). Flame color was 

not as red as I expected. 


Performance prediction 

PROPEP gives maximum Isp=233 for LiC104/ SHELL EPON 815 78%/22%. (D= 
0.06993 LB/CU-IN OR 1.9358 GM/CC). 

70/30 mix has Isp=221. (D= ©.06534 LB/CU-IN OR 1.8087 GM/CC) 


For AP/ SHELL EPON 815 maximum Isp=249 (87%/13%). (D= 0.06422 LB/CU-IN OR 
1.7777 GM/CC). 
80/20 mixture has Isp=238. (D= 0.06152 LB/CU-IN OR 1.7030 GM/CC). 


Does anyone have thoughts about possible pressure exponent for this 
propellant? 


Thereby, LiCl04/epoxy propellant has advantages: 

- very simple preparation. Finished grain may be prepared during 3 hours. 
- high performance (possible). 

- high density. 


It is expensive, however. 
Serge Pipko 

Anthony Colette wrote: 

> 


Be very careful with homogenous mixtures of fuels and oxidizers. They 
can detonate high order. And just because it was eeu ar stable at 
290' C doesn't mean it will be indefinitely. Neither will it 
necessarily be indefinitely stable at 150' C either. Such mixtures 
can ae impact sensitive and have high burn rate exponents. Be 
careful. 


VVVVVV 
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Strontium Perchlorate 


Strontium Perchlorate is hygroscopic and has found use in sealed pyrotechnic devices where it produces a red 
colour. 

It can be made by electrolysis. 

Several hydrates exist, the dihydrate and possible a monohydrate. 3Sr(ClO4)2:2H20O also exists. 

Its molecular weight is (anhydrous) 286.52 


| Solubility of Strontium Perchlorate | 
[Temp. [Moles Sr(C104)2 per 1000gms. water| 
[ 0 | 8.16 
[ 10 | 9.03 
[ 30 | 11.43 
[ 35 | 12.02 


40 12.70 


See Electrochemical Preparation of Strontium Perchlorate, PDF file, 450k. 


See here for more solubility data. 
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Abstract—The electrochemical preparation of strontium perchlorate, Sr(C1O,),, from strontium chlorate employing 
platinum anode and a rotating stainless steel cathode is described. The effect of electrolyte concentration, current den- 
sity, pH and temperature of the electrolyte and cathode rotation on current efficiency for the preparation of strontium 
perchlorate was studied. A maximum current efficiency of 42% was achieved corresponding to an energy consumption 


of 6.1 kWh. kg". 


Key words: Electorchemical, Oxidation, Strontium Perchlorate, Rotating Cathode 


INTRODUCTION 


The preparation of alkali metal perchlorates by electrolysis of 
the corresponding chlorates has been studied by various authors 
[1]. Schumacher [2] reported other methods for manufacturing of 
perchlorates from different raw materials. The mechanism, kinetic 
aspects and electrode materials for perchlorate formation were dealt 
with within the literature [3-7]. After understanding the mechanism 
of perchlorate formation, attempts were made to study the different 
anode materials like platinum [8], and lead dioxide anode [6]. Re- 
gardless of the mechanism at the electrodes in a perchlorate cell it 
has been well established that a high anodic potential is essential. 
To secure this high anodic potential, a platinum electrode is gener- 
ally used. Earlier literature contains references to the use of plati- 
num anodes [8]. In spite of its high cost and the corrosion and ero- 
sion that take place in a cell when it is used as an anode, still plat- 
inum is the material of choice for commercial cells. So in the pres- 
ent case, platinum is used as anode material. However, Platinum- 
clad tantalum, platinum-coated tantalum and platinum-coated tita- 
nium are the future anode materials would decrease the amount of 
platinum and thereby the cost of production of strontium perchlorate. 

Literature contains limited publication dealing with investiga- 
tions on production of alkaline earth metal perchlorates by electrol- 
ysis of chlorate, and the only publication that relates to the prepara- 
tion of alkaline earth metal chlorates by electrolysis was the use of 
platinum electrodes by Ilin et al. [9]. In view of the scant literature 
on the electrochemical preparation of alkaline earth metal perchlor- 
ates, it is clear that the electrochemical route was considered inap- 
propriate for alkaline earth metal perchlorates, due to precipitation 
of corresponding metal hydroxides, which are having poor solubil- 
ity as against the hydroxides of alkali metals. The authors were suc- 
cessful in preparing magnesium and barium chlorate [10-13] where 
metal oxide coated titantum as anode and a rotating cathode was 
employed to minimize the precipitation of corresponding metal hy- 
droxides. 
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Therefore, the main objective of this study is to prepare stron- 
tium perchlorate from strontium chlorate, by electrochemical method, 
using platinum and rotating stainless steel as anode and cathode, 
respectively. To optimize the parametric conditions, the various pa- 
rameters like effect of electrolyte concentration, pH and tempera- 
ture, current density and cathode rotation on current efficiency was in- 
vestigated. Strontium perchlorate is used as secondary injection thrust 
vector control (SITVC) of the first stage satellite launch vehicles. 
1. Perchlorate Formation Reactions and Mechanisms 

Chlorate is oxidized to perchlorate according to the overall reaction: 


() 


Although several mechanisms have been proposed [3,5,7], two mech- 
anisms for the anodic oxidation of chlorate are worth discussion. 
According to the first mechanism the chlorate reacts with discharged 
oxygen resulting from the oxidation of water and chemisorbed at 
the electrode surface [14]. 


ClO; +H,O— ClO; +2H'+2e E=1.19V 


H,O—(0)+2H*+2e" (2) 


(3) 


According to the second mechanism, the primary step is the direct 
discharge of chlorate ion at the anode with the formation of free 
chlorate radical, which then reacts with water to form perchlorate 


[5,6]. 
ClO; ClO, +" 


ClO; +(O)— ClO; 


(4) 


ClO,;+H,O—HCIO,+H+e" (5a) 


However, under alkaline conditions, the formation of perchlorate, 
may takes place as follows [15]: 


ClO;+OH — ClO, +H'+e7 (5b) 


Apart from the above reactions, competing reactions are the for- 
mation of oxygen and ozone (especially towards the last stages of 
chlorate conversion). 


2H,00,+4H*+4e" E=122V (6) 


(7) 


3H,O—0O,+6H +6e 
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In addition to the loss reactions, (Eqs. (6) and (7)) an additional re- 
tarding cathodic reaction, by way of precipitation of metal hydrox- 
ides due to their lower solubility as indicated below, will also be 
encountered in the case of alkaline earth metal prechlorates. 


M?'+20H-—>M(OH),1 (8) 


Where, M=Sr?* 
According to Sr*-H,O Pourbaix diagram [16], strontium hydrox- 
ide formation is predicted by the following reaction: 


Sr'+20H — Sr(OH), (9) 
log [Sr°']=log K-2pH 


During the electrolysis, according to reaction 8, strontium hydrox- 
ide forms an adherent coating over the cathode, in the pH of 14.0, 
and can protect the metal surface and hinder further cathodic reac- 
tion. The precipitation of this metal hydroxide depends on factors 
such as electrolyte concentration, pH, temperature, current density 
and cathode rotation. 


MATERIALS AND METHODS 


1. Cell Construction and Electrolysis 

The electrolytic cell consisted of a 0.5-L glass vessel fitted with 
a PVC cell cover with slots to introduce the electrodes, pH sensor, 
thermometer and electrolytes. Cylindrical stainless steel (SS304 of 
purity 99.8%; SAIL, India) rods of different dimensions [0.010 m 
(diameter)0.08 m (height), 0.015 m (diameter)<0.07 m (height) 
and 0.025 m (diameter)0.09 m (height)] were used as cathodes. 
Depending on the parameters, each cathode was fitted to a rotating 
assembly and positioned at the center of the cell at an inter-elec- 
trode distance of 1.0 cm. The platinum foil of size 0.025 m (width)x 
0.085 m (length) was used as the anode. The electrolytic cell was 
placed in a thermostat and the temperature of the electrolyte was 
maintained with a variation of +1 K. The strontium chlorate solu- 
tion obtained from the electrolysis of strontium chloride was used 
as electrolyte. 

Electrical connection to the cathode was through the mercury 
contained in a cup attached to the top end of the rotating shaft driven 
by a 0.5-hp motor. Regulated direct current (DC) was supplied from 
a rectifier (25 A, 0-25 V, Aplab Model). A 0.45 L of solution was 
used for each experiment, which was used as the electrolyte. The 
electrolyte pH was monitored with a pH probe and regulated by 
adding either acid or base. Each experiment was continued until 
the theoretical charge had been passed. All the experiments were 
repeated three times for reproducibility. The effect of various pa- 
rameters on current efficiency was determined. 

2. Analysis 

Chloride: Chloride was estimated by using 0.1 N silver nitrate 
(Ranbaxy, India) and 1% K,CrO, (Ranbaxy, India) [17]. 

Chlorate: Chlorate was estimated iodometrically by using 0.1 N 
thiosulfate in presence of KBr (3.0 g), conc. HCI (30 ml) and 10% 
KI (10 ml) [18]. 

Perchlorate: Perchlorate was estimated by using perchlorate ion- 
selective electrode (Elico, India). 

Strontium: Strontium was determined by titration with 0.1 N 
EDTA (Analar Grade, BDH, India) at pH 10 using Solochrome Black- 
T (BDH, India) as an indicator [19]. 


RESULTS AND DISCUSSION 


1. Effect of Electrolyte Concentration 

The standard potentials of reactions 1 and 6 are close so that oxy- 
gen evolution is always an accompanying reaction, i.e., chlorate 
oxidation and oxygen evolution take place at the anode with com- 
plementary current efficiencies. Furthermore, the influence of pH 
on the equilibrium potentials for both reactions | and 6 is the same 
[14] so that these two reactions can occur simultaneously, irrespec- 
tive of the pH. This situation is altered in the presence of high con- 
centrations of chlorate, as well as increased anode current densities 
as reported by De Nora et al. [5]. According to De Nora, the anodic 
polarization on platinum and lead dioxide is strongly influenced by 
the presence of ClO; ions, because of their progressive adsorption 
at the interface as electrostatic attraction increases with potential. 
Consequently, the water molecules adsorbed at the interface are grad- 
ually displaced by ClO; ions, which thus hinders the primary dis- 
charge of water and consequently oxygen evolution. This is evi- 
denced, in particular, by the strong inflection generally observed 
on platinum at all concentrations and also lead dioxide in the lower 
concentration range [7]. However, this does not provide by itself 
any evidence in favor of the mechanism of primary ClO; discharge, 
besides water displacement from the double layer as postulated above. 
Further possibility may in particular be visualized that the active 
sites of high oxygen adsorption energy are progressively blocked 
by the adsorbed chlorate ions, with a consequent modification of 
the oxide film and a rise in oxygen discharge overpotential. This 
could allow the adsorbed chlorate ions to react with oxygen in the 
modified oxide film, so that chlorate oxidation would occur as a 
secondary reaction with the chemisorbed oxygen atoms resulting 
from the primary discharge of water. As a result, an increase in chlo- 
rate concentration enhances the chlorate conversion rate. On the 
other hand, oxygen evolution is strongly inhibited by the adsorbed 
chlorate ions and depends on the amount of CIO; ions also in the 
concentration range throughout, which the relevant polarization curve 
remains unaffected. That is, higher concentrations of chlorate inhibit 
oxygen evolution because of preferential adsorption of chlorate and 
thereby increasing the current efficiency. 

The opposing trend with strontium chlorate electrolysis must be 
connected with the removal of strontium as its hydroxide with the 
corresponding anodic evolution of oxygen. It is found [20] that the 
pH,, increases with increasing the Mg” concentration. Similarly, 
on the basis of what has been said above, in this case also it may 
be assumed that a sparingly soluble hydroxide is formed in the layer 
next to the cathode. In the present instance, with higher concentra- 
tions of electrolyte, the pH, can easily become alkaline, resulting 
in the precipitation of Sr(OH), and deposit on the cathode surface. 
The loss of Sr’ (in electrolyte) as Sr(OH), increases 0.04 to 0.06 M 
when the concentration of strontium chlorate increases from 1.5 M 
to 2.5 M, and consequently the current efficiency decreases from 42 
to 34%. Fig. 1 shows the variation of current efficiency and energy 
consumption with concentration for the formation of strontium per- 
chlorate. 

2. Effect of pH 

The formation of perchlorate is not dependent on the pH of the 
electrolyte within the specified range say around 6.0 [7], but when 
the solution is made alkaline, the current efficiency falls rapidly, a 
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Current efficiency, % 
Energy consumption, kWh kg" 


0.0 05 1.0 1.5 20 25 3.0 
Concentration of Sr (CIO,),, M 


Fig. 1. Variation of current efficiency and energy consumption with 
concentration. Conditions, electrolyte pH: 6.0; electrolyte 
temperature: 33342 K; current density: 30.0 A dm’; cath- 
ode peripheral velocity: 1.38 ms’. 


fact which is explained [3] due to the discharge potential for oxy- 
gen at platinum being lower in alkaline than in acid solutions. Fur- 
thermore, oxidizing power is lower in alkaline than in neutral or 
acid solutions. This is to be concluded from the fact that many oxi- 
dations, which take place readily in acid solutions, or either entirely 
prevented or proceed at a very much-decreased rate when the solu- 
tion is made alkaline. It is noted that at the time of starting the elec- 
trolysis both the potential of the anode and the efficiency are some- 
what below their normal values [8]. Both, however, steadily increase 
to a maximum after a certain time. This is entirely to be expected 
from the fact that reliable measurements of anode overpotential al- 
ways indicate a low concentration of active oxygen during the first 
few moments of oxygen discharge [14]. It is also reported [14] that 
if the solution is made alkaline at the anode the efficiency of per- 
chlorate production falls off rapidly, a fact that is explained by the 
increased ease of oxygen discharge in a solution containing a high 
concentration of hydroxyl ion. The result is the discharge of oxy- 
gen along with the chlorate ions and consequently drops in the anode 
efficiency. This hypothesis best explains the rise from a compara- 
tively low efficiency at the beginning of the electrolysis to a higher 
value as the electrolysis proceeds. When the oxidation is taking place 
at a high efficiency and the current is interrupted for a short time, it 
is found, upon closing the circuit that the efficiency is low just as it 
has been during the first few minutes of the experiment. The idea 
is that during the break in the current flow the concentration of free 
chloric acid at the anode falls [1], largely through diffusion, and 
that a certain length of time is necessary for the chloric acid to ac- 
cumulate to that concentration in which it is unstable [14]. During 
this time oxygen is evolved and efficiency necessarily falls. Fig. 2 
shows the variation of current efficiency with energy consumption 
for different pHs of the electrolyte for the preparation of strontium 
perchlorate. At pH 4.0 the current efficiency is less than that of pH 
6.0. This is expected, because at lower pH values the evolution of 
chlorine gas can take place [11]. If the pH is higher than 6.0, say 
7.0, it is expected that pH of the layer adjacent to the cathode be- 
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Current efficiency, % 
Energy consumption, kWh kg" 


Electrolyte pH 


Fig. 2. Variation of current efficiency and energy consumption with 
electrolyte pH. Conditions, electrolyte concentration: 1.5 
M; electrolyte temperature: 33342 K; current density: 30.0 
A dim’; cathode peripheral velocity: 1.38 m s‘; theoretical 
quantity of charge passed: 64.0 Ah. 


comes more alkaline, thereby favoring the precipitation of metal (Sr*) 
hydroxide and also resulting in the ease of oxygen discharge from a 
solution containing high concentration of OH ions, and consequently 
reduction in current efficiency for the preparation of perchlorate. 

3. Effect of Temperature 

Earlier workers ascribed the effect of temperature on perchlorate 
formation to various factors. It is reported that [21] the decrease in 
perchlorate formation caused by the increase of temperature at a 
given current density may be due to the increase in the concentration 
of OH ion caused by the increased dissociation of water at higher 
temperatures. 

Bennett and Meck [14] state that an increase in electrolyte tem- 
perature decreases the current efficiency markedly because of the 
concentration of active oxygen present at the anode at any given 
time. Increased temperature favors the formation of molecular oxy- 
gen (reaction 6 - loss reaction) resulting a lower active oxygen 
concentration, and consequently a lower oxidation power resulting 
decrease in current efficiency. A sufficient higher current density at 
high temperature would, however, tend to increase the rate of pro- 
duction of active oxygen (reaction 2 - required reaction) and 
increase its concentration, resulting increase in current efficiency. 
With the increase of current density it can, therefore, be expected 
to obtain a rise in efficiency of chlorate oxidation, thereby over- 
coming the inhibiting effect of high temperature. This is actually 
realized experimentally [21]. In the present instance at higher cur- 
rent densities it is expected to have better current efficiency with 
increasing temperature, which has been realized experimentally. At 
the anode current density of 24 A-dm” the current efficiency was 
found to be 39% for strontium perchlorate formation by maintain- 
ing the temperature of 333 K. This was raised to 45% at 37 A-dm’, 
the temperature remaining constant at 333 K. Fig. 3 shows the ef- 
fect of temperature of the electrolyte on current efficiency for the 
preparation of strontium perchlorate. In the present case the rise in 
temperature increases the current efficiency up to the temperature 
studies. This higher current efficiency with increase of temperature 
can also be attributed to higher solubility of strontium hydroxide at 
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Current efficiency, % 
Energy consumption, kWh kg" 


321 324 327 330 333 336 339 342 345 348 351 354 
Temperature, K 


Fig. 3. Variation of current efficiency and energy consumption with 
cathode current density. Conditions, electrolyte concentra- 
tion: 1.5 M; electrolyte pH: 6.0; electrolyte temperature: 333 
+2 K; anode current density: 30.0 A dm’; cathode peripheral 
velocity: 1.38 m s‘; theoretical quantity of charge passed: 
64.0 Ah. 


higher temperatures [22], in addition to what has been discussed 
above. 
4. Effect of Cathode Current Density 

It is found that [23,24], pH, is increased by increasing the cath- 
ode current density and favoring the hydroxide formation. The re- 
sults in the present instance confirm the same. In the present study, 
it is visually found that the loss of Sr°* as strontium hydroxide in- 
creases with increasing cathode current density, thereby resulting 
in the lowering of current efficiency. Fig. 4 shows the effect of cath- 
ode current density on current efficiency for the preparation of stron- 
tium perchlorate. 
5. Effect of Cathode Peripheral Velocity 

Even in the absence of mechanical agitation, the cathode surface 


Current efficiency, % 
Energy consumption, kWh kg" 


16618 #20 22 2 264 2 3 32 4M BH 3 


Cathode current density, Adm” 


Fig. 4. Variation of current efficiency and energy consumption with 
electrolyte temperature. Conditions, electrolyte concentra- 
tion: 1.5 M; electrolyte pH: 6.0; current density: 30.0 A dm’; 
cathode peripheral velocity: 1.38 m s“; theoretical quantity 
of charge passed: 64.0 Ah. 


Current efficiency, % 
Energy consumption, kWh kg" 


0.4 0.6 0.8 1.0 12 14 1.6 18 


Cathode peripheral velocity, m s" 


Fig. 5. Variation of current efficiency and energy consumption with 
cathode peripheral velocity. Conditions, electrolyte concen- 
tration: 1.5 M; electrolyte pH: 6.0; electrolyte temperature: 
33342 K; current density: 30.0 A dm’; theoretical quantity 
of charge passed: 64.0 Ah. 


layer is continuously disturbed due to hydrogen evolution, so that 
the pH, will change only gradually. In the present case the gas evo- 
lution is insufficient to maintain the pH,, at the pH value of 6. To 
achieve such pH control the cathode has to be rotated. It has been 
found in our earlier studies on the formation of magnesium chlor- 
ate also [10,25] that increasing the peripheral velocity will produce 
the desired value of pH, as against that with slower rotation. Fig. 5 
shows that the current efficiency increases with cathode rotation 
and it is maximum at a peripheral velocity of 1.38 m-S"'. This is 
due to the effective removal of OH” ions at the cathode by conse- 
quently minimizing the precipitation of strontium hydroxide. 

From the above results it is found that the maximum current effi- 
ciency of 42%% with an energy consumption of 6.1 kWh kg"! 
was achieved when 1.5 M Sr(ClO;), (pH 6.0) was electrolyzed under 
the following parameters: current density of 30.0 A-dm”’, a tem- 
perature of 333 K and with a cathode peripheral velocity of 1.38 
mS". 

6. 50-A Bench Scale Experiments 

On the basis of results obtained on the laboratory scale, a SOA 
cell was designed, fabricated and operated for the electrolytic prepa- 
ration of strontium perchlorate. A stainless steel tank [0.35 (length)x 
0.25 (width)<0.25 m (height)] was fitted with PVC cover having 
suitable holes to introduce anode, cathode, thermometer and the 
electrolyte acted as the cell. A platinum anode [0.17 (width)x0.18 m 
(height)] was used. Two cylindrical stainless steel tubes [0.075 (diam- 
eter)x0.21 m (height)| closed at the bottom and fitted to the rotat- 
ing assemblies acted as cathode and were positioned on either side 
of the anode with an inter-electrode distance of 1 cm. Fig. 6 shows 
a sketch of the cell. Electrical connection to the cathode was given 
through mercury contained in a cup attached to the top end of the 
rotating shaft. Regulated direct current (DC) was supplied from a 
rectifier (0-25 V, 100 A). The electrolysis was carried out with 1.5 
M Sx(ClO,), (pH 6.0), at a current density of 30.0 A-dm™ with a 
temperature of 333 K. The cathode peripheral velocity was main- 
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Fig. 6. A sketch of 50 A cells. 


1. Stainless steel tank 6. V-belts 

2. Stainless steel cathode 7. PVC cover 

3. Anode 8. Copper bus bar 
4. Eelectrolyte 9. Mercury cup 

5. Pulleys 10. 0.5-hp motor 


Table 1. Results of 50 A cell for the production of strontium per- 


chlorate 
Operating parameters Results 
1. Electrolyte : Sr(CI1O,), 
2. Volume of electrolyte : 8.5-L 
3. Initial concentration 
ClO; : 15M 
ClO; : 0.0 M 
4. Electrolyte pH : 6.0 
5. Electrolyte temperature 333 K 
6. Final concentration 
ClO; : 0.40 M 
ClO; : 0.54 M 
7. Current passed : S50 A 
8. Anode current density 30.0 A dm” 
9. Cathode current density 30.0 A dm” 
10. Cathode peripheral velocity 1.38mS" 


11. Average voltage : 6.9 V 
12. Current efficiency 42.0% 
13. Energy consumption 6.1 kWh kg" 


tained at 1.38 m:s"'. The current efficiency obtained in the 50 A cell 
(Table 1) conforms well to the results obtained at laboratory scale. 


CONCLUSIONS 


The electrochemical oxidation of strontium chlorate to perchlor- 
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ate can proceed efficiently when 1.5 M Sr(ClO,), (pH 6.0) is elec- 
trolyzed using platinum anode and stainless steel cathode with a 
current density of 30 A-dm”°, temperature of 333 K and anode peri- 
pheral velocity of 1.38 m-s” to achieve current efficiency of 42% 
corresponding to an energy consumption of 6.1 kW-h-kg™. 
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Perchloric acid 


Perchloric acid can be produced by electrolysis or by a ion exchange mechanism using a resin. 

See: Trans. Electrochem. Soc. 75, 271 - 78 (1939) for electrolysis method. 

US Patent No. 2,392,861 describes the industrial production of Perchloric acid using NaClO4 and HCl. 
Also US Patent No. 1271633 describes making Perchloric acid from HCl by electrolysis. 

There is a discussion regarding Perchloric acid manufacture at: 
http://www.sciencemadness.org/talk/viewthread.php ?tid=12&page=1 


The acid is extremely corrosive and is very damaging to tissue. It will form explosive mixtures with anything 
combustible and these mixtures may ignite or detonate without warning. The usual strength of the acid is 72%wt 
where it forms a constant boiling point azetope. The 70% acid is fairly stable, the anhydrous acid (100%) will 
explode of its own accord if stored for a period of time. It can only be stored indefinitely at liquid air temperatures. 


Preparation 


The following is from JACS 15 page 15 (1910) 

The Perchlorate must be free from Chlorate. 

A saturated solution of Sodium Perchlorate was poured into two and one half times its volume of pure HCl (density 
1.20). After thorough agitation the Sodium Chloride was allowed to settle, the the clear liquid was siphoned off, 
and the Sodium Chloride drained in a funnel by suction, and washed with a little more acid. The solution 
containing HCl and Perchloric acid, with a little salt of Na was evaporate until dense white fumes of Perchloric 
acid began to appear. The liquid was found to be completely free from HCl. At this point the concentration of the 
Perchloric acid is approx. the density of the dihydrate, about 70%. 

The acid above may contain small amounts of NaClO4 which may ppt out of solution. The acid can be distilled 
(use a Kieldahl bulb) if necessary. 

It is not advisable to store Perchloric Acid, make and use as required. 


See THE PREPARATION OF PERCHLORIC ACID. by H. H. WILLARD in 'Further Reading’ section. 
Uses of Perchloric acid 


Perchlorates are the salts of Perchloric acid. Most of the Perchlorates can be produced by Perchloric acid and the 
Chloride or Nitrate of the metal and heating to drive off the HCl or HNO3 formed. 

All of the Perchlorates can be formed by reacting the appropriate Hydroxide or Carbonate with the acid. This 
method of production is not used because of the expense of Perchloric acid compared to Sodium Perchlorate, but it 
gives very pure Perchlorates. 


Further reading 


A A Zinov'ev, "PERCHLORIC ACID", RUSS CHEM REV, 1963, 32 (5), 268-282 here (1.9M pdf). 


Dangers 


Some Accidents Involving Perchloric Acid 


1. Explosions may occur when 72% perchloric acid is used to determine chromium in steel, 
apparently due to the 
formation of mixtures of perchloric acid vapor and hydrogen. These vapor mixtures can be 
exploded by the catalytic 
action of steelparticles.2 
2. Two workers are reported to have dried 11,000 samples of alkali-washed hydro-carbon gas 
with magnesium 
Perchlorate over a period of 7 years without accident. However, one sample containing butyl 
fluoride caused a 
urplediscoloration of the magnesium Perchlorate, with the subsequent explosion of the 
atter.2 
3 . A worker using magnesium Perchlorate to dry argon reported an explosion andwarned that 
warming and 


contact with oxidizable substances should be avoided.2 

4. An explosion was reported when anhydrous magnesium Perchlorate used indrying unsaturated 
hydrocarbons was 

heated to 220'C.2 

5 . An explosive reaction takes place between perchloric acid and bismuth or certainof its 
alloys, especially during 

electrolytic polishing.2,5 

6. Several explosions reported as having occurred during the determination ofpotassium as the 
Perchlorate are 

probably attributable to heating in the presenceof concentrated perchloric acid and traces of 
alcohol. An incident 

in a French laboratory is typical: an experienced worker in the course of a separation 
ofsodium and potassium 

removed a platinum crucible containing a few decigramsof material and continued the heating on 
a small gas flame. 

An explosion pulverized the crucible, a piece of platinum entering the eye of the chemist.7 
7. A violent explosion took place in an exhaust duct from a laboratory hood inwhich perchloric 
acid solution was being 

fumed Over, a gas plate. It blew outwindows, bulged the exterior walls, lifted the roof, and 
extensive 

damagedequipment and supplies. Some time prior to the explosion, the hood had beenused for the 
analysis o 

nisee Ulancous materials. The explosion apparentlyoriginated in deposits of perchloric acid and 
organic material in the 

hood andduct.8 

8. A chemist was drying alcohol off a small anode over a Bunsen burner in a hoodreserved for 
tests involving 

perchloric acid. An explosion tore the exhaust ductfrom the hood, bent a portion of the 
ductwork near the fan, 

and blew out many panes of window glass.8 

9. An peas bs dropped a 7-pound (3.2 kg) bottle of perchloric acid solution ona concrete 
floor. The liquid was 

taken up with sawdust and placed in a covered, metal waste can. Four hours later, a light 
explosion blew open 

he hanged cover of the can. A flash fire opened three sprinklers which promptly extinguished 
the fire.8 

10. A 7-pound bottle of perchloric acid solution broke while an employee wasunpacking a case 
containing three bottles. 

The spilled acid instantly set the wood floor on fire, but it was put out quickly with a soda- 
acid extinguisher .8 

11. At a malleable iron foundry, perchloric acid had been used for about 4 years inthe 
laboratory for the determination 

of the silicon contents of iron samples. Acast iron, wash-sink drain at the bench used for 
this purpose had 

corroded and the leaking acid had soaked into the wood flooring, which was later ignited 
whilea lead joint was 

being poured. This fire was extinguished and part of the woodflooring was removed. Later in 
the pay at a point 

slightly removed from the location of the first fire, a similar fire occurred when hot lead 
was again spilled.This time 

ane fire flashed with explosive violence into the exhaust hood and stackabove the workbench. 
Laborator 

equspmene’ ane records were wetted downextensively and damaged. 

12. A stone table of a fume hood was patched with a glycerin cement and severalyears later, 
when the hood was pees 

removed, the table exploded when a worker struck the stone with a chisel. The hood had been 
used for digestions 

with perchloric acid and, pres rne ye acid spills had not been properly cleaned up.9 

13. A conventional chemical hood normally used for other chemical reactions, including 
distillation and ashing of organic 

materials, was also used during the same time for perchloric acid digestion. During a routine 
ashing procedure, the 

hot gases went up the 12-inch tubular transit exhaust duct and one of a series of explosions 
occurred that tore the 

duct apart at several angles and on the horizontal runs.9 

14. During routine maintenance involving partial dismantling of the exhaust blower ona 
perchloric acid ventilating 

system, a detonation followed a light blow with a hammer on a chisel held against the fan at 
or near the seal 

between the rear cover plate and the fan casing. The intensity of the explosion was such that 
it was heard 4 miles 

away. Of the three employees in the vicinity, one sustained face lacerations and slight eye 
injury; the second 

suffered loss of four fingers on one hand and possible loss of sight in one eye; the third was 
fatally injured with the 

6-inch chisel entering below his left nostril and embedded in the brain.9 

15. A 6-pound (2.7 kilograms) bottle of perchloric acid broke and ran over a fairly large area 
of a wooden laboratory 

floor. It was cleaned up, but some ran down over wooden joists. Several years later a bottle 
of sulfuric acid was 

spilled in this same location and fire broke out immediately in the floor and the joists.9 
16. A chemist reached for a body of perchloric acid stored on a window sill above a steam 
radiator. The bottle struck 

the radiator, broke, and the acid flowed over the hot coils. Within a few minutes the wooden 
floor beneath the 

radiator burst into flame.9 


17. An explosion occurred when an attempt was made to destroy benzyl celluloses by boiling 
with perchloric acid.11 

18. An explosion occurred as anhydrous perchloric acid was being prepared via sulfuric acid 
dehydration and extraction 

with methylene chloride when a stopper was removed from the separatory flask.14 

19. A rat carcass was dissolved in nitric acid, the fat skimmed off, and perchloric acid 
added. The mixture was 

heated to dryness and touched, setting off an explosion that cracked the fume hood and nearly 
blew out the sash.16 

20. A perchlorate-doped polyacetylene film was prepared and stored under argon in a seated 
vessel. Two weeks later, 

the film detonated when the vessel top was being removed. Earlier safety testing failed to 
show any reaction to flame 

or impact.17 

21. Perchlorate-doped polyacetylene samples combusted violently in the oxygen atmosphere of a 
Schoniger flask.18 

22. An explosion occurred in a fume hood upon ether drying of a second crop of crystals of 
hexaminechromium (111) 

perchloratethatwere washed with absolute ethanol and anhydrous diethylether. Following 
aspiration of the ether 

wash, the ether damp filter cake was agitated with a glass stirring rod and the mass 
detonated.19 

23. Perchlorate-doped, highly conducting polythiophene Pt-CIO, exhibits excellent ambient 
stability, but the film should 

not - ee above 1000C. Touching an extremely dry Pt-CIO, film (kept in a desiccator over 
P20,) wit 

tweezers might cause an explosion of the film.20 

24. Some samples of rare earth organic fluoride were re-ashed with perchloric, sulfuric, and 
nitric acid in I -liter 

beakers. One of the beakers started foaming, turned yellow, and then exploded. The surface of 
the hot plate 

was bent downward, and the imprint of the beaker was left in the metal surface of the hot 
plate by the force of the 

explosion.1 

25. Drying an acetonitrile adduct of neodymium Perchlorate at SO'C in vacuumapparently produces 
a compound that 

can detonate on mechanical contact. 


[K. Everett and F.A. Graf Jr. engre Perchloric Acid and Perchlorates. In: N.V. 
Steere, ed. Handbook of Laboratory Safety. Second Edition - 1971. ] 
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1. INTRODUCTION 


Perchloric acid HC1O, differs substantially from other 
inorganic oxyacids in many respects, for example the vola- 
tility of anhydrous perchloric acid, its instability on storage, 
especially above room temperature, the difference in pro- 
perties between the anhydrous acid and its hydrates. 


Anhydrous perchloric acid contains more than 63% of 
available oxygen, 7.e. oxygen which can be used in the oxi- 
dation of various reductants or liberated as gas. 


This determines the value of perchloric acid as an oxi- 
dant, its oxidising properties being maintained on slight 
dilution of the acid with water. A diminution in the concen- 
tration of perchloric acid affects its redox potential far 
more rapidly than in the case of nitric acid. 


Perchloric acid finds varied application both in industry 
and in the laboratory, for example in the electrolytic 
polishing of metals, as catalyst for hydrolysis or esterifi- 
cation and various rearrangements in organic compounds. 
It is used also, instead of or in addition to nitric and sul- 
phuric acids, in wet combustion in quantitative organic 
analysis, to break down complicated minerals and ores in 
their quantitative analysis, etc. 


Although perchloric acid has been known for more than 
150 years, it has not yet been adequately investigated. 


2. BRIEF HISTORICAL OUTLINE 


Perchloric acid was discovered by Stadion in 1816.}» 
On treating the product obtained by the cautious fusion of 
potassium chlorate with sulphuric acid, he found that the 
residue left after removal of excess of the acid, contained, 
in addition to potassium sulphate, the potassium salt of a 
new, hitherto unknown acid. Analysis of this salt showed 
its oxygen content to be 45.92%, its composition corre- 
sponding to the formula KC1O,. 


Stadion found that this salt can be obtained also by the 
anodic oxidation of potassium chlorate, for which purpose 
he used a battery of twenty voltaic cells. On heating the 
new salt with three parts by weight of sulphuric acid con- 
taining 30% of water, he obtained in the distillate a fraction 
consisting of an aqueous solution of a new acid, which he 
termed “oxychloric” acid; later the name “perchloric 
acid” was applied to it. Stadion showed that it can be ob- 
tained also by the electrochemical oxidation in aqueous 
solution of chlorine dioxide, which he had discovered. 


The preparation of perchloric acid by Stadion's method 
is seen to be based on the reactions 


4KCIO,=3KCIO, + KCl; 
KCIO, + HySQ, + 2q.=KHSO, + HCIOjaq + 


Sérullas reported? that attempts to obtain perchloric 
acid by Stadion's method invariably terminated in explo- 
sions, which he attributed to the explosive decomposition, 
under the experimental conditions, of chloric acid formed 
from potassium chlorate by the action of sulphuric acid. 
Sérullas probably had not noticed that Stadion had treated 
the chlorate after fusion, z.e. actually the perchlorate ob- 
tained from the chlorate, with sulphuric acid. This sug- 
gestion is supported by the fact that, in another paper‘ and 
also in a German translation thereof*, Sérullas reported 
his discovery of the conversion of chlorate into perchlorate 
on careful fusion. 


Hence Sérullas assumed that in Stadion's method the 
perchloric acid is formed, not from the perchlorate by the 
action of sulphuric acid, but from chloric acid. It may be 
supposed that it was precisely this erroneous interpretation 
of Stadion's process that led Sérullas to develop a new 
method for obtaining perchloric acid. The method is based 
on the gradual decomposition of chloric acid when its solu- 
tions are concentrated by evaporation under any conditions. 
Decomposition of chloric acid occurs when its concentra- 
tion reaches a critical value, above which the acid cannot 
exist. The process is completed by distilling off the water 
present in the system and then distilling over the perchloric 
acid in the form of an azeotrope. 


Sérullas was also able to obtain a “solid perchloric 
acid”®, This was done on distilling a mixture of the con- 
stant-boiling perchloric acid (azeotrope) and sulphuric acid 
in the proportions 1:4-5 by volume. A mixture of the 
solid and liquid forms of perchloric acid passed into the 
distillate. Sérullas was unable to isolate the pure solid 
acid from this mixture, and hence did not establish its 
composition. 


To Sérullas belongs the honour of introducing the use of 
perchloric acid for the quantitative determination of potas- 
sium in the presence of other cations’, This analytical 
method is based on the extremely low solubility of KC1O, in 
alcohol. 


The following rather clumsy procedure was suggested by 
Henry ® for the preparation of perchloric and chloric acids. 
A solution of ZnSiF, is first obtained by the interaction of 
ZnO and H,SiF,, and this is then heated with KC1O, or 
KCIO, respectively to give Zn(C10,), or Zn(C10,), in solution, 
which with aqueous Ba(OH), gives a solution of Ba(C10,), or 
Ba(C10,),. Finally, the action of an equivalent amount of 
dilute sulphuric acid on these solutions yields aqueous per- 
chloric or chloric acid. 


Nativelle published® a more convenient recipe for ob- 
taining perchloric acid by Stadion's method. Kolbe? re- 
ported the preparation of perchloric acid by the electro- 
chemical oxidation of hydrochloric acid, and this possibility 
was confirmed a little later by Riche''. Subsequently, 
especially during recent years, this method of obtaining 
perchloric acid has formed the subject of many patents 
issued in various countries. At the present time it is used 
to produce perchloric acid industrially. : 


After Stadion and Sérullas the most important results 
were obtained by Roscoe '#-4, who found that perchloric 
acid obtained by the evaporation of dilute aqueous solutions 
until dense white fumes appeared had a constant boiling 
point of 203° and remained unchanged in composition on 
being distilled. He proved that the solid perchloric acid 
discovered by Sérullas was a monohydrate of the acid 
HC10,.H,O. 


To Roscoe is due also to the credit of discovering an- 
hydrous perchloric acid, which he obtained by distilling a 
mixture of the constant boiling perchloric acid and 98.5% 
sulphuric acid in the proportions 1:4 by volume. Accord- 
ing to him, a mobile yellowish liquid begins to pass into 
the receiver at 110°, but on continued distillation the tem- 
perature gradually rises to 200°, and a thick oily liquid 
begins to enter the receiver, this giving a white crystalline 
mass on contact with the more volatile portion of the dis- 
tillate. 


It was established that the readily volatile mobile liquid 
was anhydrous perchloric acid; while the involatile oily 
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liquid was a constant-boiling acid of composition approxi- 
mating to a dihydrate of the acid HC10,.2H,O. The anhy- 
drous acid and the dihydrate react to give the monohydrate, 
a crystalline solid, 


Hence formation of the monohydrate takes place accord- 
ing to the equation 


HCIO, + HCIG, - 2H,0=2HCIO,- H,O . 


Roscoe found that the reverse reaction takes place above 
110°: i.e. the anhydrous acid and the dihydrate are formed 
from the monohydrate. He regarded this latter method of 
obtaining anhydrous perchloric acid as the better, since 
the monohydrate, being completely stable onstorage, makes 
it possible to obtain the unstable anhydrous acid at any 
time. 


The oxidation of ammonium perchlorate with a mixture 
of nitric and hydrochloric acids, reported by Schloesing *, 
must also be mentioned. He suggested using the free per- 
chloric acid obtained from the NH,C10,, without isolating 
it from the solution, for the quantitative determination of 
potassium by Sérullas' methud’. Later this reaction was 
employed by Willard ?* to obtain the azeotrope of perchloric 
acid from ammonium perchlorate. 


Kreider '” suggested obtaining the azeotrope by the 
double decomposition of sodium perchlorate and fuming 
hydrochloric acid: 


NaCl0,+Hcl 5 HCIO,+NaCl. 


The equilibrium is shifted to the right owing to the limited 
solubility of NaCl in this system. After removal of the 
bulk of the NaCl, the perchloric acid is obtained from the 
reaction as an aqueous solution, and freed from salts and 
water by distillation. 


Vorlinder and Schilling '8 found that, when a mixture of 
KCLO, and 96-97% H,SO, is heated in a vacuum, anhydrous 
perchloric acid at once distils over, not its hydrates as 
found by Roscoe and his predecessors, who had carried out 
the distillation of perchloric acid under atmospheric pres- 
sure. Michael and Conn’ also suggested the use of a 
vacuum in the distillation. 


Smith” suggested the use of oleum to remove water 
from the azeotrope and thus obtain the anhydrous acid. 
This resulted in a mixture of the latter with sulphuric acid, 
from which the perchloric acid was isolated by distilling it 
off in a vacuum. Zinov'ev?! proposed to carry out this 
unsafe operation in a continuous-flow apparatus consisting 
essentially of a slightly inclined externally heated tube. 
The mixture to be separated is fed into one end of the tube, 
and from the other end the spent sulphuric acid flows out 
into a receiver, while the perchloric acid vapour escapes 
through an outlet in the middle of the tube into another, well 
cooled receiver. The perchloric acid distils offin a vacuum, 


The distillation process is completely safe, since only a 
small quantity of the mixture undergoing separation is pre- 
sent in the hot zone of the apparatus, and also because it 
remains hot for only a few seconds, considerably less than 
the induction period for decomposition of the acid. 


The anhydride of perchloric acid was first obtained by 
Michael and Conn 2, 


3. FORMS OF PERCHLORIC ACID 


Perchloric acid is the only oxyacid of chlorine which can 
exist in the anhydrous state, although it is unstable in this 


270 


form. Even at room temperature, only a few hours after 
being prepared, it begins to decompose, at a rate which 
increases withtime. Being extremely hygroscopic, per- 
chloric acid vigorously adds on water to form several 
hydrates. The monohydrate HC1O,.H,O was discovered by 
Sérullas®, but its composition was established by Roscoe ¥, 
who obtained data indicating the existence of a dihydrate 
HC10,.2H,O as well. The chief properties of the dihydrate 
were studied by van Wijk?*»24, who also discovered and 
characterised the higher hydrates of perchloric acid. 


Fig. 1 shows the melting-point diagram constructed by 
van Wijk, and Fig. 2 the part corresponding to high water 
contents. The maxima in Fig.1, corresponding to 50.0 and 
33.3 mole% HC1O,, show the existence in the HC1O,-H,O 
system of a monohydrate and a dihydrate of perchloric acid, 
which are only slightly dissociated at their melting points 
(50° and -17.8° respectively, according to van Wijk). 


At the higher water contents the diagram is very com- 
plicated (Fig. 2). 


Steady crystallisation of the dihydrate (33.3 mole % 
HC1O,) at -17.8° is observed also with rather more dilute 
perchloric acid, but at an HC1O, content of ~ 29 mole% the 
character of the crystallisation depends on the degree and 
conditions of cooling of the acid. This is evident simply 
from the fact that the lower part of the right-hand curve 
representing crystallisation of the dihydrate (Fig. 2) con- 
tains three eutectic points, two of which lie in the meta- 
stable region, 


The hydrate HC10, .2.5H,O melts at -29.8°, whichis very 
close to the eutectic point of this hydrate with the dihydrate. 
The temperature at which a eutectic mixture of the two 
hydrates solidifies is almost the same (-29.8°). The 
hydrate HC10,.3H,O can existin two forms, the 8 form being 
metastable throughoutits range of existence, and the a form 
being stable only over a very narrow range of compositions, 
23.7-25.0 mole % HC1O,. Over the rest of the range the 
a form is metastable. 


The a-HC10, .3H,O is formed from the f form on cooling. 
The melting point of the a form of the trihydrate is -37°, 
and its eutectic with the dihydrate crystallises at -39.4°. 
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Fig.1. Melting-point diagram for the per- 
chloric acid—water system over the concentra- 
tion range 0-100% HCIO,.™4 


Vol. 32 No5 


CT t 
HCIO,, male % 3 Fi Pi] Hel 


Fig.2. Melting-point diagram of the per- 
chloric acid-water system over the concen-~ 
tration range 0~36 mole % HC10,.”4 


To the left of its maximum the curve for 8-HC10,.3H,O 
joins the dihydrate curve at the eutectic point having a 
crystallisation temperature of -46.5°, which is the final 
temperature of crystallisation of perchloric acid containing 
rather less than 29 mole% HC1O,. To the right of the 
extreme point of stable existence of the a form of the tri- 
hydrate its liquidus curve enters the region of mixed crys- 
tals I, in relation to which @-HC10,.3H,O is metastable. 


The hydrate HC1O, .3.5H,O crystallises poorly, only 
after prolonged cooling, and always from the vitreous 
state. For this reason, van Wijk did not analyse this 
hydrate. For the same reason its melting point was not 
determined exactly (about -41°). 


The liquidus curve of HC1O,.3.5H,O covers the range of 
compositions from 23.8 to 18.8 mole% HC10O,, where it 
intersects the liquidus of the mixed crystals II at -52.5°. 
The hydrate HC10,.3.5H,O forms a eutectic with 8-HC1O,. 
.3H,O crystallising at -44.3°. This and also the fact that 
the hydrate HC1O,.3.5H,O remains in a metastable state 
below the curve for the mixed crystals I throughout its 
range of existence do not inspire complete confidence in the 
existence of the hydrate HClO, .3.5H,O, as van Wijk himself 
pointed out”4, 


Van Wijk was unable to separate the mixed crystals I 
from the liquid phase, and so he was unable toanalyse them. 
The liquidus of this phase extends from 24.6 to 17.7 mole% 
HC10,, so that on the left-hand side this curve approaches 
from below the liquidus curve of the hydrate a-HC10,.3H,O. 


The mixed crystals II were also investigated very tenta- 
tively. Their liquidus extends from 17.7 to 11.6 mole% 
HC1O,. Kurnakov™ noted the existence of berthollide phases 
in these mixed crystals, 


When an acid containing less than 11.3 mole% HC10O, is 
cooled, crystals of ice separate. The crystallisation curve 
for water intersects that for the mixed crystals II at -58.0°. 


Thus according to van Wijk the hydrates of perchloric 
acid are characterised by the following melting points: 


Hclo, , H,O 50° (according to Smith * 49,905) 
HClO, . 2H,O —17,8° 

HCI0, . 2.5H,O —29.8° 

HCIO, , 3H,0: 

a form —37° 

B form —43.2° 

HCIO, . 3.5H,0, —41 4° 
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4, PROPERTIES OF PERCHLORIC ACID HYDRATES 


According to Berthelot?’, the heat of solution of anhy- 
drous perchloric acid is L}3) = 20.3 keal mole~!. This 
value is inexact, since Berthelot did not work with the com- 
pletely anhydrous acid. Krivtsov et al.2" determined the 
heats of solution of perchloric acid over the concentration 
range 21-100 mole% HC10,. They give a table anda 
graph showing the dependence of the heat of solution on the 
initial acid concentration (Fig. 3). 


The heats of solution LB, of the anhydrous acid, the 
monohydrate, and the dihydrate are?® 21.15 + 0.04, 7.81 4 
+ 0.04, and 5,43 + 0.04 kcal mole-! respectively. There- 
fore the enthalpy of hydration of anhydrous perchloric acid 
to the monohydrate is AH,, = -13.34 + 0.07 kcal mole™’, and 
that to the dihydrate is -15.72 + 0.07 kcal mole-!. 


The heat of fusion of the monohydrate of perchloric acid 
is*® 2.48 + 0.08 kcal mole~?. 


The density and the viscosity of perchloric acid up to 
10% concentration have been studied by many investigators, 
beginning with Roscoe and van Wijk*4, and including 
Reyher 2°, van Emster™, Brickwedde®!, Clark and Put- 
mann*, Garret and Woodruff**, Simon and Weist*, Simon 
and Richter *, and also Smith and Goehler 78. 


The density has been determined over the whole range 
of concentrations only by van Wijk24 (at 20° and 50°) and by 
Zinov'ev and Babaeva °° (at 20°, 55°, and 75°, Fig. 4). 


As can be seen from Fig.4, the density of perchloric 
acid increases on hydration, reaching a maximum with the 
monohydrate. Since this occurs in the liquid state, the 
high density of the monohydrate must be assumed to depend 
on peculiarities of its molecular structure. It must be 
noted in this connection that the volume of water in the 
monohydrate of perchloric acid, found as the difference in 
molar volume between the monohydrate and the anhydrous 
acid, is only ~ 7.5 compared with 12-15 cm’ mole™! in the 
hydrates of other acids and various salts. 


It must be borne in mind that no free water is present in 
concentrated perchloric acid. If the acid concentration 
exceeds 84.8%, the whole of the water is present as the 
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Fig.3. Heat of solution in the per- 
chloric acid—water system 7°, 
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Fig.4. Density isotherms (at 20°, 55°, and 75°) for the per- 
chlorie acid-water system *°, 
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Fig.5. Viscosity isotherms (at 20°, 55°, and 75°) for the 
perchloric acid-water system °°. 


monohydrate, and such a specimen consists of the anhy- 
drous acid and the monohydrate. When concentrated per- 
chloric acid is strongly cooled, the monohydrate which it 
contains separates as a solid phase. 


' The viscosity of perchloric acid has been determined 
over the whole concentration range only by van Wijk™, 
Simon and Weist**, and Zinov'ev and Babaeva**, The 
graphs (Fig.5) show that maximum viscosity occurs below 
the concentration than corresponding to the monohydrate. At 
50° maximum viscosity occurs * with the 80% acid, at 55° 
with the 79% acid **, and at 75° with 78% of perchloricacid®™. 
The shift in maximum viscosity can be explained by an in- 
creasing degree of disproportionation of the monohydrate 
with rise in temperature: 


2HCIO, - H,O 2 HCIO, + HCIO, - 2H,0. 


5. MOLECULAR STRUCTURE OF PERCHLORIC ACID 
HYDRATES 


The very considerable difference in properties between 
anhydrous perchloric acid and its monohydrate has led to 
a detailed study of their molecular structure. 


Volmer *" found that the X-ray diffraction pattern of 
crystals of the monohydrate was identical with that of am- 
monium perchlorate NH,C1O,. This led to the conclusion 
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that the monohydrate, like the perchlorate, has an ionic 
structure, i.e. that it is oxonium perchlorate H,OC10,. 
Crystals of oxonium perchlorate have an orthorhombic 
structure with lattice constants a = 9.065, 6 = 5.569, and 
c = 7.339 A. 


Fonteyne , Simon’, Redlich et al.4°, Simonand Weist%, 
Millen and Vaal*!, and Mullhaupt and Hornig * investigated 
the Raman spectra of perchloric acid and found all the prin- 
cipal frequencies both of the perchlorate ion and of the 
pseudo-acid form of perchloric acid. 


Richards and Smith* and at the same time, but inde- 
pendently, a Japanese group**~*6 employed proton magnetic 
resonance to study the structure of the monohydrate of per- 
chloric acid. Lee and Carpenter *’ used an X-ray method 
for the same purpose, and Bethell and Sheppard® applied 
infrared spectroscopy. 


The spectra of solutions containing less than 77% HC10, 
contain ™ lines at 460, 625, 928, and 1120 cm™!. These 
frequencies coincide with the same lines in the Raman 
spectra of solutions of the salts. Hence the above frequen- 
cies are due to the perchlorate ion ClO;, and at concentra- 
tions below 77% HC10, perchloric acid is entirely in the 
aci-form H[C10,]. 


When the acid concentration is raised above 85% (the 
monohydrate contains 84.8% of HC1O,), new lines appear in 
the spectrum, their intensity increasing with increase in 
the acid concentration. At the same time the C10; lines 
become less intense, Above a concentration of 99% the 
latter lines disappear, and only those of the pseudo-acid 
form of perchloric acid remain: 284, 424, 577, 740, 1001, 
and 1210 cm™}, and also a line at 3300 cm™?}, 


These results obtained by Simon and Weist were con- 
firmed by later work. Thus Millen and Vaal* published a 
table of frequencies due to ClO;, H,OC10,, and anhydrous 
HC1O,. The spectra were determined at -185°. The fre- 
quencies which they found differed little from those ob- 
tained earlier *4, 


Mullhaupt and Hornig® obtained data showing that the 
spectrum of perchloric acid monohydrate contains two bands, 
one at 1500-1690 cm™! and the other at 2400-3600 cm7!. 
These bands were assigned to the oxonium ion (H,O*). 


Taylor and Vidale* published more exact data, assign- 
ing to the oxonium ion the frequencies 1175 + 2, 1577 + 5, 
3100 + 50, and 3285 + 10 cm=! at 20°. Among those 
assigned by Simon and Weist* to the anhydrous acid was 
also 3300 cm-}, as mentioned above, It follows from 
Taylor and Vidale's work that this frequency is due to the 
oxonium ion, which must therefore be present in anhydrous 
perchloric acid. This was established too by Richards and 
Smith**, and also by the group of Japanese workers **~4, 
The oxonium ion was found to have a pyramidal structure, 
in which the O-H distances were 1,02 A and the H-H dis- 
tances 1.72 A. Below -123° the oxonium ion is fixed in the 
lattice, but above this temperature it acquires an additional 
degree of freedom, 


Lee and Carpenter *” confirmed that the ClO; ion present 
in oxonium perchlorate is almost exactly tetrahedral, with 
a mean Cl-O distance of 1.42 A. Each oxonium ion in the 
crystal lattice is surrounded by twelve oxygen atoms. 


Rosolovskii and Zinov'ev®* reported the occurrence of 
polymorphism in oxonium perchlorate, They established 
that the enantiotropic transition temperature is -24.9°. The 
high-temperature modification can exist in a supercooled 
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condition for a long time. The densities of the high-tem- 
perature and low-temperature modifications are d7> = 

= 2.095 and 2.040 respectively. Zinov'ev and Babaeva re- 
ported! that the H,OC1O0,-CH,COOH system contains the 
compound H,OC10,.2CH,COOH. Hence perchloric acid 
monohydrate (oxonium perchlorate) does not lose water of 
hydration in anhydrous acetic acid, and behaves as a 
chemical individual. 


The molecular structure of perchloric acid hydrates 
containing two and more molecules of water has been studied 
by Michelsen®?, The length of the Cl-O bond in the ClO; 
ion in the higher hydrates was determined from the X-ray, 
distribution curve, Its mean value was found to be 1.49 A, 
whence it follows that the distance between the oxygen 
atoms is 2.43 A. Hydrogen bond formation was found to 
occur between molecules in melts of the hydrates. 


Smith and Goehler *? put forward the view that the dihy- 
arate of perchloric acid is a monohydrate of oxonium per- 
chlorate: 


HCIO, . 2H,O ——+ H,OcIO, - H,O. 


They extended this view to the other, higher hydrates, 
Hence 


HCIO,. 2,5H,0 ——- H,0CIO, - 1,5H,0, 
HCIO, - 3H,O ——~» H,OCIO, - 2H,0, 
HCIO, - 3,5H,0 ——+ H,OCIO, - 2.5H,0- 


In their opinion, the difference between the a and 
8 forms of perchloric acid trihydrate is that one represents 
an ordinary trihydrate HC10,.3H,O, while the other form is 
the dihydrate of oxonium perchlorate H,OC1O,.2H,O. How- 
ever, these workers gave no adequate grounds in support 
of this view. 


6. VOLATILITY OF PERCHLORIC ACID 


Anhydrous perchloric acid is very volatile, but it is 
impossible to distil it at atmospheric pressure owing to 
decomposition. 


The distillation of both anhydrous perchloric acid and 
its hydrates was described in detail by van Wijk?4. He 
found that on prolonged distillation the boiling point of the 
acid passes through a maximum, regardless of the initial 
concentration. If acid containing less than 72.4% HC1Q, is 
distilled, the distillate consists initially of water until the 
concentration of the liquid undergoing distillation reaches 
72.4%. The vapour then has the same composition: 7.e. 
ultimately an azeotrope of perchloric acid and water is 
obtained. The same occurs, i.e. an azeotrope is formed, 
when highly concentrated perchloric acid, for example the 
100% acid, is distilled. In this case the vapour is a mix- 
ture of HC1O, + C},0,, the boiling point of the acid gradually 
rising, while its concentration gradually falls, tending to 
the composition of the azeotrope. 


Discussing his results on the distillation of perchloric 
acid, van Wijk concluded: “Concentrated perchloric acid 
must be regarded as a mixture of the anhydride of per- 
chloric acid and water”. 


Since water which appears in the presence of 100% per- 
chloric acid will pass into the monohydrate, the above 
conclusion of van Wijk must be restated: “Concentrated 
perchloric acid is a mixture containing the anhydride and 


May 19463 
TABLE. Published data on 
the boiling point 
of perchloric acid. 
Pressure Bap, OC References 
mm Hg 

44 49 5) 
45—20 14—17.3 30 
48 16 24 
56 39 18 


the monohydrate of perchloric acid”. In other words, con- 
centrated perchloric acid is an equilibrium system: 


JHCIO, 2 ClO; + H,OCIO,. (1) 


No systematic investigation has yet been made of the 
variation of the vapour pressure of perchloric acid with 
temperature. Isolated data available in the literature are 
given in the Table. 


Application of the Clausius—Clapeyron equation to these 
data enables an equation to be derived, relating the logar- 
ithm of the vapour pressure to the reciprocal of the abso- 
lute temperature: 


= 47.94. (2) 


Tog P (mm) = — 


Calculation based on this equation gives the boiling point 
of perchloric acid under atmospheric pressure as 109°, not 
130°, as was found by Hantzsch™, also by extrapolation. 
The value obtained for the heat of vaporisation is 
8.80 kcal mole-!, and for the Trouton constant 23.0. 


It must be emphasised that the data in the Table giveonly 
a very rough characterisation of perchloric acid. 


7. PERCHLORIC ACID AS AN ELECTROLYTE 


Perchloric acid acts solely as a monobasic acid both in 
the anhydrous state and in the form of its hydrates, thus 
differing substantially from, for example, iodic acid, whose 
hydrates are polybasic acids. 


On the basis of conductivity measurements on aqueous 
solutions of perchloric acid, Ostwald®* included it among 
the strongest electrolytes. This has been confirmed many 
times by other workers. However, it cannot be regarded 
as sufficient to assess the strength of an acid from the 
electrical conductivity of its aqueous solutions. Many 
attempts have therefore been made to employ solvents other 
than water and also other methods to assess strong acids 
as electrolytes, One of these methods is based on the 
measurement of special functions giving an estimate of 
acidic properties, for example the Hammett function H, °° 
or = similar function J, (otherwise symbolised as C, and 
AR). 


Lemaire and Lucas5’, Smith ef al.58, and Ludwig and 
Adams 5° have given values of the Hammett function for 
solutions of perchloric acid in acetic acid (anhydrous and 
containing up to 5% of water). It has been shown that in 
acetic acid perchloric acid behaves as a very strong elec- 
trolyte. The same conclusion was reached by Dahn et al.®°, 
who determined the function J, for solutions of perchloric 
acid ina mixed solvent (dioxane-—water). 
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Deno et al.*! determined the functions H, and Hr for 
aqueous solutions of perchloric and nitric acids over the 
concentration range 0-60%. Perchloric acid was found to 
be a stronger electrolyte than nitric acid. A similar result 
was obtained by Bonner and Lockhart®, : 


A common feature of all the measurements of H,, J, 
etc. has been the not very high concentration of the samples 
of perchloric acid examined. Thus Hammett and Deyrup** 
confined their investigations to acid containing 64% HC10,. 
Bonner and Lockhart ®? examined a higher concentration, 
71.3%. 


A comparative appraisal of perchloric and nitric acids 
as electrolytes was given by Redlich® on the basis of the 
Raman spectra and nuclear magnetic resonance. It was 
established that dissociation in the highly concentrated acid 
was due to the presence of water, according to the equation 


H20+HCIO.= H:0++ ClOs . 


Hood et al.®* showed that three species exist throughout 
the concentration range, including 100% perchloric acid, 
these being the pseudo-acid form [O,CIOH] and the ions 
H,O* and C1O;,_ This is the reason why perchloric acid 
conducts electricity at all concentrations. 


Redlich points out® that nitric acid behaves differently: 
the acid having the composition HNO,.H,O undergoes very 
little dissociation, and the more concentrated acid is prac- 
tically undissociated. He explains such behaviour by not 
only the anhydrous acid but even the monohydrate being in 
the pseudo-acid form [HNO,.H,O]. 


According to Simon and Weist's results *, 100% nitric 
acid exists in the pseudo-acid form [O,NOH] only in the 
liquid state. Simon and Weist found that the Raman spec- 
trum of the anhydrous acid in the solid state contains prac- 
tically no NO, lines, but does contain a strong NO, line 
(at ~ 1050 cm~), and also a characteristic NO, line at 
1400 cm7?. 


From nuclear magnetic resonance measurements, 
Redlich® obtained the following dissociation constants: 
HC1O, 38, HNO, 22, and CF,COOH 1.8. According to old 
data, the dissociation constant of nitric acid is 21. Itis 
evident from these results that perchloric acid is a stron- 
ger electrolyte than nitric acid. 


8. PERCHLORIC ACID IN THE FORMATION OF ACIDIUM 
SALTS 


A study of the optical properties of acids made by 
Schafer © showed that anhydrous nitric acid is similar to 
its esters but substantially different from its alkali-metal 
salts in optical properties, and that on dilution with water, 
nitric acid and its salts become identical in this respect. 


This discovery was developed by Hantzsch and his co- 
workers ®-%, who showed that this property is not specific 
to nitric acid, but that similar relations are observed with 
other acids, except those which cannot be studied optically. 


The results led Hantzsch to put forward a theory which 
postulates that acids exist in two forms, the so-called 
pseudo-acid form and the true or aci-form. 


Measurements showed that nitric, sulphuric, and per- 
chloric acids are able to conduct electricity even in the 
anhydrous state, i.e. in the pseudo-acid form. This indi- 
cates the presence of ions, and hence of salts, in anhydrous 
acids. 
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Hantzsch explained salt formation in terms of some of 
the molecules of the anhydrous acid reacting as proton- 
-acceptors, obtaining their protons from the remaining 
molecules of the same acid, which act as proton-donors. 
According to this view, these acids undergo self-protona- 
tion, for example in the case of nitric acid 


O—H.. 
2HNO, ——+ ON 


OH}* 
No —- | ong ] +NOx , 
\o...H- 


Nou 


and in the case of perchloric acid 
OH j+ 
2HCIO,—— | O,Cl ic 
6 [ aC oa + cloz. 


Hantzsch wrote the equation for perchloric acid by ana- 
logy, since this acid gives no absorption spectra in the 
ultraviolet, but does possess electrical conductivity. 


He suggested ®* the following equations for a mixture of 
nitric and perchloric acids: 


HNO, + HCIOz= HjNOs + ClOg, 
HNO, -+- 2HCIO,= H,NO?* + 2ClOz. 


In support of these equations Hantzsch and Berger ®* re- 
ported that the conductance of the substance obtained in the 
first equation corresponds to a binary electrolyte, while 
the substance obtained in the second equation has a conduce 
tance corresponding to a ternary electrolyte. Further- 
more, they found that, on electrolysis of these acidium 
salts, the nitric acid migrates to the cathode. 


A paper by Hughes ef al.7 on the kinetics and mechan- 
ism of the nitration of aromatic compounds gives data indi- 
cating that the nitrating mixture contains high concentra- 
tions of NO}. However, these workers postulate the exist- 
ence also of the ion H,NO; (mentioned by Hantzsch, but only 
as an intermediate stage), as follows from their equations 


HNOg + H,SO, = H,NOs + HSO;, 
H,NO; => NOt + HO. 


Thus Hughes ef al. consider that the ion H,NOj is un- 
stable, and in H,SO, medium readily passes into NO; by 
splitting off water. The same paper notes the possibility 
of the formation of H,NO{ even in the absence of sulphuric 
acid: 


HINO, + HNO, =. HeNO} + NOs, 
H,NOS = NOS + H,O, 
H,0 ++ HNO,=HNO, + H,0, 


t.e. the self-protonation of nitric acid, as indicated by 
Hantzsch, is admitted. 


In revising the results obtained by Hantzsch on acidium 
salts, Goddard et al.’ prepared various acidium salts con- 
taining the NO% cation: (NO$)(C10;), (NO$)(HS,O7), (NO$),. 
.(S,027), etc. 


The existence of the NO} cation in these salts was proved 
by numerous spectroscopic investigations by Goddard et 
al.™, Ingold et al.™»7, and Millen76-78, 


Gillespie made a series of investigations involving cryo- 
scopic measurements on systems in concentrated sulphuric 
acid. In one of six papers on this topic” he gave results 
for solutions of ammonium perchlorate (NH,C10,) and 
nitryl perchlorate (NO,C1O,) in sulphuric acid. 
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In contrast to the results discussed above and to be dis- 
cussed below, Gillespie found that sulphuric acid is con- 
siderably stronger than perchloric acid, which is stronger 
than pyrosulphuric acid, i.e. that the strengths of these 
acids are in the order 


HyS:01 < HCIO, < H,S0,. 


These views of Ingold, Goddard, and the other English 
workers differ from those of Hantzsch in assuming the 
existence, not of hydrated ions H,NO?, H,NO2*, etc., but of 
the ion NO} obtained from them by loss of water, in anhy- 
drous acid systems capable of forming acidium salts. A 
second difference is that acidium salt formation is accom- 
panied by the production of oxonium perchlorate, for exam- 
ple according to the equation 


HNO, -+ 2HCIO, = NO,CIO, -+ H,OCIO,, 


Hantzsch's equations do not provide for the formation of 
oxonium perchlorate, The presence of H,OC1O, in the re- 
action mixtures was demonstrated experimentally by 
Ingold and others by extracting the oxonium perchlorate 
with nitromethane, 


Simon and Weist™*, who made a thorough study of the 
Raman spectra of perchloric acid over the concentration 
range 41-100 wt.% HC1O,, found no frequencies which 
would indicate the existence of the ClO; ion in the 100% 
acid, whose spectrum showed only lines due to the pseudo- 
-acid form of perchloricacid. On this basis they rejected™ 
both Hantzsch's and Ingold's equations. According to 
Simon and Weist, the conductivity of anhydrous perchloric 
acid depends on the possible contamination of the acid with 
moisture during the experiments, the amount being so 
minute that the monohydrate HC1O,.H,O formed cannot be 
detected spectroscopically, although it gives rise to con- 
ductivity. However, these workers mentioned also another 
possible reason for conductivity, which is that perchloric 
acid decomposes very readily into Cl,O, and water, result- 
ing in the formation of oxonium perchlorate, which disso- 
ciates inthe acid. Asa result, Simon and Weist** regard 
Hantzsch's hypothesis of the self-protonation of perchloric 
acid as incorrect. 


Even in mixtures with various acids, perchloric acid 
forms acidium salts not as a proton-acceptor but solely as 
a proton-donor. This indicates that it is a stronger elec- 
trolyte than the other acids. A possible exception to this 
principle is pyrosulphuric acid, which gives the compound 
(C1O%)(HS,0;), obtained by the interaction of anhydrous per- 
chloric acid with sulphur trioxide®*, However, this single 
indication of the possibility of perchloric acid acting as a 
proton-acceptor has not yet been confirmed by anyone. 
Furthermore, it contradicts Gillespie's sequence 


H,S20; << HCIO,g << H,SO,. 


In the HNO,-H,SO, system Usanovich®! demonstrated 
the existence of the compounds HNO,.H,SO, and HNO, .2H,SO,. 
According to Ref,72, these compounds readily rearrange 
into acidium salts of pyrosulphuric acid, [NOt|[HS,O;] and 
(NO#), [S07]. 


Usanovich ef al.®? were unable, from a study of the con- 
ductivity of mixtures of HC10, + H,SO, in different propor- 
tions, to establish the existence of a compound. Per- 
chloric and sulphuric acids are obviously unable to form 
acidium salts. Nevertheless, the self-protonation of sul- 
phuric acid, for example according to the equation 


4H,SO, = H,SOf + HS,O7 + HySO, - H,0 
has been proved. 


In spite of Gillespie's sequence”, however, it may be 
supposed that the strengths of sulphuric and perchloric 
acids are of the same order of magnitude, while that of 
pyrosulphuric acid is probably somewhat higher. 


It is of interest to examine how perchloric acid behaves 
towards considerably weaker acids. 


Hantzsch and Langbein ® reported that they had obtained 
the compound CH,COOH.HC10O,, and Usanovich and Sumaro- 
kova ®? also found the compound 2CH,COOH.HC1O, to be 
formed in this system. 


In the H,PO,-HC1O, system Simon and Weist™ detected 
the existence at room temperature of a 1:1 crystalline 
compound melting at 41°. The Raman spectrum of the 
molten compound at 50° contains lines due to anhydrous 
phosphoric and perchloric acids and also to the perchlorate 
ion. These workers concluded from an analysis of the 
spectra that, of the two possible mechanisms for the pro- 
cess 


H,PO, + HCIO,=P (OH), ClO, (according to Hantzsch) 


and 


HPO, + 2HCIO,-= PO (OH) + H,O* 4- 2ClOg (according te Ingold), 


Hantzsch's scheme is the more probable. 


Usanovich and his collaborators investigated the systems 
HC10, -CH,C1COOH, ** HC10,-CHC1,COOH,® and HC10,- 
CC1,COOH,* They showed that CH,C1ICOOH and CHC1,COOH 
form equimolecular compounds with perchloric acid, and 
also compounds in which the molar ratio of perchloric acid 
to substituted acetic acidis 1:2. But CC1,COOH and H,SO, 
form no compounds with perchloric acid. 


These facts show that the electrical conductivity of an- 
hydrous perchloric acid depends, not on its self-protona- 
tion, but on the presence of ClO; ions formed spontaneously 
in the anhydrous acid and present as an integral part there- 
of. This is readily explained on the assumption that the 
composition of perchloric acid is represented by the equili- 
brium 


3HCIO, =. Cl,0, + H,OClO,. (1) 


As mentioned above, the behaviour of the acid on distil- 
lation leads to the same conclusion. 


The presence of Cl,O, in perchloric acid was proved by 
Missan and Sukhotin®’ from the polarisation curves. They 
found that the CLO, content in the acid increases as the 
concentration of the latter approaches 100%. 


9. CHLORINE HEPTOXIDE 


Preparation and Properties 


Chlorine heptoxide was first obtained by Michael and 
Conn??, who added perchloric acid slowly to phosphorus 
pentoxide cooled to -10°. After 24 h the resulting anhy- 
dride was distilled off under atmospheric pressure, and 
again distilled at 82°. 


Meyer and Kesler ®* obtained chlorine heptoxide by the 
interaction of 3 parts of potassium perchlorate and 5 parts 
of chlorosulphonic acid at 75°. After purification by re- 
peated vacuum distillation, a slightly coloured chlorine 
heptoxide of 98-99% purity was obtained in ~ 50% yield. 


275 


Vol. 32 No.5 


RUSSIAN CHEMICAL REVIEWS 


May 1963 


Goodeve and Powney ** gradually added phosphorus pen- 
toxide to perchloric acid which had been cooled to -78°. 
The mixture was allowed to reach room temperature, 
after which it was heated to 40°, and the resulting anhy- 
dride was distilled off under a vacuum, its vapour being 
led through phosphorus pentoxide and over active copper. 


Zinov'ev and Rosolovskii * added anhydrous perchloric 
acid, allowing it to run in a thin film over the walls of the 
reaction vessel, on to phosphorus pentoxide dispersed on 
glass wool and cooled to -78°. The temperature of the 
reaction mixture was then raised to -38°, subsequently 
rising to -34°, The process was carried out at a pressure 
of 1-2 mm Hg, and the resulting chlorine heptoxide was 
distilled into a receiver cooled to -78°. The product ob- 
tained in this way was quite colourless, i.e. free from 
lower oxides of chlorine, and it contained also no perchloric 
acid, oxygen, or other contaminant, Later these workers?! 
developed a method in which, instead of liquid perchloric 
acid, the vapour, formed from the liquid in a vacuum at 
room temperature, was fed to the phosphorus pentoxide. 


Rosolovskii et al.°? have also worked out an original 
method for obtaining chlorine heptoxide based on the reac- 
tion of oleum (for example 60%) with 70-75% perchloric 
acid. If the proportions of the reactants are chosen cor- 
rectly, the oleum not only combines with the water of 
hydration but also removes the constitutional water from 
the perchloric acid. The resulting anhydride, being prac- 
tically insoluble in sulphuric acid, separates as an upper 
layer on standing. It can be decanted from the sulphuric 
acid, and distilled. 


These workers remark that all experiments with chlor- 
ine heptoxide require special care owing to its tendency to 
explode with great violence, the reason being unknown. In 
particular, the use of separating funnels with ground taps 
is excluded. 


Chlorine heptoxide is a very mobile, heavy, colourless 
liquid which is immiscible with water. Therefore its inter- 
action with water is slow. In spite of this, chlorine hept- 
oxide fumes in air as a result of its reaction with moisture 
present in the latter, the monohydrate of perchloric acid 
being formed. 


According to Goodeve and Marsh®’, the heat of solution 
of chlorine heptoxide in water is 50.0 + 0.5 kcal mole-! 
(sufficient water to produce a 0.01 N HC1O, solution). 
According to Rosolovskii et al, thevalue at a final dilution 
of 1 mole of Cl,O, in 1758 moles of H,O is 50.4 + 0.3 kcal x 
x mole7!, According to the same data, the heat of the 
reaction Cl,O, + H,O = 2HCIO, is 8.1 kcal mole“. 


Goodeve and Powney ® reported the melting point and the 
boiling point of chlorine heptoxide as -91.5° and 80° respec- 
tively. They measured the vapour pressure at tempera- 
tures between -2.9°and30.0°. From the results the follow- 
ing equation was deduced: 


log P(mm) = — SF + 8.03. 


The heat of vaporisation of the anhydride calculated 
from Goodeve and Powney's data is 8.29 kcal mole~? and 
the Trouton constant 23.4. According to Michael and Conn, 
the boiling point of the anhydride is 82°. The vapour pres- 
sure at 0° calculated from the above equation is 23.7 mm Hg, 
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which considerably exceeds the vapour pressure of per- 
chloric acid at 0° (7.4 mm Hg, calculated from the equation 
given earlier for the acid: 


_ 123 
log P(mm) = 7 + 791). 


The enthalpy of formation of chlorine heptoxide is, 
according to Goodeve and Marsh®, AH,,. = -63.4 + 3 kcal x 
X mole~!, while that of perchloric acid is AH = 8.62 kcal x 
x mole~! from the data of Vorob'ev et al. ™ 


According to Zinov'ev and Rosolovskii™, the melting 
point of chlorine heptoxide is -90 + 2°, and the compound 
exists in two polymorphic modifications of enantiotropic 
type with a transition point at -100 + 2°. They established ™ 
that above -23° chlorine heptoxide and carbon tetrachloride 
are miscible in all proportions. 


The literature} contains only one mention of the density 
of chlorine heptoxide, a paper by Goodeve and Richardson ® 
quoting the value d2 = 1.86 found by Marsh. 


The density of chlorine heptoxide according to Rosolov- 
skii et al.®’ is shown in the following table: 


Temperature, 


°C 


20 


10 


“0 | 10 | —20 | —% | —40 | —50 


a [+9 | aa | 4,855 | 4,878 | 4,900 | 4,922 | 1.945 | 1.967 


From these data the following equation was derived for 
the variation of density with temperature expressed in °K: 


dl = 2.4632 — 0.0022243 T. 


The viscosity of chlorine heptoxide was first determined 
by Zinov‘'ev and Rosolovskii ®, who obtained the following 
data: 


Temperature, 20 | 10 | 0 | —10 —20 | —30 
Viscosity, 
cP 0.698 0.776 | 0.867 0,975 4.087 4.200 


These data show that the viscosity of chlorine heptoxide is 
rather lower than that of anhydrous perchloric acid. Actu- 
ally, the values at 20° are 0.698 and 0.859 cP ** respec- 
tively. 


10. MOLECULAR STRUCTURE OF PERCHLORIC ACID 
AND OF CHLORINE HEPTOXIDE 


Simon*® concluded from a study of the Raman spectrum 
that 100% perchloric acid in the liquid state contains only 
monomeric molecules, which are in the pseudo-acid form 
[O,ClOH]. According to him, the ClO, group forms a tri- 
gonal pyramid, and the hydroxy-group is located on the 
extension of its height. This model belongs to the sym- 
metry group C,,,. 


Akishin et al.° used diffraction of fast electrons to 
study the molecular structure of the acid. They found that 
perchloric acid vapour consists of monomeric molecules, 
having the structure of a trigonal pyramid with the chlorine 
atom at its apex and the oxygen atoms at the corners of the 
triangular base. The OH group lies on the continuation of 
the height of the pyramid. 


1 Presumably “literature prior to 1960” is intended. (Ed. of 
Translation). 
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Fig.6. Modelof chlorine heptoxide molecule, 


The chief parameters of the molecule are: 


Cl=O 14240014 
ClL-O 1,644 0.024 
O—Cl—O 100° 42° . 


The position of the hydrogen was not determined. 


From a study of the Raman spectrum of a solution of 
chlorine heptoxide in carbon tetrachloride, Fonteyne con- 
cluded that the structure of the anhydride consists of two 
trigonal pyramids (C10, atomic groupings) linked by an 
oxygen atom, The ClO, groups have symmetry C,. 


Akishin et al. used diffraction of fast electrons to study 
the structure of chlorine heptoxide, and suggested the 
model illustrated in Fig.6. In sucha structure any oxygen 
atom of one ClO, group is situated between two oxygen 
atoms of another ClO, group, giving a minimum repulsion 
potential between unlinked oxygen atoms. The chief geo- 
metrical parameters of the molecule are as follows. 


Distances: (Ci=O) 1.42+0.01 A, (CI—O’) 1.725+0.03 A, ZCIO’CI= 
=115°+5°, £0ClO’=97°+3°, 


where QO’ represents the oxygen atom linking the two tri- 
gonal pyramids. The length of the Cl,O, molecular dipole 
is 0.15 A, while the dipole moment is p = 0.72 + 0.02 D. 


The principal parameters of the HC1O, and C1,0, mole- 
cules, namely the Cl=O distance and the OCI1O’ angle, are 
identical. However, the difference between the Cl—O dis~ 
tances in perchloric acid (1.64 A) and in the anhydride 
(1.73 A) considerably exceeds the experimental error in 
their determination, 


Unlinked oxygen atoms in the Cl,O, molecules are 
~2.50 A apart, which is less than the sum of the intermole- 
cular radii (~ 2.80 A), and this prevents free rotation of 
the ClO, group. 


11, MELTING-POINT DIAGRAM OF THE C1,0,-H,O 
SYSTEM 


The complete melting-point diagram of perchloric acid 
over the concentration range 0-100% HC10, given by van 
Wijk 4 shows no line for the crystallisation of perchloric 
acid (Fig.1). Consequently he observed neither a maxi- 
mum which would correspond to HC1O, nor a eutectic of 
the latter with the monohydrate HC1O,.H,O, although he 
assumed that they did exist, but that the curve representing 
the crystallisation of perchloric acid was so short that the 
analytical methods available could not provide data from 
which it could be plotted, This point was checked experi- 
mentally by Zinov'ev and Rosolovskii®!, who studied fusibil- 
ity in the Cl,O,-H,O system both thermographically and by 
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visual observations over a range of temperatures (the 
visual polythermal method), their results being given in 
the form of a table and a diagram (Fig.7). The points re- 
presented by circles were plotted from these results®', 
while the triangles represent van Wijk's data”4, The 
essential difference between the two set of results is that 
the lower portion of the crystallisation curve for the mono- 
hydrate, drawn by van Wijk on the basis of only two points, 
terminates in the point corresponding to -112° and precisely 
100% HC10,, 7.2.50 mole %C1,0,. The lower portion of 
the curve representing crystallistion of the monohydrate of 
perchloric acid, plotted from seven experimental points, 
intersects the eutectic line at -100 + 2° and 53 mole% C1,0, 
(i.e. a mixture of HC1O, + C1,0,). 


But the diagram plotted from the later work*! also shows 
no line for the crystallisation of anhydrous perchloric acid. 
One component of the eutectic (point A on Fig.7) is the 
monohydrate of perchloric acid, while the nature of the 
other component was not entirely clear, since, when the 
content of the anhydride was increased from 53 to about 
72 mole%, a drop in temperature resulted not in the sepa- 
ration of crystals but a breakdown in the homogeneity of 
the solutions, shown visually by the appearance of turbidity. 
This is entirely to be expected, since the monohydrate of 
the acid is an ionic substance, while the anhydride is a sub- 
stance of low polarity (length of dipole ~0.15 A); since 
homogeneity broke down above the melting point of the an- 
hydride: the latter separates from the system as a liquid. 


When the anhydride content of the mixture was increased, 
turbidity was found to appear at higher temperatures. This 
indicates a progressive diminution in the stability of the 
system with increase in concentration. But mixtures con- 
taining more than 72 mole% Cl,O, deposited crystals on 
being cooled. Since the anhydride melts at -90°, the hori- 
zontal line on Fig.7 at -90° + 2° was regarded as corre- 
sponding to the crystallisation of chlorine heptoxide. 
Therefore, since separation into layers first occurs, and 
is followed by crystallisation of the anhydride, it was con- 
cluded that it is the anhydride which is the second com- 
ponent of the eutectic. Since, nevertheless, no points 


ak ee | ai 
mM 90 8 70 8 @ 0 
Cl,0,, mole % 


Fig.7. Melting-point diagram for the 
chlorine heptoxide-water system "!, 
A — van Wijk's data. 
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were obtained representing crystallisation over the range 
53-72 mole%, this part of the diagram (Fig.7) was shown 
as a broken line. 


The horizontal straight line at -100 + 2°, to the right and 
to the left of the point corresponding to 53 mole%C1,0,, is 
a eutectic line, It was found that the polymorphic transi- 
tion of chlorine heptoxide fortuitously also takes place at 
-100 + 2°, © and the eutectic line and the polymorphic tran- 
sition line have coalesced into one in Fig. 7. 


Therefore the melting-point diagram constructed from 
the data in Ref.91 also did not reveal the existence of 
HC1O, in the Cl,0,-H,O system. The branch representing 
crystallisation of the monohydrate intersected the ordinate 
corresponding to 100% perchloric acid, and entered the 
region of compositions in which the anhydride content is 
53 mole%. When acids containing somewhat less than 
50 mole% CLO, are cooled, it is not the anhydrous per - 
chloric acid but its monohydrate which crystallises. 


These peculiarities of perchloric acid were explained® 
by assuming that the very concentrated acid is not a chemi- 
cal individual but represents a mixture characterised by 
the equilibrium 3HC10, = C1,0, + H,OCIO, [Eqn. (1)], which 
is shifted far to the right, #.e. towards oxonium perchlorate 
at very low temperatures. 


12, DENSITY OF Cl,0,-HC1O, SYSTEMS 


In order to check the soundness of equilibrium (1), 
Rosolovskii et al.®’ studied the dependence of several 
physical properties on composition, in particular the den- 
sities of CLO, + HClO, mixtures, at various temperatures. 
The density was determined for mixtures over the compo- 
sition range 100-43 mole% CLO, at temperatures between 
20° and -50°. These were the first data on the density of 
such mixtures, As mentioned above, there had been only 
one previous indication of the density of pure chlorine hept- 
oxide (Marsh, private communication®): d? = 1.86. 


175 
a 4 CLO, mole % 
HELD, 


Fig.8. Density in the chlorine heptoxide— 
anhydrous perchloric acid system®", Iso- 
therms at: 

1) 20°; 2) 10°; 
6) -30°; 7) -40°; 


3) 0°; 4) -10°; 
8) -50°. 


5) -20°; 
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The densities of CLO, + HClO, mixtures are presented 
in the paper 7 as a table and a series of isotherms (Fig. 8). 
The isotherms show that the density of the mixtures in- 
creases almost linearly from HC1O, to CLO,, There are 
no singular points on the density isotherms between 
50 mole% and 100% CLO,. There are practically no devia- 
tions from additivity. This all points to the absence of 
interaction between the components, As the concentration 
decreases from HC1O,, i.e. towards oxonium perchlorate, 
the density increases rapidly, The maximum density in 
the CLO,—H,O system occurs at HC1O,.H,O. The composi- 
tion HC1O, corresponds to a sharp minimum on the 20° and 
10° isotherms, As the temperature falls, the character of 
the minimum changes, and the singularity, which is clearly 
marked at higher temperatures, disappears. 


It was concluded that these facts also support equili- 
brium (1), which as the temperature falls is displaced to 
the right, z.e. in the direction of the anhydride and the 
monohydrate of perchloricacid. Since both these compounds 
are denser than anhydrous perchloric acid, an increase in 
the content of Cl,O, and HC1O,.H,O should be accompanied 
by an increase in density, which is actually the case. 


The shift in equilibrium and consequent change in com- 
position with decrease in temperature also explains the 
diminished sharpness of the minima on the density iso- 
therms in Fig.8. 


13. VISCOSITY OF Cl,0,-HC1O, SYSTEMS 


No information was available in the literature on the 
viscosity of chlorine heptoxide or of anhydrous perchloric 
acid below 0° before the work of Zinov'ev and Rosolovskii™. 
Viscosity measurements have been made™ on C1,0, + HC1O, 
mixtures covering the range 100-42.8 mole% C1,O, at tem- 
peratures between 20° and -30°. Results are presented as 
a table and the six isotherms reproduced in Fig.9. Each 
isotherm consists of two parts. With diminishing C10, 
content the left-hand portions of the isotherms rise slightly 
to ~ 54-52 mole% Cl,0,, after which the isotherms (the . 
right-hand portions) begin to rise very steeply, breaking 
off at the boundary with the heterogeneous region (solid 
monohydrate of perchloric acid). 


viscosity, ¢P 


Fig.9. Viscosity in the chlorine heptoxide— 
anhydrous perchloric acid system 38 Iso- 
therms at: 

1) 20°; 2) 10°; 3) 0°; 4) -10°; 5) -20°; 

6) -30°, 
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viscosity, cP 


20 1 0 


~10 ~20 ~30°C 


Fig.10. Temperature variation of viscosity 98. 
1) chlorine heptoxide; 2) perchloric acid. 


The maximum viscosity, like the maximum density, 
occurs at a composition close to the monohydrate. As the 
temperature falls, the shape of the isotherm changes slightly, 
and over the range 55-100 mole% CLO, the shape of the 
isotherms indicates the absence of interaction between 
C1,0, and HC1O,, 


The inflection in the viscosity isotherms (Fig.9) corre- 
sponding to formation of the compound HClO, is displaced 
somewhat towards the anhydride, especially at low tem- 
peratures, This shape of the isotherm supports equili- 
brium (1). Actually, since the viscosity of the monohydrate 
of perchloric acid is substantially grater than the viscosity 
of either the anhydrous acid or its anhydride, an increasing 
content of the monohydrate should result in an increase in 
viscosity. This is actually thecase. Therise begins sooner 
in the viscosity isotherms (Fig.9) the lower the tempera- 
ture. This in turn indicates a shift in equilibrium (1) 
towards the monohydrate as the temperature is lowered. 


Fig. 10 shows viscosity polytherms® for chlorine hept- 
oxide and perchloric acid. They indicate that the increase 
in viscosity with fall in temperature is considerably greater 
with the acid than with the anhydride. This also points to 
a shift in equilibrium (1), with fall in temperature, towards 
oxonium perchlorate, increase in the concentration of which 
entails an increase in viscosity. 


14, INTEGRAL HEATS OF SOLUTION IN THE C1,0,-HC1O, 
SYSTEM 


Integral heats of solution in the HC10,—H,O system have 
been indicated above?’»?8. Apart from this work, a paper 
published by Goodeve and Marsh®$ on the determination of 
the heat of solution of chlorine heptoxide gave a value of 
50.0 + 0.5 kcal mole=}. 


Rosolovskii et al.® have made a systematic investigation 
of the heats of solution of mixtures of perchloric acid and 
its anhydride. It was found that the acid passes into solu- 
tion very rapidly (within 1-2 min), while the remaining 
anhydride dissolves with characteristic slowness, ata rate 
determined by the volume of the drops of anhydride, 7.e. 
by the intensity of stirring. The results are tabulated in 
the paper * and are shown graphically in Fig.11. 


L, kcal 


30 


20 
wo 6 = 6480 28 

C1,0;, mole % HCL, 

Fig.11. Heats of solution in the chlorine 

heptoxide—anhydrous perchloric acid sys- 

tem 


The additivity of the heats of solution suggests that 
C1,0, and HC1O, do not interact, but give what may be re- 
garded as true solutions. Absence of interaction is indi- 
cated also by the independent dissolution of the components 
of mixtures and the density and melting-point results for 
the CLO,-HC10, system. The heat of reaction was found 
to be 


C1,0, + HyO=2HCIOW+ 8.1 keal. 


The thermochemical data were also used to find the 
heat of the reaction 


3HCIO,=C1,0,-+HC1O,-H,0-+2.8 kcal, 


The positive heat of reaction in this case confirms the 
assumption that lowering the temperature shifts the equili- 
brium towards chlorine heptoxide and the monohydrate of 
perchloric acid. The content of HClO, in this mixture at 
about -100° is obviously so low that HC10, does not crystal- 
lise. For this reason the melting-point diagram does not 
contain a line representing crystallisation of the acid, as 
was stated above. 


15. THERMAL STABILITY OF PERCHLORIC ACID 


Anhydrous perchloric acid is unstable. A few hours 
after its preparation it already shows clear signs of decom- 
position, first becoming yellowish (owing to the lower oxides 
of chlorine which are formed), the colour then deepening, 
becoming darker, and finally almost black, and the acid 
becomes opaque. In this condition perchloric acid may 
explode. 


At slightly elevated temperatures (not above 100°) per- 
chloric acid passes through these stages considerably more 
rapidly, in periods measured in minutes, and at about 100° 
even in seconds. At all temperatures (up to 95°-99°), 
however, there is an interval during which decomposition 
of the perchloric acid has not yet occurred: i.e. the de- 
composition is preceded by an induction period, The kine- 
tic curves for the decomposition are S-shaped, the iso- 
therms for the rate of decomposition passing through a 
maximum. This and also the possibility of delaying the 
decomposition for some time by means of inhibitors give 
grounds for supposing that the thermal decomposition of 
perchloric acid takes place by a chain mechanism. If 
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decomposition occurs at a temperature not exceeding 100°, 
the residue contains the monohydrate, present in the theo- 
retical quantity based on Eqn. (1). 


Zinov'ev and Babaeva?°! cite data showing that the de- 
composition of perchloric acid begins with the formation 
and subsequent decomposition of chlorine heptoxide. The 
following stages in the decomposition may be noted, 


1. Vigorous evolution of a small amount of oxygen 
(10-15 cm? g-! of acid) within a short period of time (1-2 min). 
The yield of oxygen varies from one specimen to another, 
It is obviously oxygen dissolved in the acid which is being 
evolved. 


2. A second stage during which only slight changes are 
taking place in the acid, the initially colourless acid be- 
coming coloured, accompanied by slight oxygen evolution 
(at a constant rate, since the isotherm is linear). The 
volume of oxygen evolved during this stage does not exceed 
10-12% of the total quantity of oxygen obtained from a given 
weight of the acid. , 


3. The following stage of decomposition is characterised 
by the high rate and considerable complexity of the reac~- 
tions which develop. The rate of decomposition of the acid 
at this stage increases rapidly with time, tending toa 
maximum. 


4. The stage of decomposition after the maximum rate 
has been passed, tending to die away. 


In the presence of inhibitors the duration of the second 
stage increases several hundred times, and the portions of 
the isotherms corresponding to this stage become more 
distinct and completely linear. This implies that the reac- 
tion is of zero order during this stage, while the activation 
energy is ~33 kcal mole~!, ©! which coincides with the activa- 
tion energy found by Figini ef al.'°? (E = 324 1.5 keal x 
xX mole-!) for the decomposition of chlorine heptoxide. 
Since this agreement is hardly fortuitous, and also as un- 
combined C1,O, is always present in perchloric acid, 
Zinov'ev and Babaeva concluded that the decomposition of 
perchloric acid begins with that of C1,0, formed from the 
acid. 


The decomposition of chlorine heptoxide is assumed 1? 
to involve the intermediate formation of free radicals: 
C1,0, = C10, + C10,, followed by very complicated and not 
yet elucidated reactions in which they take part. The fol- 
lowing end-products of the decomposition of perchloric acid 
can be regarded as firmly established provided that the 
temperature does not exceed 100°: perchloric acid mono- 
hydrate HC1O,.H,O, chlorine dioxide C10,, and elemental 
chlorine Cl,. A probable decomposition product is C1,0,. 


The water formed in the reaction combines completely 
with still undecomposed perchloric acid, which is the 
reason for the formation of the monohydrate. 


Above 110°, according to Roscoe }?, the monohydrate 
begins to decompose too. This has been confirmed by 
Zinov'ev and Tsentsiper 1°, 


. ---000--- 


The above account of perchloric acid indicates that it 
differs substantially from other inorganic acids. The most 
remarkable fact is that perchloric acid is not chemically 
unique, but exists under all conditions as a component of a 
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mixture of HC1O, + Cl1,0, + H,OC1O,. The composition of 
this mixture varies considerably with change in conditions, 
especially temperature, and at very low temperatures, in 
particular, Cl,0, and H,OC1O, predominate to a very great 
extent over HC1O,. 


Another peculiarity of perchloric acid is that, of all the 
forms in which it exists, only the monohydrate, better des- 
cribed as oxonium perchlorate H,OC1O,, satisfies the re- 
quirements of an individual chemical species. In the Cl,0,— 
H,O system such requirements are met also by chlorine 
heptoxide. 


The very different volatility of the various forms of per- 
chloric acid is of considerable interest. Anhydrous per- 
chloric acid is extremely volatile, but at atmospheric pres- 
sure it cannot be distilled without decomposition. Its dis- 
tillation is readily achieved only at reduced pressure. The 
monohydrate of perchloric acid does not distil without de- 
composition either at atmospheric pressure or in a vacuum, 
but an azeotrope, whose composition is close to a dihydrate 
of the acid, can be distilled almost without decomposition 
even at atmospheric pressure (evaporation of the azeotrope 
from a dish takes place without any signs of decomposition, 
while distillation from a flask fitted with a condenser is 
accompanied by slight decomposition). 


A substantial increase in density must be noted on pass- 
ing from the anhydrous acid to its monohydrate, and the 
viscosity of the latter is several times greater than that of 
the anhydrous acid. 


It is remarkable that the viscosity of the anhydrous acid 
is less than that of water under the same conditions. 


Perchloric acid is among those acids which contain so- 
-called available oxygen. It has a higher content of the 
latter (63.7%) than have other acids (nitric, chloric, etc.), 
but its oxidising power is very greatly dependent on its 
water content. Thus the ClO; ion exhibits no oxidising 
properties in aqueous solution. Above 100°, however, free 
perchloric acid, in the form of the azeotrope, readily oxi- 
dises many metals, ores, and especially organic com- 
pounds. On passing from the dihydrate to the monohydrate, 
the oxidising activity of the perchloric acid increases con- 
siderably, the monohydrate readily oxidising various re- 
ducing agents even below 100°. 


The oxidising activity of perchloric acid increases very 
sharply when its composition approaches 100% HC1O,. Such 
an acid instantly sets fire to all oxidisable organic com-. 
pounds, and oxidises almost all metals in the most vigorous 
fashion (with the exception of noble metals and those which 
can be passivated by oxidation), the heats of reaction usually 
being sufficient for the instantaneous decomposition of the 
acid, accompanied by a powerful explosion. 


Colourless perchloric acid, i.e. an acid containing no 
lower oxides of chlorine, does not explode out of contact 
with reductants, and is therefore safe when handled care- 
fully. : 


In spite of the great amount of work done on perchloric 
acid, its properties have not yet been adequately deter- 
mined. This applies primarily to the dependence of vapour 
pressure on temperature, and then to the way in which the 
stability of the acid varies with temperature and other con- 
ditions. In this connection the problem of the stabilisation 
of perchloric acid still remains unsolved, its instability 
being a serious obstacle not only to its wide industrial use 
but also to its employment in laboratory experiments. 
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In spite of the work of many investigators, the nature 
of perchloric acid requires further study. 


In particular, 


it must be made clear why perchloric acid behaves as a 
mixture and how the properties of this mixture vary with 
the external conditions, especially with temperature. 


Much work has been done on perchloric acid salts (per- 


chlorates), but the diverse properties of these salts and 


mixtures thereof have been altogether insufficiently studied; 


it is even true that not all possible perchlorates have been 
prepared, which applies especially to those of the rare 
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Journal articles relating to Lead Dioxide and ClOx 
Origin and Name Size 


JES Vol.104, No. 7 (July 1957) page 448 pdf file 
Electrolytic Production of Bromates. here 384K 
JES 104, (1957) page 494 6K 
Investigation on the Structure of the Color Compound in Caustic here. 

JES Vol.105, No. 2 (Feb. 1958) page 100. 17K 
Lead Dioxide Anode for Commercial Use. here 

JES Vol. 105, No. 3 (March 1958) page 151. 5 pages 
Electrolythic Production of Sodium Perchlorate Using Lead Dioxide Anodes. here HTML 
JAE 22 (1992) 200-203. 337K 
Lead Dioxide on Ebonex (Ti407) for Ozone generation here pdf 
JES 105 No. 11, (1958) page 624 anaes 
Textures of Electrodeposited Lead Dioxide pag 
JES Vol.108, No. 8 (August 1961) page 798. pdf 
Lead Dioxide Anode in the Preparation of Perchlorates. here 1.4M 
JES Vol.116, No. 1 (Jan 1969) page 114. zip of .DJVU 
High current density Chlorate cell using Platinized anodes here 131K 


JES Vol.116, No. 1 (Jan 1969) page 146. On the Mechanism of Anodic Chlorate Oxidation + 


JAE 17 (1987) 33-48 Formation of Perchlorate on LD Anode + ieee 
JES Vol. 103, No. 3 (March 1956) page 166. Studies on the Mechanism of the Electrolytic oe 

‘ 4 .djvu files 
Formation of Perchlorate + 786K 


info. from "The Electochemical Industry" here 


JES Vol.116, No. 2 (Feb. 1969) page 203. 

Electrolytic production of Perchlorate by Lead Dioxide Anode. 

Artical comparing Lead Dioxide and Pt. It also discussed and shows the effects of working 
parameters on the process. 


JES 116, (1969) page 1076 ccc 
Electrical Properties of Electrodeposited Lead Dioxide Films. pag 


JES 121, (1974) page 70 

Mutual Effect of Current Density, pH, Temperature, and zip of pdf 
Hydrodynamic Factors on Current Efficiency in Chlorate Cell Process 980K 

+ page 1606 for discussion. A good, but advanced, read on interrelation of cell parameters, here. 


Thesis on modern Chlorate cells using DSA/MMO here. as 
JES Vol.123, No. 9 (Sept 1976) OK 
Preparation and Application of Graphite Substrate Lead Dioxide (GSLD) Anode. here 


JES Vol.126, No. 9 (Sept 1979) Electrochemical Behaviour of the Oxide Coated Metal Anodes html 
(DSA Anode, good artical on actually making Oxide Coated, Ti substrate DSA Anodes) here 


JES Vol. 140, No. 10 (Oct 1993) page 2764. oe 
The structural changes of PbO2 anodes during ozone evolution. pag 
JAE 1, 207 (1971) 


Upuda et al. Large scale production of Perchlorates directly from Chloride 6 pages 
This article is available in the Sodium Perchlorate section. 


JAE 17 (1987) page 22. aaeee 
Insoluble anodes of porous Lead Dioxide for electrosynthesis: prepatation and characterization. pag 
a —[€—“a—“ao.450 OS SS So OeeSeeeeeeEFsFsFshhhhhU 


JAE 18 (1988) page 314. 
Insoluble anode of Alpha Lead Dioxide coated on Ti for electrosynthesis of Sodium Perchlorate 


Bulletin of the Chemical Society of Japan Vol. 23, No. 4, 115 (1950) 
Massive + GSLD Anode made with spinnning, here. 


76k pdf 
26k pdf 
32k pdf 


Ammonium Perchlorate pilot plant, 2007 here. df 530k 
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A Legendre,"Herstellung von Perchloraten durch Elektrolyse" 


Chemie-Ing.-Techn. 34, 1962, number 5, page 379. 430K 


Artical comparing Lead Dioxide Anodes and Pt Anodes for making Sodium Perchlorate 
Available here in pdf format. 


An article of unknown origin about Lead Dioxide Anode production, Article here 


A document written by Swede on Lead Dioxide Anode production using MMO substrate, here 


1K 


html 
11k 


PDF 544K 


PDF 1.960Mb 


Article from Encyclopaedia of Electrochemistry Lead dioxide anode 


HE SYSTEM LITHIUM CHLORATE — LITHIUM CHLORIDE — WATER here 


Perchloric acid. Russian Chem. Reviews Vol. 32 No. 5 (1963) 
See Perchloric acid section 
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THE PREPARATION OF PERCHLORIC ACID, by H. H. WILLARD here PDF 0.432Mb 


JES = Journal of the Electrochemical Society. 
JEC = Journal of Electroanalythetical. Chem. 
JAE = Journal of Applied Electrochemistry. 


US PATENT'S 


Number, Date and Title 


US 985,724 

Ammonium Perchlorate from Sodium Perchlorate 
US 1,327,985 

Ammonium Perchlorate sensitization with Chlorate 


US 1,453,984 
Ammonium Perchlorate from Sodium Perchlorate Available Here 


US 2,392,769 Destroying chlorate using SO2 


Available Here 


US 2,392,861 

Perchloric acid manufacture from NaClO4 and HCl 

US 2,733,982 

Perchlorate from Chlorate by heating 

US 2,739,873 

Making Ammonium Perchorate and controlling cyrsyal sizes 


US 2,813,825 
Method of Making Sodium Perchlorate using Persulphate additive 
Available Here 


2,846,378 (19??) 
2,945,791 (1960) 


Inert Lead Dioxide and process of production (GSLD) 
This is a major patent used my industry to make large GSLD anodes for tonnage quantities of Perchlorate. 


3,020,124 (1962) 

Lithium Perchlorate production. 

3,318,794 

Hollow lead dioxide anode made from Powered lead dioxide and polymer and glued together 


3,493,478 (1970) 
Electrolythic preparation of perchlorates. 
No separation of chlorate, using F. here 


3,632,498 (1972) 

Beer Patent. Various DSA Anodes. 

3,634,216 (1972) 

Electrodeposition of lead dioxide. 

3,855,084 

Method of producing a coated anode. 

3,880,728 (1975) 

Manufacture of lead dioxide/Titanium composite electrodes 


3,887,398 (1975) 

Prevention of deterioration of lead dioxide 
3,940,323 (1976) 

Anode for electrolythic processes (DSA). 


4,008,144 (1977) 
Ceramic substrate lead dioxide anode. 
Available here 


4,026,786 (1977) 
Preparation of lead dioxide anode. 
Glass beads, low pH. 


4,038,170 
Adding Bismuth to lead dioxide. 


4,040,939 (1977) 
Lead dioxide electrode 
Uses Ti + tin oxides 


4,051,000 
Manganese dioxide over lead dioxide. 


4,064,035 (1977) 
Lead dioxide electrode 
Two layered electrode using alpha and beta PbO2. 


4,082,625 


Electrodeposition of Ruthenium. 


4,101,390 (1978) 
Lead dioxide anode from an electrolyte which contains dissolved Bismuth 


4,159,231 (1979) 

Method of producing lead dioxide cathode.(anode?) 

Uses AC on DC to control grain fineness, high pH and beads. 
Has alot of references. 


4,236,978 (1980) 
Stable lead dioxide anode and method of production. 
Cloth wrapped GSLD Anode. 


4,267,025 
DSA Anode using Platinum, Palladium and Tin Oxide 


4,388,210 (1983) 
High surface area lead oxide composite and method for making 
Activates lead oxides using ozone 


4,415,411 (1983) 

Anode coated with beta-lead dioxide and manufacture. 
Used Ti and Pt substrate. 

4,510,034 (1985) 

Coating type insoluble lead dioxide anode 

Coating a porous metal and the inside of pours 


4,822,459 
Lead oxide coated electrode. 


5,332,634 (1994) 

Method of making lead electrodes 

Haloganated lead compounds reduced to form PbO2 
US Pat. 5,391,280 (1995) 

Electrolythic electrode and method of production 

Ti substrate + lead plate + Alpha + Beta PbO2 

US Pat. 5,431,798 (1995) 

Electrolythic electrode and method of production 

Ti substrate + lead plate + Alpha + Beta PbO2 + SnO2 
US Pat. 5,545,306 (1996) 

Electrolythic electrode and method of production 

Ti substrate + lead plate + Alpha + Beta PbO2 

US Pat. 5,683,567 

Valve metal + tin oxide + Alfa & Beta Lead Dioxide. 


German Patent No. 103,993 
Ammonium Perchlorate from Sodium Perchlorate 


Swedish Patent No. 44,704 
Ammonium Perchlorate from Sodium Perchlorate 


British Patent No. 121,727 (1919) 
Ammonium Perchlorate from Sodium Perchlorate 


Patents from 1974 and later can be downloaded in scanned form from IBM patent server at 
at http://www.patents.ibm.com/ibm.html 

Patents are also available in ASCII form from the following link. 

US Patent office 

The above link has ascii text, but you can get images of the patents if you so wish. 

Another great site is the European Space Net site. An explanation of how to use it is here . 


The site has very old patents from many countries. 


Books 
Name 


Electrodes of conductive metal oxides (ECMO), 2 volumes 
Edited by S. Trasatti, Elsevier, NY 1980-1981 (A pure research book) 


Perchlorates. Their Properties, Manufacture and Uses. 
J.C. Schumacher. Reinhold, NY (1960) 
Americal Chemical Society Monograph Series, here. 


Perchlorates. 

Chee- Yan, Chan, et al, eds. Alkaline Earth Metal Perchlorates. 

LC 85-641351 (Solubility Data Ser: No. 41) 304p. 1989 120.00 (0-08-040198-8, Pergamon Pr) 
Elsevier 


Comprehensive Treatise of Electrochemistry Vol. 2 Electrochemical Processing. 
J O'M Bockris, B E Conway, E Yeager, R E White. Plenum Press N.Y. 1981 
A good discussion about Chemistry of Chlorate and Perchlorate making. 


Industrial electrochemistry 
C.L. Mantell Mc Graw Hill, NY (1931) 


Electrochemistry: Theoretical principles and practical applications. 
Milazzo, Giulio. Elsevier, NY (1963) 


More Patents 


U.S. Pat. Nos. 4,073,873; 3,711,382; 3,711,397; 4,028,215; 4,040,939; 3,706,644; 3,528,857; 3,689,384; 
3,773,555; 3,103,484; 3,775,284; 3,773,554; 3,632,498; and 3,663,280 
24,369,105; 134,368,110; 144,366,042 all Substituted Cobalt Oxide Spinels Patents. 


Patents on Semiconductor anodes and coatings 


US 2564707 DTO films on glass 


US 3627669 Example of bareTin Oxide anode 


US 4272354 Example of SnO2 + Bi2O3 for (Per)Chlorate 
US 4839007 bare SnO2 for waster water treatment 
WO 01/48268 A1 International Pat. on bare Tin Oxide anode 


Articles on Semiconductor Anodes 


The Preparation and Characterization of Tin Dioxide coated Titanium electrodes 
Hecrrochimico Acta, Vol. 42, No. 7, pp. 1091-1099, 1997 


Physical and electrochemical properties of SnO2 Anodes 

JOURNAL OF APPLIED ELECTROCHEMISTRY 21 (1991) 14-20 
Characterization and Stability of Doped SnO2 Anodes 

JOURNAL OF APPLIED ELECTROCHEMISTRY 28 (1998) 607 TO 612 
Ga Doped ATO anodes for waste water treatment 

Chemosphere 70 (2008) 1629-1636 


Articles on Magnetite. 


Origin and Name 


J. Electrochem Soc. 118, p1709 (Oct. 1971) 
R. Itai, M. Shibuys, T. Matsumara, G. Ishi. 
Electrical Resistivity of Magnetite Anodes. 


Heller, H. H., Trans. Electrochem. Soc., 87, 501-10 (1945) 
Dykstra, J., and W. C. Paris, US Atomic Energy Comm., K-1428, 14PP. (1959) 
EC 99 (1979) 299. The electrodissolution of Magnetite (1) 


EC (197?). The electrodissolution of Magnetite (2) 
Bulygin, B. M., Zhur, Priklad, Khim., 31, 1832-6 (1958) 


hiele, H., E. Weise, Z. Elektrochem., 55, 193-9 (1951) 
Mantell, C. L., "Electrochemical Engineering," 4th ed., McGraw-Hill, N. Y., 1960 

Industrial Electrochemical Processes 

A. T. Kukn, ed. Elsevier, Amsterdam (1971) page 533. Available in Magnetite Anode section. 


Electrochem. Technol. 6, 402-404(1968) 
Electrolytic manufacture of Sodium Chlorate with magnetite anodes. 
T. Matsumura, P.Itai, M. Shibuya, and G. Ishi. Available in Magnetite Anode section. 


a 


Howard, H. C., Trans. Am. Electrochem. Soc., 43, 51 (1923). 
Oxygen overvoltage of artificial magnetite in chlorate solutions 
An unsuccessful attempt at making Perchlorates using magnetite... 


US Patent No. 1,226,121 
US Patent No. 1,226,122 
US Patent No. 1,226,123 
Arc furnace for melting Magnetite and making the actual anode. 


US Patent No. 2,727,842 
Magnetite anode by heating iron in a steam atmosphere at 1000C°. 


US Patent No. 3,232,858 
Magnetite Anode by melting, casting and then annealing Magnetite. 


Available in Magnetite Anode section. 


US Patent No. 3,264,667,858 

Magnetite Anode made by putting magnetite particles into Lead substrate. 

US Patent No. 3,850,701 

Magnetite anode electroplating magnetite from Ferrous Sulphate and then heating in a steam/H2 atmosphere. 


US Patent No. 4,105,530 

Magnetite anode using glass and other oxides and sintering....... 
US Patent No. 4,235,681 

Magnetite anode using a combination of Magnetite and 

lead metal powder.....and compacting with pressure. 


US Patent No. 4,515,674 

Sintered anode of Magnetite. 

US Patent No. 5,143,746 

"Abstract: A process for producing a magnetite-coated electrode which 
comprises kneading an iron oxide powder, water and an organic binder 
under a steam atmosphere ... and plasma spraying 


SEE ALSO MAGNETITE SECTION FOR SOME ARTICLES. 
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Electrolytic Production of Bromates 


Takasi Osuga 


Sanwa Pure Chemicals Co., Ltd., Tokyo, Japan 


Kiichiro Sugino 


Department of Chemical Engineering, Tokyo Institute of Technology, Tokyo, Japan 


ABSTRACT 


An electrolytic process for the production of potassium or sodium bromate 
using a pure lead peroxide anode has been operated successfully. A concen- 
trated bromate solution was electrolyzed continuously at a cathode of stainless 
steel with an anodic current density of 20 amp/dm’ at 70°C; current efficiency, 
about 90%; anode consumption about 50-60 mg/K amp-hr. Pure crystalline 
bromate could be obtained by cooling the cell effluent at room temperature. 


Among alkali metal halogenates, only chlorates 
have been produced commercially in Japan by the 
electrolytic process. New uses for bromate brought 
about its electrolytic production, although in much 
smaller amounts than chlorate. A new electrolytic 
process using a lead peroxide anode is described 
here, 


Anode for Electrolytic Production of Bromate 

Electrolytic production of bromate is usually car- 
ried out at a graphite anode. However, the use of 
graphite has unfavorable effects. It spalls during 
electrolysis, forming a mud which makes continu- 
ous operation difficult. Also, the final product be- 
comes slightly yellow’ and can be decolorized only 
with difficulty. These two facts are the main rea- 
sons for the search for a better material. 

A brief investigation showed that the lead per- 
oxide electrode manufactured by a process reported 
earlier (2) was the most practical choice for an 
anode material. 

A compact lead peroxide layer is deposited elec- 
trolytically from neutral lead nitrate sohition upon 
the inner surface of an iron cylinder which acts as 
an anode. An example of the operating conditions is 
shown in Table 1. Apparatus used is shown in Fig. 1. 

During electrolysis, the acidity of the electrolyte 


Table |. Operating conditions 


Anode: iron cylinder with surface polished inside; 
length 500 mm, ID 204 mm, thickness 8 mm, 
weight 20.6 kg, available surface area 32 dm’. 

Cathode: copper rod (diameter 25 mm) 

Current: 172 amp 

Current density, anodic: 5.4 amp/dm? 

Voltage: T.4v 

Temp: 50°C 

Flow rate of electrolyte: 4 to 51/min 

Time: 66 hr 


1This coloration has been considered hitherto to be due to the 
presence of chromate added to the cell (1). By the use of a lead 
peroxide anode instead of graphite, colerless crystals were obtained 
as shown here. 


gradually increased and the concentration of Pb** 
decreased according to the following reaction. 


2Pb(NO,). + 2H,O— PbO, + Pb + 4HNO, 


The change of these two was found to give a brit- 
tle deposit of lead peroxide which could not be cut 
for finishing or not used for an anode of the elec- 
trolysis. Moreover, sudden change of pH due to 
direct neutralization of acid in the electrolytic bath 
gave a deposit consisting of heterogeneous layers 
which was also brittle. Therefore, the pH and the 
concentration of Pb** should be maintained as con- 
stant as possible during electrolysis. This was ac- 
complished by flowing the electrolyte at constant 
rate and neutralizing the increasing acidity with 
Pb(OH), by using the apparatus shown in Fig. 1. 

The electrolysis was conducted until the thickness 
of the deposit reached about 8 mm. Each end of the 
mother cylinder 75 mm in length was cut off; then 
by cutting the iron part of the cylinder lengthwise, a 
lead peroxide cylinder of suitable strength and com- 
pactness as well as of a smooth outer surface was 


Fig. 1. Apparatus for electrodepositing ‘ead peroxide layer. 
1, Iron cylinder; 2, lead peroxide layer deposited; 3, electrolytic 
both; 4, neutralization tank; 5, settling tank; 6, pump for recycling 
electrolyte; 7, preheating tank. 
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obtained (diameter, 200 mm; length, 350 mm). The 
lead peroxide cylinder was separated into twelve 
parts by cutting it again lengthwise. Each part of 
the lead peroxide thus obtained has the shape of a 
rectangular piece shown in Fig, 2. Its dimensions 
are as follows: length, 350 mm; width, 50 mm; 
thickness, 7-9 mm. 


Important Factors in Electrochemical Formation 
of Bromate 


Anodic reactions in bromate formation may be 
represented as follows. 


2Br- — 2e > Br, (1) 

Br, + OH- > HBrO + Br (II) 
Br, + 20H-~ BrO + Br + H,0O (ITT) 
2HBrO + BrO-> BrO; + 2HBr (IV) 


These reactions are similar to those in chlorate 
formation, but some differences are seen between 
the two cases. Reaction (IV) is about 100 times 
faster than that in chlorate formation according to 
Kretzschmar (3). On the other hand, reactions (ID) 
and (III) seems to occur imperfectly as compared 
with those in chlorate formation by comparing the 
hydrolysis constant of Br with that of Cl, (4). 
Therefore, in the case of bromate, it may be prefer- 
able to maintain the pH of the electrolyte slightly 
alkaline in order to favor these reactions and thus 
obtain high current efficiency. This condition can 
be attained easily by using a neutral or slightly 
alkaline solution of bromide at the start of the elec- 
trolysis. Efforts to keep the pH in the desirable 
range is not necessary except to avoid discharge of 
hydroxy} ion. 

Reactions (11) and (III) may also be accelerated 
by high temperature, which has a favorable effect 
on Current efficiency. When reactions (II) and (III) 
are still slow and imperfect as compared with reac- 
tion (I), the current concentration and current den- 
sity may have a marked influence on the current 
efficiency. Preliminary experiments showed that 
high current concentration and also high current 
density [for example, 50 amp/] to 100 amp/) (13- 
28 amp/dm”’) ] had no unfavorable effect on the cur- 
rent efficiency. This facilitates design of the cell and 
also the determination of the operating conditions. 

2This was confirmed by the fact that bromine separated al the 


bottom of the cell when the initial pH of the electrolyte was less 
than 8 and the circulation of the electrolyte was inefficient. 


rs 


Fig. 2. Lead peroxide anode 
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Cell Design 

The cell design depends on the use of vertical 
lead peroxide anodes of rectangular shape and 
stainless stee] cathodes. A diagram of the bromate 
cell construction is shown in Fig. 3. 

The cel) body is constructed of a sheet iron rec- 
tangular tank 900 mm long x 500 mm wide x 400 mm 
high. All inside surfaces of the body are lined with 
concrete, Cell volume was determined so as to keep 
the cel] temperature as constant as possible by bal- 
ancing the internal heating with natural cooling. 
Three sheets of hard vinyl chloride polymer rested 
side by side on top of the cell and covered it en- 
tirely. The central cover supported 10 anodes and 
20 cathodes. These were arranged in 6 rows running 
the length of the cover. Down the middle were two 
rows of 5 anodes, and on either side was a row of § 
cathodes. In each cell all anodes and all cathodes 
were in parallel. 

The lead peroxide anodes were 50 mm wide, 7-8 
mm thick, and 350 mm long, and extend about 55 
mm above the-cover. The stainless steel cathodes 
(Avesta 832-SV) were 35 mm wide, 2.5 mm thick, 
and 400 mm long. The distance from an anode to the 
nearest cathode was about 13 mm. 

Hydrogen discharged at the cathodes caused suf- 
ficient circulation of the cell liquor. It was vented 
through the roof from each cell. 


Botch Experiments 


The cell was operated batchwise with 90-95 1 of 
potassium bromide solution. To decrease anode Loss, 
the temperature was kept as constant as possible. 
The pH was not controlled and reached a maximum 
of about 10 when a slightly alkaline solution (less 
than pH 9) of bromide was used at the start of the 


S00 


a I 


Fig. 3. Sanwa bromate cell. Dimension: length, 900 mm; width, 
500 ram; height, 400 mm. Anode: lead peroxide bor; leagth, 350 
mm; width, 50 mm; thickness, 7-9 mm. Cathode: stainless steed 
bar; length, 400 mm; width, 35 mm; thickness, 2.5 mm. Capacity: 95 J. 
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Table ||. Operating conditions 
Starting electrolyte 
Cell Amount of 
KBr KBrO; Vol, Initial Current, voltage, Temp, Time, current, 
Run No. g/l g/l 1 pH amp Vv °c hr min 1000 amp-hr 
1 186 4 95 8.3 494 4.0 69 47 10 23.28 
2 173 6 90 8.9 506 3.9* 66 44 00 22.2, 
3 229 9 95 6.9 500 3.8 67 56 40 28.3, 
4 232 9 95 8.9 500 3.7 66 56 40 28.3, 
5 233 9 95 9.2 500 4.0 70 56 40 28.32 
* Voltage reached about 4.6 v at the end of the electrolysis. 
Results 
Conversion 
KBrOs produced KBr of bro-~ 
Crystal In uncon- mide to Current 
Run obtained, solution, Total verted, bromate, efficiency, 
No. kg kg kg kg % % 
1 17.3 5.6 22.9 1.0 94.2 94.6 
2 15.7 5.4 21.1 0.4 97.4 91.3 
3 22.7 3.9 26.6 2.7 87.4 90.5 
4 22.7 4,4 27.1 2.4 88.9 92.2 
5) 24.0 3.1 27.1 3.0 86.7 92.2 


electrolysis. All electrolyses were conducted at an 
anodic current density of 20 amp/dm’. Operating 
conditions and results are given in Table IL. 

Two runs were made to determine what losses 
the anode might sustain (Table III). 

Lead peroxide losses averaged 53-56 mg/1000 
amp-hr and also 57-60 g/ton of product. It indi- 
cated that the loss amounted to about 2.2-2.6% of 
the original weight after the anode has been used 
for one year. Lead could not be detected in the 
product, the electrolyte, or in a black deposit which 
developed on the cathode. Lead was found in the 
slight amount of mud on the bottom of the cell. 


An Example of Commercial Production 
On a commercial scale, 24 cells were connected in 
series to make a circuit of 90 v and 500 amp. The 
cell system was divided into two solution series of 
12 cells each. Electrolyte was introduced into the 


Table III. Operating conditions 


2 g/l K.Cr.0,, 
pH 9-10 (during electrolysis) 
Temp, 70°-85°C 


Amount 
Anodic of current 
Am- current per one 
perage density, anode, 
Current, perone amp/ Time, 1000 
Rua No amp anode dm? hr amp-hr 
Cell 1 (10 anodes) 600 60 30 2970 178 
Cell 2 (15 anodes) 750 50 20 6170 308 
Results 
Weight of anode* 
efore after Loss 
elec- elec- per per ton 
trolysis, trolysis, Loss, 1000 amp-hr KBrOs 
Run No. g gz g mg g 
Cell 1 1146.5 1136.5 10.0 56.2 60 
Cell 2 1043.6 1027.2 16,4 53.3 D7 


* Cell 1, mean value of 4 anodes; cell 2, mean value of 10 anodes. 


cell by means of a glass tube through the cover at 
one end and was discharged by the same means 
through the cover at the opposite end. The flow 
maintained good circulation. 

A potassium bromide solution (pH 8-9), contain- 
ing approximately 210-220 g/l KBr, 19-24 g/l 
KBrO,, and 2 g/1 K,Cr.0.,, was fed from a constant 
head tank into the cells. The concentration of bro- 
mide was adjusted so as to prevent crystallization 
of bromate during electrolysis. In a single pass 
through the cell, about 140 g/] of bromide was con- 
verted to bromate. The composition of cell effluent 
was approximately 270 g/l KBrO, and 90 g/1 KBr. 
Results obtained are summarized in Table IV. 

Cell effluent was a very clear solution due to the 
insolubility of the anode, and filtration was not 
necessary. After electrolysis, the electrolyte was 
cooled to 20°-25°C with circulating water. About 
87% potassium bromate crystallized out. Almost all 
of the remaining potassium bromate in the mother 
liquor can be crystallized by adding a suitable 
amount of potassium bromide to return the elec- 
trolyte to the original concentration for a new cycle 
in the bromate cells. By this method, 97% of the 
bromate produced can be crystallized out. without 
evaporation. 

Potassium bromate crystal thus produced has ex- 
cellent purity without recrystallization. Following 


Table [V. Characteristics of bromate production 


Current: 
Voltage: 


510-550 amp 

1st cell 3.8 v, 2nd cell 3.7 v, 
other cells 3.5 v in 12 cells 
Current density, anodic: 20-22 amp/dm? 


Temperature: 65°-72°C (1st to 4th cells, less than 
60°C) 

PH: alkaline, less than about 10 

Rate of flow: 321/hr 


Current efficiency: 90-92% 

Energy consumption: 3.84 kwhr (d.c.)/kg KBrO, 
Cell feed: 210-220 g/1 KBr, 19-24 g/1 KBrO, 

Cell effluent: 260-280 g/1 KBrO,, 80-100 g/1 KBr 
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are the chemical specifications of the final product 
currently being produced: colorless crystal, KBrO, 
assay, 99.2-99.5%; bromide as KBr, 0.05-0.1%; free 
acid, 0.35 cc 1/50N NaOH/5 g KBrO,, max; total 
nitrogen, 0.002% max; sulfate, 0.005% max; heavy 
metals, 0.0005% max; iron, 0.0025% max. 


Manuscript received April 30, 1956. This paper was 
prepared for delivery before the San Francisco Meet- 
ing, April 29 to May 3, 1956. 
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Any discussion of this paper will appear in a Dis- 
cussion Section to be published in the June 1958 
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High Temperature Oxidation of High Purity Nickel between 750° 
and 1050°C 


Earl A. Gulbransen and Kenneth F. Andrew 


Research Laboratories, Westinghouse Electric Corporation, Pittsburgh, Pennsylvania 


ABSTRACT 


Kinetic studies on the oxidation of nickel using the vacuum microbalance 
method have been extended to 1050°C in order to determine the conditions and 
mechanisms of breakdown of the metal in oxidation. Below 900°C Ni oxidizes 
in the normal manner and the rate data fit in well with experimental rate 
relationship. already established. At 900°C and higher, parabolic rate law 
plots of the data show increasing values of the constant with time. At 1000°C 
and higher, the oxide cracks away from the metal. It is suggested that Ni fails 
in protective oxidation due to a loss of adhesion at the oxide metal interface. 


A number of studies have been reported on the 
oxidation of pure Ni. These studies were reviewed 
in an earlier paper (1). In recent years precise 
data have been obtained on the kinetics of the oxi- 
dation of pure Ni at temperatures up to 900°C. 
Moore (2), using a volumetric method, studied the 
reaction over the temperature range 400°-900°C 
while Gulbransen and Andréw (1), using a sensitive 
weight gain method, studied the reaction over the 
temperature range 400°-750°C. Considering the 
differences in method and metal, good agreement 
was found. In both studies the parabolic rate law 
was used to correlate the experimental data. Using 
the classical rate theory of oxidation, Gulbransen 
and Andrew (1) proposed a mechanism of reaction 
based on the diffusion of Ni ions through cation 
vacancies. 

This paper extends the earlier work to 1050°C. 
Two objectives were of particular interest. First, to 
compare oxidation rate data with tracer studies (3) 
on the diffusion of Ni ions through nickel oxide and, 
second, to determine the conditions for transition in 
the mechanism of oxidation. Studies on several other 
metals (4) have shown that at some oxide thickness 
transition occurs from a slow protective oxide forma- 
tion to a more rapid nonprotective type of oxide 
formation. If this transition phenomena is found to 
occur for all metals and alloys, we are dealing with 
a question of great technical importance. 

Failure of metals in protective oxidation.—The 
use of metals and alloys at high temperature in many 
applications depends on the fact that the oxide film 
limits to a certain extent the rate of oxidation. In 
the protective range of reaction the rate of oxi- 


dation decreases as the oxide film thickens. How- 
ever, at some temperature, time, and oxygen pres- 
sure, or film thickness, the rate of oxidation under- 
goes a transition to a more rapid reaction in which 
the rate of reaction does not depend on the oxide 
thickness. This phenomena has been termed “‘catas- 
trophic reaction,” “breakaway corrosion,” ‘“‘transi- 
tion reaction,” etc., depending on the degree of 
change in the reaction kinetics. The change in 
kinetics is referred to here as “failure in protective 
oxidation’’; the film or scale is no longer rate con- 
trolling. The following physical and chemical fac- 
tors have been related to the onset of transition in 
the kinetics of the reaction: (a) volatilization of the 
oxide; (b) volatilization of the metal; (c) phase 
transformations in the oxide; (d) phase transforma- 
tions in the metal; (e) melting of the oxide; (f) 
loss of adhesion of the oxide to the metal; (g) com- 
bustion. 


Apparatus ond Method 


Kinetic measurements were made using a vacuum 
microbalance method which has been described (5). 
However, to extend the range of the method, a low 
sensitivity balance was used as well as specimens of 
smaller area. In this- way film thicknesses of 2000 
» g/cm’ weight gain could be measured. In terms of 
film thickness for NiO, this weight gain is of the 
order of 126,000A. The microbalance had a sensi- 
tivity of 4.75/division of 0.001 cm. 

Samples were prepared from high purity nickel 
strip purchased from Johnson, Mathey and Com- 
pany, London, and had no metallic impurities in 
excess of 0.0005%. Specimens were abraded through 
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Investigations on the Structure of the Color Compound in Caustic 


S. Wawzonek and D. S. P. Eftax 


Department of Chemistry, State University of Iowa, Iowa City, Iowa 
Abstract 


The material isolated by Heller from stubs of graphite anodes used in Chlorine-caustic soda cells was shown by him to give the 
color in concentrated causiic soda has been reinvestigated. An extract from the stubs after treatment with nitric acid was found to 
consist of mellitic acid, pentacarboxychloro-benzene, a tetracarboxychlorobenzene of unknown configuration, and material of 
unknown structure which is the source of the color. The acids were formed during the treatment with nitric acid. The color 
forming material seems to be of high molecular weight and structurally more complex than proposed by Heller. 


The organic nature of the material giving the familiar color (1) to the evaporated effluent from diaphragm chlorine-caustic soda 
cells was first established by Heller (2) who proposed for it a pyromlellitic acid-chloroquinol structure (I). Since dien-nes in 
which a hydrogen is involved are unknown because of their facile rearrangement to the corresponding phenols, a further study of 
the material was suggested. 


0 COOCH, Cl 


HOOC~ )| COOH CH,OOC COOCH, CH,OOC 


I CH,OOC 
HOOC Ly COOH  CH,OOC COOCH, 


H Cl COOCH, 


Il Ii] 


Results 

The procedure for the investigation is summarized in the flow sheet (below). By methylation of the yellow material with 
diazomethane an oil was obtained from which hexamethyl mellitate (II), pentamethyl chlorobenzenepentacarboxylate (III), and a 
tetramethyl dichlorobenzenetetracarboxylate were recovered by sublimation, distillation under reduced pressure, fractional 
crystallization, or chromatographic separation on alumina. The structure of pentamethylchlorobenzenepentacarboxylate (IIT) was 
demonstrated by comparison with a sample synthesized from pentamethyl-chlorobenzene (4). The tetramethyl 
dichlorobenzenetetracarboxylate was not obtained in sufficient quantities to be characterized. These three compounds did not 
give a color in 50% caustic. 

The red residual oil obtained after removal of these compounds could not be distilled, sublimed, or crystallized and upon 
treatment with alkali dissolved slowly and gave a reddish purple color. This oil after treatment with HBr gave a solid which was 
water soluble and gave the reddish purple color with alkali. An aqueous solution when passed through a cation exchange resin 
(IR-120H) gave an eluate which, on removal of the solvent, yielded a red amorphous powder. This product could not be purified 
further by recrystallization and was obtained in insufficient amounts to characterize further. 

FLOW DIAGRAM NOT SHOWN 


The mellitic acid could also be isolated from the yellow solid as the ammonium salt hexahydrate by treatment with concentrated 
ammonium hydroxide. The structure of this salt was demonstrated by acidification and conversion to the methyl ester. The 
mother liquor from the ammonium mellitate after acidification and methylation gave pentamethyl 
chlorobenzenepentacarboxylate. 

The presence of mellitic acid in the yellow solid raised the question whether this acid was produced from the graphite anodes 
directly during the formation of the caustic or was formed in the isolation by the recrystallization step using concentrated HNO3. 
Following the isolation procedure of Heller but omitting the recrystallization from HNO3 gave a dark green tar which produced a 
dark purple color when boiled with 50% caustic. Methylation of an ether suspension of the tar followed by fractional distillation 
under reduced pressure gave yellow oils which refused to crystallize even when seeded with the esters mentioned. The oils gave 
no color with 50% alkali. The dark green tar when treated with HNO3 gave an orange solid which showed similar properties to 
those of Heller's material. These results indicated that the recrystallization from HNO3 degraded the more complex compounds 
formed from the anode during cell operation into the simpler acids. The dark green tar did not contain any suspended carbon so 
that the latter could be ruled out as the source of the mellitic acid. 


This degradation of the complex mixture obtained from the anodes by HNO3 into simpler compounds suggested a direct study of 
the compound which formed the purplish-blue color in 50% caustic. The filtrate from the precipitation of the mellitic acid as the 
ammonium salt was heated with 50% caustic until the bluish-purple color developed. Acidification with HC1 followed by 
evaporation to dryness gave a yellow-brown solid. This material occasionally would give, upon ether extraction in a Soxhlet 
extractor, a small amount of orange-tan material which produced the bluish-purple color immediately in cold 50% caustic. This 
behavior was not consistent and, in the majority of the attempts, the extraction did not give any ether soluble solids. Further 
chromatography was not successful due to the strong adsorption on the column. 

Purification of the material by passing through cation and anion exchange resins gave an amorphous powder which resisted 
crystallization and further purification. 

The results obtained with Heller's compound indicated that at least 70% of his material consisted of mellitic acid, 
pentacarboxychlorobenzene and tetracarboxydichlorobenzene. The physical data reported for the pyromellit acid chloroquinol (1) 
approximate very closely the values for pentacarboxychlorobenzene (IV). 


Detailed experimental stuff snipped 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


Journal of the Electrochemical Society. FEB. 1958, page 100 


Lead Dioxide Anode for Commercial Use 


J.C Grigger, H.C. Miller, and F.C. Loomis 
Research and Development Department, Whitemarsh Research Laboratories, 


Pennsalt Chemicals Corporation, Wyndmoor, Pennsylvania 


ABSTRACT 


Results are presented on one phase of a research carried out under an Office of Naval Research contract for the 
development of on electrode to replace platinum in the perchlorate cell. Electro deposition of massive lead dioxide 
is preferably carried out from a lead nitrate bath. Uniquely, anodic deposition on tantalum is possible without 
polarization or erosion of the base. In the subsequent anodic process use, this tantalum acts as a polarized, inert 
filler. Sprayed silver permits the formation of an operable, low resistance current contact to the lead dioxide anode. 
Operation of a 100 amp perchlorate cell with a lead dioxide anode is described. Current efficiency of the lead 
dioxide anode is compared to platinum, and the effect of KSjOg addition is shown. 


The chemical and electrical properties of PbO2 suggest that it should be an ideal material for anodes in electrolytic 


processes. With a resistivity as low as 40 to 50 x 10°! ohm-cm, it is a better electrical conductor than many metals, 
and a much better conductor than carbon or graphite. Chemically, PbO2 is inert to most oxidizing agents and strong 
acids. Although it has been suggested as an anode material for several electrolytic processes (1-7), up to the 
present time no commercially practical anode has been advanced. Electrodes reported to date have been weak, they 
have been formed in odd shapes difficult to adapt to commercial cells, and methods of making the electrical 
contact have not been satisfactory. 


The purpose of this investigation was to develop a practical PbO2 anode that could be used in industrial electrolytic 
processes. It was hoped that a suitable electrode would be developed that would replace Pt in the perchlorate cell. 


Experimental 
Electro deposition of Massive PbO2. 


Several baths (3, 8, 9) are known for the electro deposition of PbO2 on common metals. The composition of three 
bath types modified to give improved PbO 2 deposits are shown in Table 1. 


Table 1 


Alkaline lead tartrate. 


100g potassium sodium Tartarate, KNaC4H4 O6.4H20 

50g sodium hydroxide, NaOH 

96¢ lead oxide, PbO 

Dissolve in the order listed in distilled water to make 2 liters of solution. Heat to 60C to complete solution of lead 
oxide. Cool and filter through sintered glass. Bath pH is about 13. 


Lead perchlorate. 


108ml of 60% perchloric acid (100g HC104) 

167ml distilled water 

111.0g lead oxide, PbO 

Dissolve the lead oxide in the diluted percholric acid. Make up to 2 liters with distilled water. Heat to boiling for 


2-3 minutes to dissolve any white precipitate. Cool and use. Bath pH is about 5. 


269ml of 69.9% nitric acid (266.5g HNOs) 

1000m1 distilled water 

472g lead oxide, PbO 

Add the lead oxide slowly to the diluted nitric acid with stirring. Dilute to 2 liters and heat to 75C with stirring. 
Cool and filter through sintered glass. To this bath add: 

0.75g per liter Copper nitrate, Cu(NO3)2 .3H2O 

0.75g per liter Igepal CO-880 (surface active agent) 

The bath pH is about 3.5 


In this work, the lead nitrate bath was preferred because it gives the highest quality of deposit. The addition of 
copper nitrate to this bath serves to suppress lead deposition on the cathode, which is preferably carbon or graphite. 
In order to deposit lead dioxide of high strength, density, and surface smoothness , an addition agent is necessary 
such as Igepal CO-880 (Trade mark of Antara Chemical Division of General Dyestuff Corp.) which is a non-ionic 
surface-active agent of the class "alkyl phenoxy polyoxyethylene ethanol." Addition to the bath of a natural 
hydrophilic colloid such as gelatin resulted in the formation of a lead dioxide deposit with a high surface 
smoothness , but which was very weak and was laced throughout its cross section with many fine fissures. 

Using the acid baths mentioned above, it is difficult to form good deposits on thin attackable base sheets because of 
the serious anodic dissolution of the metal base. This problem was overcome by using Tantalum as the base metal. 
Sound, adherent deposits of lead dioxide 2cm or more in thickness could be formed without any signs of erosion of 
the base material. This plating on Ta was unexpected, since Ta polarizes in most electrolytes when operated as the 
anode. 

Electro deposits of lead dioxide were made readily on Ta wire, rod, and sheet without any nodular growth, using 
the lead nitrate bath at an anode current density of 0.016-0.032 amp/cm squared (15-30 amp/foot squared) at a bath 
temperature of 70C. A rod of massive lead dioxide 8 inches long by 0.5 inch diameter was formed on a single wire 
of #20 B&S. The wire core was withdrawn by a sharp pull with pliers. In plating flat base-free deposits by blanking 
off one side of the starting sheet and stripping away this base after a thick deposit had formed, it was difficult to 
secure unbroken specimens. Therefor, this approach was discontinued in favor of plating on permanent base sheets. 
Flat, massive lead dioxide deposits of surprising strength were made by plating on both sides of rectangular sections 
of Ta screen in the mesh range of 10-50. The use of baffles around the edges of flat, rectangular anodes permitted 
the formation of nodular free deposits to within rather close tolerances. Using a 14 mesh (0.064 cm wire) Ta screen, 
a lead dioxide electrode measuring 36.8 by 8.9 by 1.6 cm and weighing 4500¢ was plated in 142.5 hours from the 
lead nitrate bath. Current was maintained at 0.016 amp/cm squared on the anode and the bath temperature at 70C 
throughout the electrolysis. 

If the pH of the nitrate plating bath is not carefully controlled, the bath pH drifts strongly acid during electrolysis 
and is very corrosive to all of the common metals. However, by careful maintenance of the pH in the range of 
about 2-4 during electrolysis by the frequent addition of lead oxide, and by protecting the base metal at the surface 
of the electrolyte, it is possible to plate lead dioxide on such metals as Nickle and Iron. Even with these 
precautions, the base is slowly eroded away and by the time a thick plate was formed most of the base metal (in 
contrast to Ta) will have eroded away, leaving voids (which are not always objectionable) in the center of the lead 
dioxide deposit. 


Current Contacts to PbO2 Anode. 


Whenever lead dioxide with a conventional Cu current contact is used as anode in electrolytic cells, severe heating 
is observed in the contact area. If Silver current contacts are used, no heating occurs. The contact resistance 
between a number of the common metals and lead dioxide was measured by spraying 2.5cm of each end of electro 
deposited PbO2 rods about 1cm in diameter and 10cm long with the given metal. The rods were clamped at the 
metal coated ends and 1 amp of current was passed from a DC source. The potentials across the metal-lead dioxide 
contact were measured on a potentiometer using manual pressure test probes. It was found that all metals tested 
with the exception of silver showed a high contact resistance to the lead dioxide as shown in table 2. 


Table 2. Contact resistance of electro deposited PbO2 to metals sprayed thereon. 


Contact potential at 1 amp. 
Volts 


+ 


in 

Lead 

Copper 

18-8 Stainless steel 
Zinc 

Aluminum 

.0002 
.0002 
.0002 
.0002 


Silver 
Copper over silver 
Tin over silver 


Aluminum over silver 
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lead 
[Copper 
[18-8 Stainless steel _| 
Zinc 
[Aluminum | 
Silver 
[Copper over silver _| 
[Tin over silver | 
[Aluminum over silver 


It is suggested that the resistance is caused by an oxide layer forming between the contact metal and the PbO2. 
Most metal oxides being poor conductors show high resistance. Silver, on the other hand, forms a conducting oxide 
and therefore has a low contact resistance. 

A coating of Ag only 0.0002cm or less in thickness applied by a metal spray technique was sufficient to produce 
low resistance and to overcome completely the heating previously observed in these electrode connections. In order 
to protect the Ag and to provide a rugged electrical contact to the PbO2, the Ag-coated area was sprayed with a 
heavy coat of Cu, 0.16cm or more in thickness. Preferably, the Ag and the Cu are sprayed to form a jacket over the 
top end of the PbO2 electrode. The combination is sufficiently adherent to the base oxide so that it can be machined 
to fit in a mechanical current contact or it can be soldered directly to the power bus without injury to the PbO2. 


Testing the PbO2 Anodes 


Electrodes formed by plating a thin coat of lead dioxide, 0.04cm or less, on a base metal proved unsatisfactory 
when used as an anode in a perchlorate cell. With such a thin coating on Ta there was poor electrical contact and 
poor adhesion. The lead dioxide coating on Ni and other base metals proved to be extremely porous and did not 
protect the base metal from rapid anodic erosion when used in the perchlorate cell. 

Thick lead dioxide deposits, 0.16cm or more on Ta proved to be efficient anodes in the perchlorate cells. The Ta 
base polarizes rapidly and then acts as an inert filler. Thick deposits on Fe and Ni also proved satisfactory after 
they had operated sufficiently long to leach out all traces of the base metal that was left after the original plating 
operation. It is, therefor, desirable when electro depositing lead dioxide on metals such as Fe and Ni, to keep the 
weight of the base to a minimum. 


Table 3. Current efficiencies in electrolysis of NaClO3 with PbOz and Pt anodes (no additives) 


NaClO3 conc. range over 
which efficiency is calculated: 


Initial Final Current 


a 


DO 612___fto0 
2 


8649.1 


Anode current density = 0.3 amp/cm?; cell temperature = 25-35C; cell voltage = 5-6.5Volts. 


Table 4. Effect of K2S2Og addition on current efficiency in electrolysis of NaClO3 with PbO» 


NaClO3 conc. range over 
which efficiency is calculated: 
8 KyS)O¢ per Initial oar Current 
Test No. aon 
liter of electrolyte tas g/l efficiency, % 


ee 
poe 
——— = 


2.08 


Anode current density = 0.3 amp/cm?; cell temperature = 25-35C; cell voltage = 5-6.5Volts. 


The large lead dioxide electrode formed on the Ta screen, and described above, was used with a sprayed Cu over 
Ag contact in a 100 amp perchlorate cell at a current density of 0.28amp/cm squared and a temperature of 30-50C. 
The cathodes were type 430 stainless steel and the electrolyte was 5 liters of NaC1O3 solution having an initial 
concentration of 600¢/1. This cell was operated for 24 batches for a total running time of 860 hr without noticeable 
erosion of the anode, and with less than 0.25 ppm of Pb in the recovered NaClOs. 


The current efficiency of PbO2 anodes in the conversion of chlorate to perchlorate, although less than that of Pt, is 
reasonably high when the concentration of NaClOs in the electrolyte is above 100g/l. Below this concentration of 
chlorate, the current efficiency drops sharply. In table 3 the current efficiencies of PbO2 and Pt anodes are 
compared for various chlorate concentration ranges when operated in 10-amp cells. 

In order to obtain higher current efficiencies with the PbO2 anode, especially in the lower chlorate concentration 
range, the use of additives becomes necessary. Sugino (10) has reported using NaF additive at a concentration of 
2g/l. In the present work, K»SjOg was found (11) to be even better , and the increase in current efficiency due to 


this additive is shown in table 4. 
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ABSTRACT 


Lead dioxide was investigated as an anode substitute for platinum in the production of sodium perchlorate. Rod 
shaped deposits were prepared on nickel and platinum clad tantalum wires. The plate was dense, heavy, metallic- 
like in appearance and not too fragile for ordinary handling. The first phase of experimentation was performed in 
small laboratory cells to determine approximate electrolyses data. Larger bench-scale production cells were also 
run simulating plant operating conditions. Lead dioxide anodes produce sodium perchlorate at high cumulative 
current efficiencies. One lead dioxide anode was used in cell operation for 3,000 hours. Cumulative current 
efficiency for a given anodic current density is a function of the cathode material, cathodic current density, and the 
additive used. Perchlorate can be produced using nickel, copper, stainless steel, and carbon steel cathodes. Energy 
requirements, under identical experimental conditions, indicate that stainless steel and nickel are the best cathode 
materials. A current efficiency of 91.5% was obtained with a stainless cathode at anodic and cathodic current 
densities of 15.5 amp/dm- and of 7.25 amp/dm-, respectively. No unusual metallic contamination could be detected 
in the ammonium perchlorate prepared from the sodium perchlorate. 


Increased demand for NaCIO4 as an intermediate for the production of ammonium and potassium per-chlorates 
resulted in a search for a replacement for the Pt anode. Previous investigations have shown that PbO2 might be a 
satisfactory substitute for Pt. Lead dioxide electrodes in various sizes and shapes may be prepared from suitable 
electrolytic baths (1-4). The rod-shaped electrodes used in these experiments were prepared by plating PbO2 on Ni 
and Pt clad Ta wires. Platinum clad Ta as a conductor on which to deposit the PbO, had the advantage of being 
corrosion resistant to the HNO3 liberated during electrolysis from the Lead Nitrate electrolyte. The PbO2 deposit is 
dense, heavy, and metallic in appearance. Perchlorates can be produced on PbO2 deposits from 8-10 mm thick (4). 
Thin deposits are fragile and erode easily during electrolysis. When a thickness of at least 20 mm is obtained, the 
electrode is not too fragile for ordinary handling and erosion is not significant. The over-all chemical equation for 
the electrochemical oxidation of chlorate to perchlorate has been reported by other investigators (5-9). 

The investigation was divided into two phases. The first dealt with exploratory experiments in small laboratory cells 
designed to determine feasibility, to approximate electrolyses data, and to evaluate different cathodes with small 
Pb02 anodes. On the basis of these experiments, larger cells were operated simulating actual plant conditions. The 
first phase of the investigation is referred to as laboratory cell experimentation and the latter phase as bench-scale 
production 

Three methods for measuring current efficiencies have been used by other investigators and were used in this 
study. They were: 

Gas collection:— If a standard coulombic cell with Pt electrodes containing a 5% NaOH electrolyte is connected in 
series with a perchlorate cell, the ratio of gas volumes in the coulombic cell to that of the perchlorate is 3:2. Thus, 
the gas volumes from the coulombic and perchlorate cells give an approximate measure of the instantaneous 
current efficiency. This may not be too accurate if there are appreciable side reactions. 

Chlorate depletion.—If side reactions are negligible, then the NaClOs disappearing can be used as an 
approximation to current efficiency. 

Perchlorate determination:—This measurement is the most accurate determination of current efficiency, but 
necessitates a time consuming perchlorate analysis. Moreover, this is a cumulative and not an instantaneous current 


efficiency. 

Gas collection and chlorate depletion are easily and rapidly obtained and may indicate the trend of a variable. Gas 
collection was utilized for the small laboratory cells, recognizing that it was only an approximation, which would 
be checked by direct analyses later on the bench-scale production cell. 

Data obtained by analyses on the bench-scale cell indicate that inefficiencies due to side reactions are of small 
magnitude with some cathodes and that the current efficiency measurement used for the laboratory cells has some 
validity. 


Laboratory 


Cell construction:— Laboratory cells were constructed of 1/8in. Lucite. They were cylindrical in shape, 2.5in. I.D. 
x 5in. high. The electrodes, a thermometer, and a 0.25in. diameter x 1.5in. gas outlet tube were sealed through the 
cell cover. A rubber gasket was fitted to a 0.5in. flange around the top of the cells. Wing nuts through the flange 
secured the cover, creating a gas-tight fitting. 

Evolved gas was directed to 50 ml burets. Volumes were measured by the displacement of water in the burets. 
Electrolyte levels in both cells were maintained 1 in. from the top; this gave a small equal volume. Electrolysis 
time, while the gases were being collected, was short. Since a ratio of volumes was utilized, no corrections for 
pressure and temperature were necessary; it was assumed that the burets remained under identical conditions, even 
though volumes of different magnitude were involved. 

Lead dioxide was employed as the anode in the laboratory cell except for the initial experiments. A Pt anode was 
used in these experiments to establish reference data. Two cathodes connected in parallel were used. The initial 
concentration of the electrolyte was approximately 500 g/1 of reagent grade NaClO3 with various additives. New 
electrolyte was used for each series of experiments. 

Temperatures of both cells were controlled with external water cooling within 5°C. 


Experimental procedure:— The coulombic and laboratory cell were connected in series to a Se rectifier. Current 
and voltage across the laboratory cell were measured during electrolysis. These cells were operated until the 
coulombic cell had evolved 50 ml of gas. Comparison of this volume to that evolved from the laboratory cell gave 
the current efficiency. Each experiment was made under a controlled current density. The pH of the electrolyte was 
controlled within a given range and was adjusted with HCl or NaOH. 

The cells were operated a sufficient length of time after reaching thermal equilibrium to purge the dead air space. 
During this time gas was evolved to the atmosphere. When a steady rate of evolution existed, the gas was collected 
in the burets and data recorded during the collection of the gas samples. Current was varied from 1.33 to 5.30 amp. 
while the voltage across the laboratory perchlorate cell covered the range of 4.0-6.1 v. A temperature range of 20C- 
40C was investigated. 


Experimental Results 


To establish reference data, the initial experiments utilized a Pt anode in the laboratory perchlorate cell. After this, 
experiments were conducted using Pb02 as the anode with Cu. carbon steel, Ni, and stainless steel as the cathodes. 
Variables observed were current efficiency, current density, cell temperature, electrolyte concentration, pH, cathode 
material, and additives. Some of these data are presented in Table 1. The most satisfactory values of cell operating 
conditions were selected from these data for subsequent verification in the larger bench-scale production cell. 


Table 1. experimental results of laboratory perchlorate cells 
Anodic 
current 


Temp. 
Anode||Cathode Voltage pay range ||pH Nae NaF g/l ||Na2Cr207 
Densi Amps g/l 
ensity C 


Pt Carbon steel [31.0 [5.2 2.90 [20-25 (6.0) 484.5 — fs) 92.8 
PbO2 ||Carbon steel [15.5 [4.6 2.46 [30-35 [6.5] 484.5 — fs) het 


Current* 
efficiency(%) 
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* Approximate instantanous current efficiency based on gas collection technique 
+ Discoloration of evolved cell gases during electrolysis inducated that side reactions were taking place. 
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Conclusions:—Examination of the data in Table I indicates that the following conclusions may be made: 


1. Sodium perchlorate can be made by electrolysis using a Pb02 anode with Cu, carbon steel, Ni, or stainless steel 
cathodes. 


2. Current efficiencies appear to be higher with Ni, stainless steel, and Cu cathodes than with carbon steel. 
3. Data obtained with carbon steel are not conclusive because of side reactions. 


4. Sodium fluoride appears to be a better additive than sodium dichromate. The minimum effective NaF 
concentration is 0.5 g/1. 


5. Data obtained with a PbO2 anode. Ni cathodes, and a NaF additive indicate that the current efficiency is 
practically independent of current density, temperature, and pH in the range of variables investigated. An 
instantaneous current efficiency of 93.7% was obtained at an anodic current density of 15.5 amp/dm squared. 
(155mA per cm squared). 


6. Lower voltages appear to be possible using PbO2 anodes. 
Bench-Scale Production Cell 


The first phase of the investigation had set up sufficient design criteria to proceed with the construction of a larger 

unit which could be operated semicontinuously and for longer periods of time. All the variables could be evaluated 
based on the current efficiency, which could be determined by a direct chemical analysis. In order to proceed with 

this unit, larger Pb02 anodes were made. 


Bench-scale cell construction:-The cell was a 4-liter resin reaction kettle with a bottom outlet (Fig. 1). Current was 
provided by a Se rectifier 


and voltages and current measurements obtained. Temperature was controlled by 
circulating water through a glass coil immersed in the electrolyte. When pH control 
was necessary, 18% HC1 was added. 


The anode consisted of a rod-shaped, rough surfaced Pb02 electrode and was 
immersed in solution so that, at a current of 26 amp, the anodic current density was 
15.5 amp/dm squared. This value was maintained constant in all experiments. It 
proved to be the best value obtained in the smaller laboratory cells and simulates 
approximate plant operating conditions. Cathodes were U-shaped metal rods of 


varying diameters by 15 in. in length. The anode, cathodes, cooling coil, and 
thermometer were inserted through the top of the cell into the electrolyte. An 
electrical connection was made at the top of the anode with a Ag-plated Cu clamp. 
Cathodes were on 3 in. center to center spacing, with the anode centered between 
them or 1.5 in. from the cathodes. Figure 2 is a picture of a typical Pb02 anode with 
the cathodes used. 


Electrolyte could be removed from the bottom of the cell and returned to the top to 
insure adequate mixing. 


Experimental procedure:-At the start, the cell was filled with 4 liters of solution 

containing approximately 500 g/1 NaC103 plus the additive. The pH and temperature were recorded. A value of 6.9 
was considered to be the maximum limiting pH while the temperature was controlled within the range of 30-45C. 
Current was adjusted to the desired anodic current density, and voltage noted. 


Electrolyte was removed during electrolysis from the bottom of the cell and returned through the top. About 2 liters 
were removed in from 2 to 3 min in 500 ml increments. This served to keep the electrolyte well circulated and was 
repeated every half hour. After recirculation was completed,a 100 ml sample was secured and the pH measured. 
This sample was returned to the cell and the pH adjusted, if necessary. 


A 15 ml sample was taken for chemical analysis every 2 hr after recirculation. Then 15 ml of makeup solution were 
added to maintain constant volume. 


The addition of make-up solution is important, since no drastic concentration changes in the electrolyte could be 

introduced. During the initial phases of the experiment the make-up solution contained 300 g/1 NaC103. This 

solution was used until the concentration of the electrolyte in the cell dropped to 150 g/1 of chlorate. From this 
<e point, make-up solution of 150 g/1 was added until the 

concentration dropped to 100 g/1. Then solution adjusted to the 

chlorate composition of the electrolyte was added until the 

’ completion of the experiment. 


"* Every 2 hr a 15 ml sample was analyzed immediately for its 
sodium chloride and chlorate concentrations. Since the perchlorate 
determination was time consuming, samples were taken only every 
4 hr for analyses. 


Experiments were carried out for 52 hr continuously, except when side reactions or chlorate analyses indicated that 
the obtained efficiencies were too low. 


Experimental Results 


Two different Pb02 anodes were used in the experiments with the bench-scale production cell. One anode 
consisted of PbO2 plated on Pt clad Ta and the other was plated on Ni wire. Experimental results obtained when 
PbO2 is plated on these two different conductors are presented in Fig. 3. When sodium di-chromate was used as an 
additive, a thin yellow deposit was formed on the surface of the PbO2 anode. Cathodes were constructed of Ni, Cu, 
carbon steel, and 302 stainless steel. The effects of cathodic current density and additives were also investigated. 
Some experimental results are presented in Table II. 


A typical result, using Ni cathodes, illustrating the change in electrolyte concentration as a function of time and the 
cumulative current efficiency is presented in Fig. 4. Figure 5 presents results with stainless steel cathodes. 


Sodium perchlorate produced in these bench-scale experiments was converted to ammonium perchlorate to 
determine purity and for evaluation purposes. Only the first crop of unwashed crystals was selected for chemical 
and spectrographic analyses. Table III presents spectrographic data on the ammonium perchlorate prepared, and 
indicates that no unusual quantity of metallic impurities was introduced into the perchlorate. 


Conclusions:- The following conclusions may be reached from the experimentation, utilizing PbO2 anodes as a 
substitute for Pt in the production of sodium perchlorate: 


1. Lead dioxide anodes produce sodium perchlo rate at high cumulative current efficiencies. 


2. The cumulative current efficiency for a given anodic current density is a function of chlorate con centration, the 
cathode material, the cathodic current density, and the additive used. 


3. The wire on which the PbO2 was plated for an anode appears to have no effect on the production of sodium 
perchlorate. 


4. Sodium perchlorate can be produced using cathodes of Ni, Cu, stainless steel, and carbon steel. However, 
efficiencies with carbon steel are very low. 


5. Sodium dichromate has a detrimental effect on current efficiency by forming a thin deposit on the surace of the 
PbO2 anode. 


6. Decreasing the cathodic current density increased the current efficiency when utilizing Ni and stainless steel 
cathodes. 


7. One Pb02 anode was used in the cell operation for 3,000 hr. 


8. Ammonium perchlorate was prepared from the sodium perchlorate produced in these experiments. No unusual 
metallic contamination was present and the ammonium perchlorate meets present commercial specifications. 


9. Comparison of energy requirements calculated for identical experimental conditions indicates that Ni and 
stainless steel are the best cathode materials and that PbO2 offers energy advantages over Pt as an anode. 


10. Energy results of 1.04 kw-hr/lb of sodium perchlorate with a cumulative current efficiency of 91.5% were 
obtained. These results were attained with stainless steel cathodes at a cathodic current density of 7.25 amp/dm 
squared and a final sodium chlorate concentration of 50 g/1. 


Fig. 3. Effect of PbO2 conductor wire. 
Electrolysis conditions: anodic C. D. = 15.5 


amp/dm sqr. 

cathodic C. D. = 7.25 amp/dm sqr.; temp. range 
= 30°-45°C; 

cell voltage = 5.2-5.3 v; pH = 5.2-5.7; NaF 
conc. = 0.5 g/l. 


Anode: solid circle Pb02 plated on Ni wire; 
open circle, PbO2 plated on Pt clad Ta 
open triangle, Pb02 plated on Ni wire. 
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Fig. 4. Effect of nickel cathodes on cumulative 
current efficiency. 

Electrolysis conditions: anodic C. D. = 15.5 
amp/dm sqr.; cathodic C. D. = 7.25 amp/dm sqr.; 
temp, range = 35°-45°C; cell voltage = 5.0 v; pH 
= 5.3; NaF conc. = 0.5 g/ I; anode: rough surface 
rod-shaped, 2.06 cm dia. x 45.72 cm long; 
cathode: two U-shaped Ni rods, 0.95 cm dia. x 
38 10 cm long. 


Fig. 5. Effect of stainless steel cathodes on 
cumulative current efficiency. 

Electrolysis conditions: anodic C. D. = 15.5 amp 
dm sqr.; cathodic C. D. = 7.25 amp/dm squared; 
temp, range = 35;-45:C; cell voltage = 4.75 v; 
pH = 5.7; NaF conc. = 0.5 g /I; anode: rough 
surface rod-shaped, 2.06 cm dia. x 45.72 cm 
long; cathode: two U-shaped stainless steel (302) 
rods 0.95 cm dia. x 38.10 cm long. 


Table II Experimental results of bench scale production cells 
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a Anodic cd = 15.5 amp/dm squared 

b Volume = 4 liters 

c Commercial production requires 1.5-1.9 kW-hr/Ib at 6.2 to 6.8 Volts and Anodic cd of 31.1-52 amp/dm squared 
d NaF as an additive =0.5g/1 concentration 

e Na2Cr207 concentration 0.5 g/l 

f Na2Cr207 concentration 0.003 g/l 

g Na2Cr207 concentration 5.1 g/. 


Table III Spectrographic analyses of unpurified Ammonium Perchlorate 


[Cathode material Copper 

[Major constituent* ** Sodium 
[Intermediate constituent Potassium 
[Minor constituent Approximate % 
(Calcium out i 
[Aluminum —_(oos_——ioos——SS—i 
[Magnesium None found 
[Silicon None found 
[Chromium 
Copper 
[Vanadium 
[Nickel 
[Manganese 
lead 
WeofAsh(g) 


Chromium 0005. ~‘(o.001 ~+‘(iooor 
Copper os jor ——ieoos—_— 
Vanadium 0.001 

Nickel None found 
Manganese None found 
WeofAsh@ _fiez——iiay)—S~i OB 
eee 


|*Mother liquor hold-up **Based on Spectrographic analyses of ash 


Manuscript received May 6, 1957. This paper was prepared for delivery before the Washington Meeting, May 12- 
16, 1957. 


Any discussion of this paper will appear in a Discussion Section to be published in the December 1958 Journal. 
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Uncoated Ebonex is not a suitable anode material for the generation of ozone. By contrast, Ebonex 
electroplated with PbO, can be highly stable in the forcing conditions essential to the formation of 
ozone and gives current yields comparable to lead dioxide on other substrates in both acid and neutral 


electrolytes. 


1. Introduction 


Ozone is now perceived to be an important chemical 
for the future with applications in the purification and 
sterilization of water, paper bleaching, synthesis etc. 
This is reflected in a number of papers describing 
studies of electrolytic ozone generation [1-9]. Indeed, 
these investigations have led to significant technologi- 
cal advances; the Membrel cell technology based on a 
solid polymer electrolyte (Nafion®) and a lead dioxide 
anode is commercially available [10-13] while a liquid 
electrolyte cell with a vitreous carbon anode, air 
cathode and concentrated fluoroboric acid electrolyte 
has been operated on a pilot scale [14, 15]. 

It is now generally agreed that a high current 
efficiency for ozone is favoured: (a) by the use of a 
concentrated acidic electrolyte [l, 4, 14, 15] (although 
ozone can also be produced in somewhat lower 
yields in some neutral media such as phosphate 
buffers [2, 6]); (b) by media with added fluoride 
or based on fluoride containing anions [2, 4, 9, 14, 15] 
(adsorption of anions is considered to be a key factor 
determining the yield of ozone [3, 9]); (c) by a high 
current density [1, 2, 4] since ozone is only formed at 
more positive potentials than oxygen evolution (where 
anode stability becomes a critical consideration); (d) 
by a high oxygen overpotential anode [4, 9] to mini- 
mize the co-evolution of oxygen — PbO, [1-13] and 
vitreous carbon [14, 15] are recommended materials; 
and (e) by cooling of the anode/electrolyte interface 
and some workers have proposed the use of very low 
temperatures [3, 4, 14, 15]. 

Ebonex®* is a conducting ceramic material mainly 
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composed of the Magnéli phase titanium oxides, Ti,O, 
and Ti,O, [16-19]. It has been reported to have several 
properties which led us to believe that it should be 
investigated as an anode for ozone formation. It has a 
high oxygen overpotential [20], it is stable in fluoride 
containing media [2], 22] and is an excellent substrate 
for lead dioxide [22, 23]; other aspects of the electro- 
chemistry of Ebonex® are discussed in two other 
recent papers [24, 25]. Hence, in this paper, ozone 
formation at both bare and PbO, coated electrodes is 
considered. 


2. Experimental details 


Ebonex® and PbO,/Ebonex® electrodes were sup- 
plied as sheets by Ebonex Technologies Inc. The 
lead dioxide was electroplated onto the Ebonex® 
and its thickness was estimated to be 200ym by 
scanning electron microscopy. For potential sweep 
experiments, an Ebonex® disc electrode, area 
0.07cm’ was constructed and cleaned as described 
in [25]. The vitreous carbon electrode was a disc, 
area 0.07cm’, sealed in glass and was polished 
before use with 0.3 um and 0.05 ym alumina powder. 
The Ebonex®/PbO, electrode, area 0.7cm’*, was 
cut in the shape of a spade from a sheet using a 
diamond tipped saw. In order to provide electrical 
contact, a copper wire was attached to the electrode 
using silver loaded epoxy cement (RS Components 
552-652). The spade electrode was then sealed into a 
glass tube using an epoxy resin (A24~100, Philip 


* Ebonex® is a registered trademark. 
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Harris Scientific) and the back and sides of the elec- 
trode were insulated using a coating of Lacomit 
(G371, Agar Aids). Teflon tape was wrapped around 
the stem of the spade and the epoxy resin to prevent 
exposure to the electrolyte. 

All voltammetry was carried out in a three elec- 
trode, two compartment cell. The counter electrode 
was a platinum ring and the saturated calomel elec- 
trode was mounted in a separate compartment con- 
nected to the working electrode via a Luggin capillary. 
Voltammograms were recorded using a Hi-Tek Instru- 
ments potentiostat (model DT 2101) and function 
generator (model PPR1) with a Gould (model 60000) 
X-Y recorder. The electrochemical cell was cooled in 
an ice bath. 

For the constant current electrolyses, a vitreous 
carbon rod electrode, area 1.23cm’, was used. The 
Ebonex® and PbO,/Ebonex® spade electrodes were 
constructed as described above. Nearly all of ihe 
experiments were carried out in an _ undivided 
H-type cell. A platinum gauze was used as a counter 
electrode. During the electrolyses, nitrogen gas 
was passed through both sides of the cell and the 
gas off take from the anode was bubbled through 
_a phosphate buffered solution of 1.0M KI, pH5.8. 
The iodine formed from the oxidation of iodide 
with ozone was determined, after acidification (10 ml 
of 6M H,SO,) of the phosphate buffer solution, 
by titration with sodium thiosulphate (0.01 M). 
Starch solution was used as an indicator. A Dreschel 
botile was also connected to the catholyte side 
of the cell in order to balance the pressures within 
the cell. The electrolyte was cooled by immersing the 
cell in an ice/acetone or ice/salt bath. The electrolyses 
were run for one to four hours depending on the 
selected current density. The constant current source 
was the potentiostat which had been converted to a 
galvanostat by the insertion of a resistor between the 
working and reference inputs. The cell voltage was 
monitored using a Fluke Digital Multimeter (model 
8050A). 

All solutions were prepared from triply distilled 
water and high quality chemicals. 


3. Results 
3.1. Potential sweep experiments 


Current—potential responses were recorded using 
potential sweep procedures over the potential range 
where ozone formation was to be expected for anodes 
of vitreous carbon, Ebonex® and Ebonex® electro- 
plated with a layer of lead dioxide. In general, the 
curves were almost featureless showing only an anodic 
current which increased up to the positive limit; 
Fig. 1 shows a typical set of curves recorded when 
the electrolyte is 7.7M (48wt%) HBF,. Clearly, 
there are no features which could be interpreted in 
terms of a change in product from oxygen to ozone. 
The potentials required for the passage of 0.15 Acm~* 
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Fig. 1. Current-potential curves recorded in 7.7 M fluoroboric acid 
at 273K. The electrodes were (a) Ebonex®/lead dioxide (b) Ebonex® 
(c} vitreous carbon. Potential scan rate: 50mVs~!. 


are: 
vitreous carbon + 3.46 V/SCE 
Ebonex® + 3.26 V/SCE 
Ebonex®/lead dioxide + 2.66 V/SCE 


3.2. Electrolyses 


Foller and Goodwin [14, 15] have reported excellent 
yields of ozone using cells with a vitreous carbon 
anode, temperatures in the range 263-273K and 
48 wt% HBF, as the electrolyte. Hence, this was 
selected as the medium for the initial experiments and 
an electrolysis using these conditions and a current 
density of 0.4Acm~”? led to the formation of ozone 
with a current efficiency of 39%, very similar to that 
reported by Foller and Goodwin [14, 15]. It was also 
confirmed that the vitreous carbon anode showed no 
sign of corrosion, at least on the hours timescale. 
When the vitreous carbon anode was replaced by a 
bare Ebonex® anode, however, the results degraded 
catastrophically. Over a series of experiments where 
several electrolysis parameters were varied (for example: 
current density 0.003-0.40Acm~’, porosity of the 
Ebonex® 0-25%, HBF, concentration 1.4-7.7 M), the 
current efficiencies for ozone formation were always in 
the range 0 to 0.6%. Moreover, in many experiments 
the Ebonex® was severely corroded; in some cases, a 
passivating white film was formed on the surface while 
in others, the Ebonex® flaked or led to a white pre- 
cipitate in the anode compartment. In the worst case, 
the Ebonex® lost all its conducting and ceramic 
properties and was converted to a flexible, white paste. 
The corrosion was worst at high current densities in 
the strong acid media. On the other hand, at low 
current densities where the formation of ozone was 
considered unlikely, <30mAcm~*, the Ebonex® 
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Table I. Current efficiencies for ozone and electrode stability during 
electralyses in aqueous fluoroboric acid. Electralyte temperature 
270 + 5K. 


[HAF, JM Tf Current Eff./% Evidence for PbO, 
Acm~? corrosion 
77 0.8 15.5 Electrolyte discoloured. 
Brown deposit in cell. 
Metal deposit on cathode. 
0.4 14.6 Electrolyte discoloured. 
Brown deposit in cell. 
0.2 98 Electrolyte discoloured. 
Brown deposit in cell. 
0.05 10.1 None 
0.025 8.3 None 
0.005 0 None 
6.0 0.4 7S None 
3.5 0.4 75 None 
1.4 0.4 V7 None 
0.2 8.1 None 
0.05 6.9 None 
0,025 4l None 
0.005 0 None 
0.1 0.4 7.6 None 
0.05 0.4 71 None 


appeared to be stable [21, 22]. A few electrolyses were 
also carried out with an aqueous phosphate buffer as 
the electrolyte and although the Ebonex® was stable 
to corrosion, no significant ozone formation occurred. 

In view of these disappointing results, it was decided 
to investigate the performance of Ebonex® coated 
with lead dioxide. It will be seen that the results improve 
significantly and it should be stressed immediately 
that there was never evidence for corrosion of the 
Ebonex® substrate. The reason can be seen in Fig. |; 
the potential of the PbO, surface is always markedly 
lower than the bare Ebonex® when current is passing. 
Table | reports the current efficiencies for ozone for- 
mation and comments on the stability of the lead 
dioxide during a series of electrolyses carried out with 
a PbO,/Ebonex® anode in fluoroboric acid. The 
variables were the concentration of acid and the cur- 
rent density. It can be seen that the maximum current 
efficiency for ozone is about 15%, a value which com- 
pares well with that reported by Foller and Tobias [4]. 
Regrettably, however, the highest current efficiencies 
are observed at high current density and acid concen- 
tration where the lead dioxide is least stable. Slow 
corrosion is indicated by a yellow discolouration 
which probably results from colloidal PbO, particles 
in the electrolyte. Rather faster corrosion leads to the 
deposition of PbO, in the base of the cell and obvious 
loss of material from the anode surface during extended 
electrolyses. In extreme conditions, a lead metal deposit 
was observed on the cathode and this may be further 
evidence that a soluble lead species is formed in con- 
centrated HBF, [5]. It is, on the other hand, not dif- 
ficult to define conditions where the lead dioxide 
appears to be completely stable and the yield of ozone 
is 7-10%; this can be achieved either by lowering the 
current density or the fluoroboric acid concentration. 

Electrolyses were also carried out in neutral media 
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Table 2. Current efficiencies for ozone during electralyses in neutral 
aqueous media. Electrolyses carried out at room temperature. The pH 
of the phosphate buffers were 7.4 


Electrolyte Tj Current efficiency} 
Acm~” % 
1M Na,SO, 0.4 5.1 
0.52M K,HPO, 0.4 5.5 
0.22M KH,PO, 
0.52M K,HPO, 0.4 11.7 
0.22M KH,PO, 
2.5mM NaF 
70mM K,HPO, 0.4 6.9 
30mM KH, PO, 0.6 71 
70mM K,HPO, 0.4 10.5 
30mM KH, PO, 0.1 9.5 
2.5mM NaF 0.025 Sz. 
7mM K,HPO, 0.1 5.9 
3mM KH,PO, 0.025 3.9 
2.5mM NaF 


and the results are reported in Table 2. In these media 
there is no evidence for corrosion of either the lead 
dioxide coating or the Ebonex substrate and the elec- 
trodes can certainly be used for several electrolyses 
without any loss in performance. The current efficien- 
cies are comparable to those reported by Wabner et al. 
[2, 6] for PbO, on titanium. Of particular interest were 
the experiments with low concentrations of phosphate 
buffer; it remains possible to obtain a current efficiency 
> 10% in the 0.1 M buffer and some ozone is formed 
even when the current density is as low as 25mAcm~’. 
The advantage of fluoride ion in the electrolyte is also 
confirmed [2, 6]. 


4. Discussion 


The current efficiencies at PbO, are always low com- 
pared to those at vitreous carbon and the energy 
consumption of a cell with a PbO, anode is likely to be 
much too high to consider the technology for the 
preparation of ozone on a large scale. There are, 
however, other applications of ozone where the cur- 
rent efficiency and energy consumption are likely not 
to be critical. An example would be the (continuous) 
sterilization of a closed volume of water where, in 
some cases, a low concentration of phosphate buffer 
(and perhaps fluoride ion) would not be deleterious. 
As might be expected, the current efficiencies for 
ozone generation at PbO,/Ebonex® are similar to 
PbO, on other substrates. On the other hand, we 
believe that the lifetime of the Ebonex® substrate 
anodes will be much longer than those with a titanium 
substrate, especially in media containing fluoride or 
fluorinated anions; titanium is known to corrode in 
fluoride containing media, while Ebonex® has proved 
stable in such solutions during extended trials [2 1-23]. 
Hence, we plan further, long term tests of PbO,/ 
Ebonex® anodes for ozone generation in appropriate 
media and cell configurations. 
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ABSTRACT 


Lead dioxide deposited on graphite or carbon was used to make anodes 
suitable for the preparation of sodium perchlorate from sodium chlorate. This 


type of anode has been used successfully in the presence of certain addition 
agents as a replacement for platinum anode, The influence of anodic current 
density, temperature, pH, current concentration. and duration of electrolysis 
on the current efficiency of perchlorate formation was studied. Current effi- 
ciency was found to depend on anode surface transformation, which occurred 
with repeated use, Such changes could be observed visually and were confirmed 
by anode potential measurements. High current efficiency could be obtained 
even under slightly alkaline conditions of electrolysis, but addition of fluoride 
improved results. Addition of fluoride together with sulfate (us sulfuric acid) 
had the maximum effect on current efficiency under acidic conditions of pil 


This investigation is a result of preliminary studies 
carried out with the ultimate objective of setting up 
a pilot production unit to meet the requirements of 
perchlorates in India. 

Use of platinum as anode material in the prepara- 
tion of perchlorate from chlorate is well known. 
Many workers (1-6) have reported results obtained 
by using this anode in the preparation of perchio- 
rates. The mechanism of anodic formation of per- 


chlorates from chlorates, employing platinusn anvce>. 
has also been studied (7-10). 

The high cost of platinum prompted several 4t- 
tempts to replace it by a cheaper material. In recent 
years, lead dioxide as the anode has been very much 
in evidence. This 1s seen in the considerable amount 
of work which has been carried out to obtain oxide 
deposits in a form suitable for use as anode in oxida- 
tion of chlorate to perchlorate. 
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Table }. Comparative statement of results obtained by different workers using lead dioxide anode 


Conditions Japancse workers (11-13) 


e material Lead dioxide coated over 


iron or nickel from lead 


Angel & Mellquist (17) 


Grigeger et al. (18) Schumacher et al. (19) 


Lead dioxide coated Lead dioxide on Lead dioxide deposited 
on iron from tar- 


tantalum wire, on platinum clad tan- 


nitrate bath trate bath rod or screen talum wires from lead 
from lead ni- nitrate bath 
trate bath 
Hlectrolyte Saturated solution of so- Saturated solution 600 g/lofsodium 500 g/l of sodium chlo- 
dium chlorate at 20°C of sodium chlo- chlorate rate 
rate 
Addition agents 2 g/) Nak 2 g/l K.Cr:0,; 2.08 g/l K2S.0s 0.5 g/) NaF 
Cathode Stainless steel Mild steel Stainless stee! Nickel or stainless steel 
Bath voltage 4.5-5.0v 4.9-6.2 v 5.0-6.5 v 4.75-5.1 v 
Anode current 20-31 amp/dm’ 20 amp/dm’ 30 amp/dm? 15.5 amp/dm’” 
 densily 
Cathode current = _ 7,25 arnp/dm? 
density 
Temperature 29°-30°C 20°-25°C 25°-35°C 30°-45°C 
pH = — 6.0-6.9 (controlled by 
18% HCl) 
Current concen- 80 amp/\ — — 
tration 
Current efficiency 70-71% 72-79% 61.2-75% 83.0-91.5% 
Energy consump- 3.18-3.3 kwh/kg of NaClO, — 1,041.23 kwh/ib of 
Naclo, 


tion (DC) 


Preparation of lead dioxide electrodes in various 
sizes and shapes by deposition on nickel or iron base 
materials fur the preparation of perchlorates was re- 
ported by Japanese workers (11-16). Ange! and 


Mellquist (17) reported the use of lead dionide 
anodic prepared from a tartrate bath for the electro- 
lytic Syeparation of perchlorates. Recently. Gri : 
et ai. (18) reported on the use of lead diowide de- 


posited on tantalum, with the addition of 2.08 g/l of 
potassium persulfate to the electrolyte to increase 
current efficiency of perchlorate formation. Schu- 
macher et al. (19) employed a lead dioxide anode 
coated over platinum clad tantalum. 

Although the optimum conditions for electrolysis 
of chlorate to perchlorate using lead dioxide anades 
have been described by earlier workers (Table 1), 
thers does not appear to be good agreement in cur- 
rent otictency and in operating conditions of the cell. 
Earlier methods for obtaining suitable electrodes 
are not considered to be practical. For this reason, 
conditions for electrolytic production of perchlorate 
on a laboratory scale using a lead dioxide anode pre- 
Pared by a procedure developed in this laboratory 
(20. 21) were investigated. The influence of addi- 
tion agents and pH also was studied in an attempt 
lo arrive at optimum conditions for the process. 

Lead dioride anodes.—The lead dioxide anode 
used bv earlier workers was prepared by deposition 
ml! oe same from a lead nitrate bath using tantalum 
or Blatinum clad tantalum as base material (18, 19). 
The use of iron and nickel ag base materials for 
deposition of lead dioxide also has been mentioned 
In the literature (11, 12, 16), 

The lead dioxide anode used in this investigation 
Was prepared by depositing tne oxide in a smooth 
and adherent form on graphite or carbon base mate- 
‘ial from a lead nitrate bath. Either a rotating tech- 
Mique for cylindrical rods, or a to-and-fro motion 


chnique for plate electrodes (20, 21), was used. 
) lead dioxide coating 0.5 to 1.0 mm thick proved 
) be just as effective as thick deposits, such as used 
earlier workers (13, 18, 19). The graphite or 
warbon core acts as a support for deposited brittle 
lead dioxide and also serves as electrical contact for 
the same, thereby leading the current to the active 
anode. This type of anode allows preparation of 
light weight electrodes of desired dimensions to 
handle large currents on a commercial scale. 


Experimental 


Cell assembly.—The cell assembly consisted of a 
250 ml tall-form beaker with a cell cover made of 
“perspex” with holes to introduce anode, cathode, 
and thermometer. The cell was placed in an outer 
vessel containing water and ice to control the tem- 
perature of the electrolyte in the cell. Two bent, 
perforated stainless steel plates (5.5 x 8.5 cm) acted 
as cathodes. Lead dioxide deposited on cylindrical 
eraphite was used as anode (1.2 cm diameter x 8.0 
em long). Anode-cathode spacing was 1.5 cm. 

Electrolyte.—The electrolyte was prepared by dis- 
salving 600 ¢ of sodium chlorate of A.R. quality 
in water to give 1000 ml of solution. The initial 
chlorate content of this solution was determined by 
the iodometric method (23). 

Electrolysis.—In each electrolysis 200 ml of elec- 
trolyte was used. A selenium rectifier provided direct 
current. In each experiment the quantity of elec- 
tricity theoretically required for complete conver- 
sion of chlorate to perchlorate (i.e., 2 Faradays) was 
passed unless otherwise stated. 

Earlier it was established (6) that current effi- 
ciency calculated on the basis of perchlorate formed 
in an experiment by actual analysis with titanium 
trichloride (24) was within 1% of the value of cur- 
rent efficiency cilculated by finding out the amount 
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Table Il. Results of the preliminary investigation on perchlorate preparation 


Anode. PbO: cathode, cabalt-tungsten alioyv plated mild steel rods: volume of electrolyte, 850 m1: 
temperature, 35°-45°C; pH, 6.4-6.8 imaintained by the addition of hydrochloric acid: 


Final Current 
chlorate efficiency. ¢ 
Initlal concentra- Anode - : 
chlorate tion after Current eurrent Half the Then. 
Expt. concentra- theoretical Addition passed, density, Bath theore!- retical 
Noa. Motion of anode tion, g/? time, g 1 agen! amp amp/dm= voltage, v ical time time 
1 Stationary 582.2 250.3 2 ¢/) NaF 18 14.9 4.4 63.) ATG 
2 Stationary 582.2 133.2 2 ¢/1 NaF 32 26.6 4,8-5.2 80.1 75 
3: Stationary 593.2 147.4 2 g/! NaF 31 26.4 4.7-5.2 90.4 74.9 
4. Stationary 572.3 142.4 2e/l NaF 2 26.8 4.9-5.2 88.5 74.9 
3 Stationary 493.9 261.3 % g/l NaF 39 35.1 5.8 46.7 46.9 
6 Stationary 616.9 317.5 Nii 31 26.4 5.0-5.4 51.9 46.9 
7 Rotation 1000-1250 rpm 580.2 374.5 Nil 32 26.8 5.1-5.2 41.1 34.4 
of chlorate used up employing icdometry. The latter successfully. In subsequent experiments, however, 
method therefore was adopted. A known amount of stainless steel cathodes were emploved. 
electrolyte (5 ml) was pipetted out for analvsis, after Effect of addirion agents.—Angel and Mellquist 
electrolysis for half the theoretical time and alse (17) reported that reasonable current efficiency [(72- 
after full theoretiasd: ‘emt. Pasudiea vi exermreatis TP thon oer rove frrmatinn. wudd ha aba ad 
showing the effect of addition agent, anodic current without any addition agent using lead dionide . \)- 
density, pH. current concentration, temperature, and odes prepared by depositing from tartrate bath. 
duration of electrolysis on current efficiency of per- Others (11-14) showed that practical efficiencies 
chlorate formation are given in the attached tables. could be obtained only by adding 2 g/] sodium fiuc- 
Experiments were carried out in duplicate. and re- ride when lead dioxide anodes were prepared bv de- 
sults were found to be reproducible within experi- positing from a lead nitrate bath. Schumacher et al. 


mental error. (19) restudied that work and obtained best results 
Discussion of results —Table I] gives the results with addition of only 6.5 g/] sodium fluoride to the 


of preliminary experiments using a 1 in. diameter electrolyte. The use of persulfate as addition agent 
cylindrical lead dioxide anode. Experiments 2 to 4 instead of fluoride has been reported recently (14). 
show that 75% current efficiency could be obtained Data in Table IT] indicate that without any ad =) 
using cobalt-tungsten alloy deposited cathodes at an agent current efficiency is very low. Normaliy elec- 
anodic current density of 26.6 amp/dm’ at a pH at tralvsis is carried out under acidic conditions (veiow 
6.4-6.8. Both higher and Jower current density de- pH 7) ox the addition of either hydrochloric ar per- 
creased current efficiency as seen by experiments chioric acid (25). The addition of sulfuric instead 
5 and 1. Rotation of the anode lowered current effi- of hxdrochloric acid was tried and gave better re- 


ciency as seen by experiments 6 and 7. It has been sults. This may be due to oxidation of SO, ta S.O. 
confirmed that sodium fluoride in the electrolyte which in turn gives a better efficiency as found ear- 


leads to an increase of current efficiency of per- lier by Bennett and Mack (8) and later by Grigger 
chlorate formation. Schumacher (19), after exhaus- er al. (18) who emploved persulfate as addition 
tive investigation, found that nickel or stainless agent. The presence of both sodium flueride and 
steel were the best cathodes for perchlorate prepara- sulfuric acid gave still better results. 

tion, but m these experiments cobalt-tungsten alloy Under alkaline conditions current efficiency (Table 


plated (22) mild steel rods have been emploved Il]. experiment 5) was as good as that obtained 


Table Ill. Effect of addition agenrs on current efficiency 


Anode, PoOs—stationary. previously used anodes: cathodic, stainless steel; volume of electrotvte, 200 ml: 
anode current density, 23.2 amp/dnr*; current concentration, $5.0 anmip 1: temperature, 28°-30°C 


Curren! 
Final chlorate efficiencs’. 
Tnitla) concentra- —_— ae 
chlorate tion after Half the Theo- 
Expt. concen- theoretical Bath theoret- retical 
a. tration, g/l time, g/l Addiuan agents pH vollage, \ ical time Time 
tal Acidic candition y 
i 609.0 324.9 9 ml of 8.11N HC] 6.6-6.8 45 53.0 42.2 
2, 609.0 233.3 3.1 ml] of 3.11N H-SO, 6.6-6.8 44-45 70.1 57.6 
3. 609.0 147.7 2 ¢/l NaF + 6.2mlof3.11N HC] 6.6-6.8 4.5 84.2 73.0 
4. (a) 609.0 94.6 2 g/| NaF + 3.0 ml of 3.11N H-SO, 6.6-6.8 45 93.6 82.3 
(b) 613.0 - 89.1 2 g/l NaF + 2.3 ml of 3.11N HeSO. 6.6-6.8 43 94.52 82.8 
; tb} Alkaline condition 4 
5. 607.0 156.9 No addition agent 8-10.9 4.5-4.7 80.6 71. 
6. 607.0 88.5 2e/1 NaF 8-10.8 4.3-4.4 93.0 ge 
7. 599.5 237.3 3.35 g/l of NaSO, 8.2-10.6 4.7-4.8 64.2 se 
8. 599.5 124.8 3.35 g/lofNaSO + 2¢/1 NaF 8.2-10.5 4.2-4.5 86.5 76. 


* Fresh anode. 
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Table IV. Effect of pH on current efficiency 


Anode, PbOe—stationary, previously used anodes: cathode, stainless steel; volume of electrolyte, 200 ml: 
current density, 23.2 amp/dm*; current concentration, 35.0 arnp/l; temperature, 28°-30°C 


Final 
chlorate 
Initial concentra- 
iacaueas theoretical Addition 
— ; ied at ume, g/1 “agents pH 
7 609.0 = 147.7 2 g/| NaF 6.8-6.8 
2. 609.0 94.56 2¢/] NaF 6.6-6.8 
3. 599.5 128.7 = 6.0-10.4 
4. 807.0 116.6 = 6.9-10.7 
5. (a) 609.0 124.7 —_— 8.0-11.0 
(b) 599.5 119.3 — 8.0-10.9 
6. 599.5 115.4 —_ 9.0-10.7 
1. 607.0 112.7 a 10.0-10.8 
8. 399.5 116.6 2 e/l NaF 6,6-10.8 
9. (a) 07.0 88.5 2 ¢/1 NaF 8.0-10.8 
, 607.0 96.5 22/1 NaF 8.9-10.9 
10. 609.0 77.8 2 g/| NaF 8.5-11.0 


under acidic conditions bx addition of hydrochloric 
acid (Table III, experiment 3) and was further im- 
proved by the addition of fluoride (Table ITI, ex- 
periment 6). Addition of sodium sulfate, however, 
was found to lower current efficiency slightly under 
alkaline conditions of electrolysis (compare expen- 
ments 6 and 8 as well as 5 and 7. respectively. in 


Table IIT). 

: of pH.—The effect of pH alone does not ap- 
pea, ta have been studied systematically Dx previous 
workers. It is taken for granted that oxidation should 


be carried out under acidic conditions. Using plan- 
num anodes, several workers (7-9) reported low 
efficiencies for alkaline conditions of electrolysis al- 
though high current efficiency was reported by Ham- 
pel und Leppla (5). The authors noted that the pH 
of the bath becomes alkaline during electrolysis and 
the efficiency remains fairly high when using lead 
divie anodes under these conditions. If the starting 
pl in the alkaline side (approximately pH 8), cell 


yoltage, v 


Current 
efficiency, % 


Half the 
theoret- Theoret- 
icaltime ical time 


Bath 
Remarks 


pH maintained by addition of 


45 73,0 
6.2 mi of 3.11N HCl. 

4.5 93.6 82.3 pH maintained by addition of 
3 m! of 3.11N H-SO.. 

4.5-4.6 85.1 74.4 After initial pH adjustment, 
no acid was added during 
electrolysis. 

4.5-4.6 83.7 78.6 

4.5-4.6 91.2 77.8 

4.34.6 88.8 T17 

4.4-4.6 85.0 77.8 

4.3-4.5 89.0 79.8 

4.2-4.6 91.4 77.5 

4.3-4.4 93.0 83.1 

4.6-4.7 89.0 81.2 

454.7 SL7 84.9 - 


efficiency is improved and the presence of fluoride 
improves it even more. : 

When the starting pH was 8, it was observed that 
the pH of the electrolyte in the immediate vicinity 
of the anode was acidic (pH 2-3 as found by a few 
drops taken out with a glass rod and tested with pH 

indicator paper), but the final bath pH approached 


11. Above this value of pH, disintegration as well as 


dissolution of the anode has been observed, leading 
sometimes to deposition of lead on the cathode. 
Experiments in Table IV were all carried out with 
used lead dioxide anodes. Experiments | and 2 show 
the effect of maintaining pH during electrolysis by 
addition of hydrochloric acid or sulfuric acid with 
the addition of sodium fluoride also, a difference of 
nearly 9.3% in current efficiency being obtained. If 
the pH of the electrolyte is adjusted to 6.0 and 
then allowed to rise during electrolysis, as usually 
happens. the current efficiency was only 74.4%. Ex- 
periments 3 to 7 show the influence of starting pH on 


Toble V. Effect of current density and current concentration on current efficiency 


Anode, PbO.—stationsry. previously used anodes: cathode, stainless steel: 


voiume af electrolyte. 200 ml. addition agent. 2 g/1 NaF: temperature, 30°C 
Final Current ) 
chlorate efficiency, % 
Initial eoncentra~ Anode Current 2 — — = 
. chlorate tion after current concen- Half the 
Exp. concentra- theoreticn] density. tration, Bath theoret- Theoret- 
tion, gv lime. gy) amp, dm! ump i voltage, ¥ ical time ical time Remarks 
cat pt: @.0-11.5 

509.0 17.3 2372 35.0 4.5-4.7 91.7 84.9 

~ S11.5 85.1 30.0 45.0 4.8-4.7 95.6 84.1 

3. 603.5 63.1 40.0 45.0 4.8-5.3 94.6 88.1 

4. 603.5 70.5 40.0 60.0 9.1-5.3 95.2 86.6 

5. 603.5 63.1 50.0 45.0 5.2-5.6 96.4 88.1 

6. 603.5 74.2 50.0 79.0 3.8-6.1 94.0 85.9 

(b) pH: 6.B-6.8 

7. 613.0 89.5 {5.3 23.0 3. 94.3 82.9 2.1 ml of 3.11N H.SO, added 
8. (a) 597.5 66.8 23.2 35.0 4.3-4.6 93.4 86.8 2.7m] of 3.11N H.SO, added 
ih) 613.0 89.0 23.2 35.0 4.3 94.5 82.8 2.3 ml of 3.11N HsSO, added 
8. fa) 597.5 155.7 30.0 43.0 4.5-4.9 77.2 71.3 3.0 ml of 3.LIN HeSO, added 
) 613.0 137.4 30.0 45.5 4.5-4.8 76.4 74.8 3.1 ml of 3.11N H-SO, added 
i 597.5 163.4 39.8 45.0 4.3-4.8 82.2 70.0 3.7 mi of 3.11N HeSO, added 
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the current efficiency obtained. A starting pH of 7 or 
higher gave almost identical] current efficiency. Acidic 
starting conditions (pH 6) give low efficiencies. The 
influence of pH is perhaps not as much evident with 
a used anode as with a fresh anode, This is seen from 
experiments ), 3, and 5 in Table VII where the start- 
ing pH of the electrolyte with fresh anodes is 6.1, 7.0. 
and 8.0, respectively. The current efficiency figures 
under these conditions were 52.6%, 61.0%. and 
71.29. It also was abserved that the surface trans- 
formation of the anode referred to below is favored 
by high pH. This explains why the intluence of pH 
becomes less marked in the case of anodes which 
have already been used, as in the experiments in 
Table 1V. Experiments 8, 9. and 10 again show the 
influence of starting pH, 6.6, 8.0. and 8.9: the corre- 
sponding current efficiencies being 77.5, 82.2 (aver- 
age of two experiments), and 84.9%. It can be argued 
that the influence of pH is not very significant and 
trends are due only to experimental errors. The def- 
inite increase in current efficiency observed in the 3 
sets of experiments referred to above in passing from 
acidic to alkaline starting condition cannot be just 
due to error or to chance alone. It can, therefore, be 
stated that the perchlorate formation at lead dioxide 
anode is influenced by the pH of the electrolyte used. 

Effect of current density and current concentra- 
tion.—Experiments 1, 2, 3, and 5 in Table V show 
that current efficiency is almost independent of cur- 
rent density employed in the range 23.2-50 amp/dm: 
under alkaline pH condition of electrolysis. Current 
concentration normally is not expected to affect this 
reaction which takes place at electrode surface. 
However, it has been observed that the pH at the 
immediate vicinity of the anode is highly acidic and 
different from that of the bulk pH and therefore is 
very much affected by the current concentration and 
hence the geometry of the cell. The comparatively 
small influence of pH on the current efficiency ob- 
served also has shown itself in current concentration 
studies under alkaline conditions of electrolysis. At 
40 amp/dm’* increase of current concentration from 
40 to 65 amp/! decreased current efficiency from 88.1 
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to 86.6%. Similarly, at 50 amp/dm’, increase of cur. 
rent concentration from 45 to 75 amp/! decreaseg 
current efficiency from 88.1%. to 85.99... The effect, 
although small, is definitely observed. The sirgul. 
taneous increase of cell-voltage is also to be noted 
especially fram the point of view of cell design ang 
conditions for commercial scale production. In ex- 
periments under acidic conditions, the study wus 
carried oul with simultaneous change of both current 
Gensity and current concentration. One point is «| 
vious from this. The corresponding increase of ¢ 
rent concentration resulting from an increase of 
current density in a given cell greatly contributes to 
the pH of the anode diffusion Javer and the low pH 
developed is obviously detrimental] in maintaining 
current efficiency so that it drops from 84.8°. [aver- 
age of experiments 8(a) and (b), to 70%, experiment 
10]. This explains the influence of high current den- 
sity on the current efficiency of perchlorate forma- 
tion under acidic conditions of electrolysis. At low 
current densities. the anode potential does not atin 
a value high enough for the perchlorate formation to 
occur at an appreciable rate sa that the eificiency 
is low. An optimum current density for highest cur- 
rent efficiency has thus been found under acidic con- 
ditions of electrolvsis. 

Effecr of temperature—Table VI shows that cur- 
rent efficiency is affected differently depending on 
whether acidic or alkaline pH conditions are used 
to start with, Thus it could be seen from experiments 
1 to 4 in Table VI that. when the starting pH of the 
electrolyte is 8, current efficiency dropped from €2,1 
to &3.8°,. on increasing the bath temperature trom 
30° to 60°C (2.38% decrease for 30° increase) which 
is not very significant. However, increase of tem- 
perature to 75°C not only decreased current effi- 
ciency but also disintegrated the anode, When the pH 
is maintained by addition of acid at 6.6 to 6.8 as Is 
done usually, it is observed that a maximum current 
efficiency is obtained for an optimum temperature 
condition (30°C). thereby making it imperative to 
maintain the temperature at this desired level to ob- 
tain this efficiency. Experiments 8 to 11 show a 


— 


Table Vl. EHect of temperature on current efficiency 


Anode, PbO:—stationary. previously used anodes: 


volume of electrolyte, 200 


cathode, stainless steel; 
ml; addition agent. 2 g/] NaF 


Current 
Final chlorate efficiency, % 
Initial concentra~ — 
chlorate tion atter Half the 
Expl. concentra- theoretical Bath theoret- Theoret- 
No. ton, B/1 time, g/i Temp, °C voltage, v ical time ical time Remarks 
(a) Alkaline condition: (pH: 8 to 11.5); anode current density, 40 amp/dm*; current concentration, 45 amp/;'! 
Ie 603.5 63.1 4.8-5.3 94.6 
2. 603.5 59.4 40 4.7-5.1 91.5 88.6 
3. 603.5 74.3 30 4,6-4.9 91.5 85.6 
4, 597.5 78.0 60 4.3-4.8 90.9 85.8 
5. 597.5 178.2 14 4$.5-4.7 49.8 66.2 Electrode became intense 
brown in color and dis- 
integrated 
(b) Acidic condition: (pH: 6.6 to 6.81; anode current density, 23.2 amp/dm*; current concentration, 35 amp/l 
6. 583.0 185.6 : 4.5-4.9 4.3 7.7 ml of 3.11N H.SO, added 
7. 614.5 147.7 20 4.2-4.4 94.7 74.2 2.5 ml of 3.11N H:SO, added 
8. 613.0 89.1 30 4.3 94.5 82.8 2.3 ml of 3.11N H»SO, added 
9. 583.0 106.5 35 4.0-4.2 81.0 79.3 2.9 m) of 3.11N H.SO, added 
10. 583.0 118.8 40 4.0 83.5 77.6 2.8 ml of 3.11N H.SO, added 
11. 604.5 154.5 60 3.9-4.1 88.6 71.5 3.2 ml of 3.11N H.SO. added 
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Table Vil. Effect of tresh and used anode on current efficiency 


Anorle, PoO-—stationary: cathode, stainless steel; volume of electrolyte, 200 mi; 
anode current density, 23.2 amp/dm®*; current concentration, 35 amp/l; temperature, 28°-30°C 


ee Current 
Final chlorate efficiency, % 
Initial concentra- ee 
chlorate lion, after Half the 
Nature concentra- theoretical Bath theoret- Theoret- 
Se of anode tion, g/! time, g/} Addition agents pH voltage, v iealtime fecal time 
! Fresh 607 225.2 a 6.1-10.9 4.2-4.5 57.1 52.6 
2. Used 399.5 128.7 oan 6.0-10.4 4.5-4.6 85.1 74.4 
3. ‘Fresh 607 209.2 as 7.0-41.0 4.3-4.7 61.8 61.0 
4. Used 607 116.6 — 6.9-10.7 4.5-4.6 83.7 78.6 
5. Fresh 607 156.9 = 8.0-10.9 4.5-4.7 80.6 71.2 
g. Used 599.5 119.3 = 8.0-10.9 4.3-4.6 88.8 181 
7. Fresn 615.5 173.2 2 g/l Nar 8.0-10.9 4.5-4.75 717.7 70.6 
8. Used 607.0 83.5 2 g/) NaF 8.0-10.8 43-44 93.0 83.1 
9. Fresh 613.0 143.2 2g/1 NaF + 3.2 ml of 3.11N H:SO, 6.6 4.5-4.8 81.2 73.6 
10. Used 613.0 89.1 2g/INaF+23mlof3i1NHSO, 6.6 4.3 94.5 828 


drop in current efficiency from 82.8 to 71.5% when 
the temperature was raised from the optimum level 
of 30°C to 80°C (11.38% drop for 30° increase}. 

The etfect of temperature on perchlorate formation 
has been ascribed to various factors by early work- 
ers in this field. According to Oechsli (7). the de- 
crease in perchlorate formation caused by the in- 
erease of ternperature at a given current density 
may be due to the increase in hydroxyl ion concen- 
tration caused by the increased dissociation of water 
at higher temperatures. Bennett and Mack (8) state 
that an increase in electrolyte temperature tends to 
lowe e active oxygen concentration and conse- 
quent, cives a lower oxidizing power. 

The elfect of temperature on current efficienev can 
be explained perhaps on the basis of extent of de- 
composition of chlorie acid at different temperatures. 
It is well known that all chemical reactions are ac- 
celerated by a rise in temperature due to activation 
energy effect. This is alsu true of the decomposition 
of chlome acid. Therefore. if is to be expected that a 
risé in temperature should bring about an increased 
rate 9)! decomposition and lowering of current effi- 
een 

Tl. rate of decomposition of chlorie acid also de- 
pends on the anode laver pH. According to Oechs!i 
(7), stability of chloric acid is favored greatly by 
diminished acidity. Therefore it is necessary to con- 
Sider the effect of rise in temperature on anode layer 
PH. Due to electrode reaction, anode laver pH would 
be lower than bulk pH. The extent of lowering how- 
ever would depend on diffusion which in turn is de- 
Pendent on temperature. Higher temperatures would 


be expected to bring about a rise in anode pH due to 
Mereused rate of diffusion. 


_ From the above discussion, it is clear that the rise 
in temperature has two opposite effects on current 
efficiency, viz. (i) decrease in current etficiency due 
to higher rate of decomposition of chloric acid caused 
by activation energy effects and (ii) Increase in cur- 
rent efficiency due to diminished instability of chloric 
acid caused by the rise in anode layer pH consequent 
on the ‘nerease of diffusion. The net effect would de- 
pens on which of the two would predominate. The 
MSG 0) surrent efficiency with temperiture up to the 
fsa “i as due presumably to the second factor 
Predcminating over the first, whereas above the op- 


timum temperature the opposite trend is to be inter- 
preted as due to the predominance of the first factor. 
The relatively low dependence of the current effi- 
ciency with temperature at a pH of 8.0 can be inter- 
preted as due to an approximate compensation of 
the two opposing factors referred to above. In this 
connection, it is of interest to note that anode layer 
pH was found to be 1 to 2 when bath pH was 6.6 to 
6.8. whereas it was 3 to 4 when bath pH7was 8 at 
room temperature. 

Effect of repeated use of anodes.—Results in Table 
VII show that current efficiency obtained with a 
tresh anode is lower than with an anode which has 


Fig. 1. Photograph showing fresh and used anodes (i) fresh 
anode, (ii) used anode. A, Graphite core; B, surface of de- 
posited lead dioxide; C, surface of lead dioxide after use. 
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DURATION OF ELECTROLYSIS (HOURS) 
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Fig. 2. Variation of current efficiency with duration of 
electrolysis, A, Acidic condition; B, alkaline condition. 


been used before. A fresh lead dioxide anode has a 
smooth, biack metallic sheen which svon changes to 
a brownish color on use. The addition of Auoride ac- 
celerates this change. Figure 1 is a photograph of 
the electrode showing the change that occurred dur- 
ing electrolysis. The development of the brown color 
always coincided with best anode performance. The 
cumulative current efficiency of perchlorate forma- 
tion is shown in Fig. 2 and was found to decrease 
with duration of electrolysis to a greater extent 
under acidic than under alkaline conditions. This is 
more so with low chlorate concentrations. 

Effect of chloride —Table VII shows the effect of 
the presence of chloride in the electrolyte. Concen- 
trations of sodium chloride Jess than 8.1 g/) do not 
affect the final efficiency, whereas copious evolution 
of chlorine occurred when more chloride was present, 
leading to poor efficiency by oxygen evolution due ta 
the highly alkaline conditions developed by electroi- 
ysis of sodium chloride and simultaneous formation 
of sodium hydroxide. 

Anode potential measurements.—Attempts were 
made to measure the anode potential using a Heath- 
kit vacuum tube voltmeter. It was observed that 
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under anv experimental conditions steady anode pui- 
tentia] could not be obtained. Therefore it is possible 
to make onlv certain general observations. The anode 
potentials measured vs. SCE are expressed on the 
hydrogen scale by adding 0.2377 v (at 30°C). The 
potentials generally were higher under alkaline con- 
ditions (2.45-2.75 v) than under acidic conditions 
(2.1-2.3 v). The surface transformation occurring as 
a result of the use Jed to high fluctuations in anode 
potential. Addition of fluoride and sulfate und: 
acidic conditions normally led Lo an increase in anc 
potential. especially with fresh anodes. The eflc 
Was erratic under alkaline conditions and was not 
great inextent. 

The optimum conditions of electrolysis for per- 
chiorate formation can be given as follows, although 
a fairly wide variation in conditions is possible when 
DH 1s alkaline. 


Alkaline Acidic 
condition condinen 
pH 8tostart with 6.4-6.8 
Anode current den- 40 amp/dny¥ 23.2 amp/dm 
s1ty 
Current coneentra- 45 amp/I 35 amp/} 
tion 
Addition agent 2 ¢/] NaF 2 g/l NaF + dil. 
H.SO, for pH 
maintenance 
Temperature 40°C 30°C 
Energy consumption 2.37 kwh 2.223 kwh 


per kg of NaClo, 
(D.C.) 
Conclusion 
In any case, it is definitely to be considered that 
perchlorate formation is believed to oceur at the 
anode surface as a result of adsorption of discharged 


Table VIII. Effect of chloride addition on current efficiency 


Anode, PbO-—stationary; cathode, stainless steel; volume of electrolyte, 200 ml: addition agent, 2 g/l NaF; 
anode current density. 40 omp/dm?: current concentration. 44 amp |: pH. 8.0 at the start and allowed to increase 


Final 
chlorate 
Initia) concentra- Initia} Final 
chlorate tion after chloride chloride 
Expt. concentra- theoretical concentra- concentra~ Durahon, 
No. tion, g/l time, g/l tion, g/] tion, g/) hr-min 
lf 614.5 —_ 50 39.20 1-20 
2. 614.5 — 29 — 0-30 
3. 614.5 199.3 12.3 4.06 6-50 
4. 614.5 106.5 8.13 1.35 6-50 
5. 614.5 147.7 4.10 2.70 6-50 


Bath Current effi- 

voltage, 4 ereney, “e Remarks 

4] — Copious evolution of chlorine: pH 
turned alkaline rapidly, surface 
of lead dioxide changed: solution 
turned brown: Pb deposition on 
cathode—experiment stopped 

4.0 — Copious evolution of chlorine: © 
turned alkaline rapidly, surfac 
of lead dioxide changed: solution 
turned brown; Po deposition of 
cathode—experiment stopped 

4.1-4.2 65.2 Evolution of Cl in the beginning: 
pH change gradual 

4.2 81.06 Cl. evolution only in the beginning: 
pH change gradual 

4.4-4.6 74.3 Cl. evolution in the initial stages 


(fresh PbO: anode was used): p!” 
change gradual 
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ehlorale radicals. This is assumed mainly because 
perchiorate formation takes place at a potential more 
asitive than for oxygen evolution at a platinum 
anode (10). This is analogous to the Kolbe reaction 
which also occurs on platinum at a potential more 
sitive than for oxygen evolution. We have aiso 
observed, by anode potential measurements on lead 
dioxide. that the reaction occurs at potentials more 
positive than the oxygen evolution patential on a 
lead woxide anode. Further. anode potentials are 
more positive under alkaline conditions than under 
acidic condition during electrolysis. The formation of 
perchlorate probably occurs mainly as a result of 
the reaction of the discharged chlorate radica] with 
water as indicated below. 


clo," > ClO, +e 
ClO, + H.O- HCl1O, + H’ +e 


This reaction shows that high acidity should develop 
at the anode interface, and actually during electrol- 
ysis 1) Was observed that the pH at the interface was 
Jower than the bulk pH. High acidity at the anode 
Jeads to decomposition of chloric acid and to lower- 
ing of current efficiency. Experiments carried out at 
different current concentrations under acidic and 
alkaline electrolyte conditions confirm this. Use of a 
rotating lead dioxide anode Jowers current erficiency 
especially when bulk pH is alkaline but the lowering 
is not as Much when bath pH is 6.6-6.8 (26). 


Whether bath pH is maintained alkaline or acidic 
il F cen observed that anode laver pH i: acidic 
and werchlorate formation occurs under an acidic 
environment, The degree of acidity determines the 


experimental conditions to give maximum current 
efficiency for perchlorate formation. This explains 
the varving current efficiency values reparted by 
different workers (see Table 1). The current density 
suggested by different workers therefore depends on 
the different pH conditions they emploved. One fac- 
tor which has been overlooked by earlier workers j 


Ls 


the) nsformation of the lead dioxide anode surface 
wh jefinitely appears to influence percniorate 
foriiation, The authors are at present investigating 


this aspect further and the results will be reported 
ina later communication. 
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High Current Density Chlorate Cell Using Platinized Anodes 


J. R. Newberry,*" W. C, Gardiner,** A. J. Hajmes,? and R. F. Fogle” . 


Olin Mathieson Chemical Corporation, New Haven, Connecticut 


ABSTRACT 


Sodium chlorate was preduced in a monopolar cell having 
titanium anodes and steel cathodes. A high current density was use 


latinized 
in order 


to minimize cell costs. A 144-amp cell was built and tested in a continuous 
experiment for 31 days. The energy requirements were 6300 kwhr d.c./ton 
NaClO;. The replacement platinum which may not have been optimized was 
shown as 5.3 g/ton NaClQ;. The cell operated at 1 amp/in.?, and 110°C. The cell 
feed contained approximately 190g NaCl and 330g NaClOy per liter. Cell efflu- 
ent contained 110g NaCl and 580g NaClO, per liter. The average cell voltage 
was 3.7. The pH was 6.7. This process is the subject of U.S. Patent 3,043,757. 
A cell with variable electrode spacings and height was used to indicate 
that \@ in. spacing would be preferred with electrodes 3 ft high in the com- 


mercial cell design. 


Sodium chlorate is prepared commercially by elec- 
trolyzing sodium chloride in an undivided cell to form 
hypochlorite, which in turn reacts chemically to form 
chlorate in the cell and/or associated vessels. 

The process has been described by Forester (1) and 
Knibbs and Palfreeman (2). Commercial cells with 
graphite anodes having become standard practice, the 
corrosion of graphite has dictated operation generally 
below 50°C. Current densities below 0.5 amp/in.*, and 
heat exchange devices to provide cooling, are cus- 
tomary. 

About the time that the possibilities for electrolyzing 
brine with platinized titanium electrodes were indi- 
cated (3), Olin had made some interesting observa- 
tions in chlorate cell studies. The cell voltage with 
platinized electrodes was lower than expected and, as 
a result, considerably higher current densities were 
possible when customary cell voltages were applied. 
Considering the expected stability of platinum, it was 
reasonable to explore operation at higher temperature. 
Increased temperature appeared practical and offered 
additional advantages involving increased solubility of 
chlorate. As more chlorate was soluble at higher 
temperature, the possibility of forming product crys- 
tals simply by cooling the cell efluent was apparent. 
Since cell effluents, relatively concentrated in chlorate, 
were feasible, it was possible to operate with more 
sodium chloride in the electrolyte. This increased con- 
centration of NaCl served to reduce both cell voltage 
and the formation of by-product perchlorate, This 
process was developed in a series of laboratory cells 
and when a reasonable approach to economics, com- 
petitive with those for conventional cells, was indi- 
cated a commercial cell and flow system were de- 
signed, 

Experimental and Results 

After exploratory experiments indicated a high cur- 
rent density might be used to justify the cost of plati- 
nized anodes, a 9-amp cell was designed using a 4-liter 
glass vessel placed on a hot plate with a magnetic 
stirrer. The vessel was closed with a 1-in.-thick Lucite 
cover carrying pH electrodes, leads for a level con- 
troller, anode and cathode leads, a thermometer, and 
connections for adding dilute hydrochloric acid and for 
removing cell gas and water vapor. A condenser sep~ 
arated water vapor from cell gas. The liquid level con- 
troller maintained 2.5 liters of electrolyte in the cell by 
actuating a valve to return condensate to make up for 
evaporation. A pH controller fed 1% hydrochloric 
acid to the cell to maintain the electrolyte at pH 7. 
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Patron Member Company, 
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The electrodes suspended from the cover by 1/16-in.- 
diameter metal wires were each 3 in. square and 1/16 
in, thick. They were completely submerged in the 
electrolyte. The anode was platinum-plated titanium 
and the cathode was either mild steel or platinized 
titanium. Spacers formed by making saw cuts in small 
Teflon strips were slipped over the bottom of the elec- 
trodes to maintain the distance at % in. 


Hy 


VACUUM 
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Fig. 1. Flowsheet of sodium chlorate process using platinized 
titanium anodes. 
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Fig, 2. Diegram of 144-amp monopolar cell. 


Vol. 116, No. 1 


HIGH CURRENT DENSITY CHLORATE CELL 115 


Table J. Typical data: 9-amp cell operated at 111°C 


Lb 

. % C.E. Kwhr d.c./ton HCI/ 

Hours NaCl-gpl NaClO-gpl pH Volts NaClO3 % C.E. Gas Chem, Gas ton 
2532 96 157 7143 3.90 93.5 _ 5770 —_ 35 
2556 92 150 7.0 3.92 98.5 94 5450 5770 54 
2580 89 735 6.85 3.97 78.5 88 6850 6240 5 
2604 91 710 6.6 3.98 60 92 7500 6030 12 
2629 109 689 6.95 4.00 100 93 5500 5940 15 
2701 97 795 6.65 4.40 95 96 6000 5800 28 
AVE. 96 739 6.9 4.03 87.6 93 6178 5956 25 


Table Il. Perchlorate formation as chloride is depleted 


Table IV. Platinized titanium anodes in "144-amp cell” 


Plated area 132 in.“, average thickness = 0.00017 in., 


Hours NaCl-gpl NaClOa-gpl NaClO,-gpl PH Volts current used 132 amp 
1673 93.7 152 1.39 6.6 3.58 Ampere-hours Wt loss, g g Pt/ton NaClO; 
1697 77.7 7185 3.27 6.9 3.67 
1720 60.5 791 4.22 6.85 3.72 
1747 34.5 821 4.55 7.0 3.77 50,618 0.2615 8.6 
1771 9.0 860 5.42 7.0 3.84 28,699 0.115 6.9 
1795 71.9 882 8.13 6.9 3.88 63,711 0.713 19.4° 
1820 3.3 886 211 6.5 3.99 97,330 0.299 5.3 
1881 2.2 90! 37.6 6.5 3.90 
1866 2.3 913 47.8 6.7 3.98 
1892 1.6 908 61.5 6.7 3.97 * Cell ran dry. 


Table Ill. Comparison of platinized titanium and steel cathodes 


Period Cathode 

hr Ptor Fe NaCl-gpl PH Temp °C Volts 
3516 Pt 91 6.5 109 3.76 
3843 Fe 92 6.9 112 3.47 
3540 Pt 96 6.4 lll 3.61 
3795 Fe 96 6.8 112 3.36 
3819 Fe 96 6.9 110 3.44 
3564 Pt 106 6.7 110 3.64 
3771 Fe 106 7.0 112 3.31 


The cell was charged with a solution containing ap- 
proximately 750 gp] NaClO3, 100 gp] NaCl, and 2 gpl 
Na»CreO;. It was stirred and heated to the boiling 
point which varied from 105° to 110°C. 

Every 24 hr, the electrolyte was analyzed and a por- 
tion was removed which contained an amount of 
chlorate equivalent to the daily production. Solid NaC] 
was added to the cel] at this time to replace the salt 
that had been consumed. Gas samples were taken 
daily and analyzed in an Orsat apparatus for Cl, and 
O». Current efficiency was calculated from the chlorate 
analysis and gas analysis. Periodically, current, volt- 
age, temperature, pH, condensate volume, and acid 
consumption were measured, 
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Typical] data are presented in Table I. The two 
methods of measuring current efficiency show wide 
variations. Estimates of the chlorate produced suffer 
from analytical errors of very concentrated solutions 
and from any operating upsets that may have occurred 
during the period. The gas analyses indicate current 
efficiencies only at the time of sampling. 


Perchlorate formation.—The effect of allowing NaCl 
to be depleted is shown in Table II. Normal practice 
is to maintain approximately 100 gp] NaCl to minimize 
formation of perchlorate, 


Cathode material.—A platinized titanium cathode 
was used for much of the test but, in the period 3400- 
3700 hr, two cathodes lost their platinum. After the 
second failure, a steel cathode was used and a lower 
voltage resulted as shown in Table III. The difference 
seems to be 0.2-0.3v. 


Proposed sodium chlorate process.—During the op- 
eration of the 9~amp cell with platinized titanium 
anodes, a processing scheme for recovery of solid 
chlorate was developed (4). The electrolysis of NaCl 
to NaClOs; was carried out at temperatures of about 
105°-123°C, the boiling range of the electrolyte. Water 
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Fig. 3. Process flowsheet for 
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Table V. Data on “144-amp cell” operated continuously for 31 days at 132 amp 
= ae 
Kwhr/ton Lb HCi/ton 

Amp-hr Cell feed, gpl Cell effluent, gpl Current NaClOs NaclO; Cell 

since start NaCl Naclos NaCl NacloO, Avg volis efficiency, % () (8) temp °C Cell pH 
ISS1L75@ 194 334 80 473 4.56 76 6480 98 106 TA 
168057 193 352 104 577 3.69 81 6240 74 110 6.9 
180402 191 328 114 604 3.72 80 6400 - 8 109 6.5 
193120 192 330 96 580 3,70 79 6400 41 108 6.5 
206354 19] 318 139 626 3.67 81 6260 19 109 6.8 
217Ga2Ce> _— —_ — — _ — — —_ — 6.8 
220746 192 330 119 637 3.70 86 5920 41 108 6,8 
2305962 192 330 105 572 3.72 81 6320 44 108 6.8 
233504 189 326 113 671 3.71 82 6360 aT 108 6.8 
236699 189 326 118 603 3.68 18 6540 ag 108 4.8 
240359 189 326 187 326 3.67 &0 6360 31 108 6.4 
AVE. 191 332 112 580 3,67 81 6300 48 108 6.7 


® Four days of continuous operation preceding sampling. Start at 143,029 amp-hr. 


(4) Energy consumption based on NaClOs weighed. 


«) Cell inlet plugged with solids, Solids removed without interrupting current. Platinum loss 0.299g in 97,336 amp-hr. 


“) 100 basis; used as hydrochloric acid. 


was evaporated with cell gas and removed from the 
cell. The effluent liquor from the cell was cooled; ina 
plant, this would be dene preferably by flashing off 
further water from the liquor in a crystallizer. Sodium 
chlorate crystallized out and was separated, washed, 
and dried. The wash water and filtrate were recycled. 
Sodium chloride was added as purified brine to the re- 
ee liquor. A flowsheet of this process is shown in 

ig. 1. 

A larger monopolar cell was built to test the plati- 
nized titanium anode further in conjunction with the 
proposed chlorate process. 


144-Ampere monopolar cell_—A second chlorate cell 
was designed with 144 in2 of anode surface to be 
operated ai 144 amp. It is illustrated in Fig. 2. During 
an initial run, the platinum plating failed and the 
anodes were replated with 132 in2 of coated surface. 
Thereafter, the cell was operated at 132 amp. 

The cell was in two parts: a steel cell body with a 
top flange and a flanged Plexiglas dome. The steel cell 
body has a perforated steel partition providing a 
cathode between two anodes. Two platinized titanium 
anodes are suspended through slots in the dome and 
are spaced 24 in. from the cell body and central parti- 
tion. The anode surfaces were platinized over an area 
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Fig. 4. Diagram of chlorate cell of varying height. 


3 in. x 12 in. (3 in. x 11 in. the second time). Se] Rex 
Corporation’s Platinex L.SJII proprietary plating 
solution was used, The anodes were weighed before 
and after plating. 

The cell was operated under the conditions of cur- 
reni density, electrolyte concentration, and tempera- 
ture as proposed for commercial operation. Current 
was adjusted manually, but an integrating ampere- 
hour meter was depended on for current efficiency cal- 
culations. The cell feed selected was 195 gpl NaCl, 330 
gpl NaClOs, and 2 gp] NagCr207. The expected cell 
effluent was 95 gpl NaCl] and 750 gpl NaClO3. The cell 
effluent was cooled to reom temperature and solid 
NaClQ; crystallized and filtered off. The filtrate was 
returned to the feed tank along with solid salt and 
water. 

The system was perfected to operate overnight and 
week ends with the arrangement shown in Fig. 3. Each 
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Fig. 5. Cross section of experimental chlorate cell. 
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Fig. 8. Effect of electrode height on cell voltage. 


feed tank and the cell effluent receiver had 4 days’ 
capacity. The liquor in the cell effluent receiver was 
weighed and sampled, then cooled and filtered. One 
feed tank could be prepared while the other was in 
Operation. It was found necessary to pass the cell feed 
liquor through a glass coil and needle valve immersed 
in a thermostat to maintain constant flow. The cell 
temperature was maintained by automatically re- 
turning the required amount of condensate to the cell. 
The pH was controlled by passing the cell effluent 
through a pH cell with glass and calomel electrodes. 
A controller-recorder actuated a valve feeding dilute 
hydrochloric acid to the cell. It was found that the pH 
electrodes also worked satisfactorily in the cell. 


Platinum life-——The anodes were weighed four times 
to determine platinum loss. The data are given in 
Table IV. The cell feed failed during one test and re- 
sulted in a high platinum loss. If this measurement is 
excluded, the other three averaged 6.95 g/ton NaClQO3. 

Operating data for 31 days of continuous operation 
are given in Table V. There was'a short stoppage of 
cell feed, but the current was not interrupted. The 
current efficiency based on NaClO, averaged 81% and 
energy consumption averaged 6300 kwhr/ton NaClQO3. 


Electrode height and spacing study.—A companion 
experiment to the 144-amp process study was made 
to evaluate the effect of electrode spacing and cell 
temperature. 

A flanged cell was constructed to contain a single 
pair of vertical electrodes. The cell was arranged so 
that adjustment in gasket thickness could be em- 
ployed to provide various interelectrode distances. 
Additionally, the cell was built in three sections (Fig. 
4 and 5), 1 ft high, to study height and spacing with 
electrodes 1, 2, and 3 ft high. Data taken with this 
setup are shown graphically in Fig. 6, 7, 8. 


: Discussion 
The data reported in Tables IV andgV were col- 
lected in a 31-day operation. The data in Table V in- 
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Fig. 10. Horizontal section of chlorate cell. 


dicate current efficiencies and energy requirements 
in kwhr d.c./ton NaClO3 based on the NaClO3 weighed. 

Experimental work was halted before the platinum 
loss was fully explored. The operation had become 
better controlled during the experiment, permitting 
the hope that platinum losses might be reduced fur- 
ther with increasing skill in operation. 

Comparisons of energy requirements reported for 
various cells and the expectation of improving the 
operation reported in Table V prompted the design 
of a commercial cell (3) to operate at 30,000 amp. 
Study of Fig. 8 indicated that an electrode 3 ft high 
was workable. An electrode gap of 43 in. was chosen 
from Fig. 6 and 7. A cell was designed as shown in 
Fig. 9 and 10. As can be seen, the rectilinear cell con- 
tained vertical steel cathodes. The sheet anodes were 
platinized titanium fixed to a titanium header. Twenty 
anodes, 2 x 2.5 ft, were planned for the 30,000-amp 
cell. The header and anode assembly slides into the 
side of the cell and is bolted in position. Teflon spac- 
ers are inserted in the cathodes to prevent short- 


” circuiting. 


The cell cover is a Fiberglas reinforced polyester 
dome. Bus connections are made from one cell body 
to the succeeding anode header by removable bus 
sections. 

Summary , 

Experiments in bench-scale apparatus established 


_the feasibility of a chlorate cell having platinized ti- 


tanium anodes and steel cathodes. A 144-amp cell 
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demonstrated operation for 1 month at 1 amp/in2. 
The cell temperature was approximately 110°C. An 
energy consumption of 6300 kwhr d.c./ton NaClQ 3 was 
shown. A commercial cell of 30,000-amp capacity was 
designed. The process flow visualizes crystallizing by 
cooling effluent cell liquor. No internal cooling is re- 
quired for the cell. 


Manuscript submitted April 30, 1968; revised manu- 
script received Sept. 21, 1968. This manuscript was 
presented at the Chlorates and Perchlorates ympo- 
ae at the Boston Meeting, May 5-9, 1968, as Paper 

60. 


January 1969 


Any discussion of this paper will appear in a Dis- 
cussion Section to be published in the December 1969 
JOURNAL, 
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ABSTRACT 


Current -potential curves of the electrolytic oxidation of chlorate were determined 
polarographicatly using a platinum nucroanode. The nature of the polaragran thus ob- 
tained was quite different from that of the usua! oxidation-reduction process. Two po- 
tentinl stages were found; the lower one is believed to be the potential of oxygen evolu- 
tion and the higher one the potential of perchlorate formation. Probably the limiting 
current for the oxidation of water could also be seen in the polarogram. 

Electrolysis of chlorate solution at definite anodic potentials corresponding to the 
higher stage of the polarogrami was carri¢d oul in order to confirm the results of ihe 
polarographie study. From these experiments. it was elear that the first step of per- 
chlorate formation was probably the discharge af chlorate ion at higher potential than 


that of oxygen evolution, 


INTRODUCTION 

Production of perchlorate is the typical electroprocess 
which cannot be carried out successfully by any other 
methad. 

The anodic potential of the formation of perchlorate lus 
been considered to be verv high, and this electrolytic 
preparation has been successfully accomplished onix by 
use of a smooth platinum anode which has the highest 
oxygen overvoltage. A new electrolytic process for this 
product was developed, using a lead peroxide anode in- 
stead of platinum (1). In this case, a small amount of 
sodium fluoride must be added to the electrolyte to in- 
crease the oxygen overvoltage on the lead peroxide anode, 
The reason for this device is that the potential for anodic 
formation of perchlorate is very high, but it may still 
occur at a potential lower than that of oxygen evolution. 
However, it has not vet been accurately determined, and 
its variation with chlorate concentration is also unknown. 
Therefore, the present study seeks to measure accurately 
the anodic potential of perchlorate formation and, at the 
same time, to present the most probable mechanism of 
this process. 


Anopic PoLaROGRAM OF THE ELECTROLYSIS OF CHLORATE 
BY A PLatinum MiIcroaNopE 


The electrolytic reduction potentials of organic com- 
pounds, which are lower than those of hydrogen evolution 
at the dropping mercury cathode, and the variation of 
these potentials with concentration of the depolarizer can 
be measured polarographically. The same principle was 
applied to the anodic process of perchlorate formation. If 
the anodic potential of perchlorate formation is lower than 
that of oxygen evolution at a platinum anode. a typical 
anodic polarogram will be obtained by a platinem micro- 
anode. A hypothetical polarogram is shown in Fig. 1. 

Variation of anodic potential with chlorate concentration 
is represented approximately by the following formula: 

B= Re ln > E 


2F — Cows @or- 


(1) 


where Ceo, is the concentration of chlorate, A is a eun- 
stant, and the other symbols have their usual signiheanee, 
Tf these assumptions are verified hy experiments, tle /ornia- 
tion of perchlorate nurst be expressed by the following 
mechanism (2): 


2Q0H- —- » —~ 20H 0 + TL.0 ill 


ClOF + 0- CIOT dil: 

On this basis, current-potential curves of the electrolytic 
oxidation of chlovate were determined polarographically 
under various conditions. 


Measurement of Current-potential Curves 


A micro rotating platimim electrode and a smooth 
platinum plate of large area were used as anode anc 
cathode, respectively, Details of cell design and measur- 
ing circuit are shown in Fig. 2a and 20. 

Electrolytic cell --A section of 0.3 mm diameter platinun. 
wire sealed in a glass tube was used as the anode and gave 
an area of 107*-1074 em*. The cathode was a 10 mm- 
platinum plate. Throughout the electrolysis, the current 
was less than 7 xX 10-4 amp. The stem of the anode~ 
glass tube—was rotated at 1000 rpm. whieh prevented 
accumulation of oxygen gas on the anode surface ancl 
maintained constant thickness of the anodic diffusion 
laver during the measurement. Better reproducibility in 
the measured current-potential curves may therefore he 
expected. 

Polarograph.—Sensitivity of the galvanometer usec 
was 3.4 < 1075 amp mmm. 

Apparatus for the cathodic potential measurement 
When the cathode has u large area auc the current is very 
small, it is generally expected that polarization at the 
cathode is very small. In this case, however, it amounted 
to about 500 mv at 3.5 x 107 amp/em®. Thus, the 
cathodic potential had to be measured continually through- 
out the current-potential curve determination, For this 
purpose, the simple apparatus illustrated in Fig. 2b was 
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Fic. I. Ag assumed polarogram in which the potential 
of perchlorate formation is lower than that of oxygen evolu- 
tion, 


Tic. 2a and 2b. (Left) Details of the anode (2a); U'tght) 
the electrolytic cell, also the apparatus of the cathodic po- 
tential measurement (2b) for the polarographical measure - 
ment. J—saturated cnlomel electrode, 2—KCI saturated 
solution, 3—electrolytie solution, +—electrolytie cell, 5— 
anode, §—enthode, 7—stroboscope. 


satisfactory. It hac a sensitivity of 3 mv aud a range of 
—450 to +450 my. 

Temperature.—The electrolytic cell and the calomel elec- 
trode were immersed in a thermostat regulated at [7° + 
0.02°C. 

Electrolyte.-—A\queous sohitions of sodium chlorate 
(1-OAL) were used. Such high conventration of the elec- 
trolyte, tovether with the relztively large anodic current 
density described above, makes the vondition of the present 
current-potential curve measurement quite different from 
that of the ideal polarographic method. But well-known 
anodic processes of lower potential than that of oxvgeu 
evolution were carried out iu the same apparatus and wnder 
the sume couditions; they gave their normal polaregrams. 


Results and Discussion 


Anodic polaregruns! are shown in Fig. 3. The abscissn 
correspouds to the anodic potential on the hydrogen scale, 
the numerical valnes of which were obtained by subtract- 
ing the cathodie potential from the cell voltage. The ordi- 
nate varresponds to the‘upparent anodic eurrent density 


"The polarograms shown in this paper (Fig. 3, 4.5, and 
IQ) are nora common photograph, but a plotting curve of 
enerent against applied voltage. 
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in amperes per square decimeter. Its value, however, wa) 
not so reliable in view of the unknown true area of the 
anode. 

Some characteristics of the polarograms are: 

1. In a moderately concentrated solution of chlorate, 
two stages of potential] were definitely observed. 

2. In the first, or Jower stage, the potential] is between 
1.7 and 1.9 v; in the second. or higher stage, it is higher 
than 2.3 v. 

3. Contrary to the usual polarogram, the height of the 
wave of the first potential stage was seen to be inversely 
proportional to the concentration of chlorate. 

4, For a sufficiently dilute solution, this wave height 
grew so high that it reached beyond the range of the meas- 
urement, a simple exponential curve being observed. 

If an analogous interpretation were made for these 
polarograms compared to the usual cathodic ones, the 
first stage would be the potential of the chlorate oxidation 
and the second one would be for oxygen evolution. This, 
however, is denied by the fact that the height of the wave 
corresponding to the first stage is inversely proportional 
to the chlorate concentration. In addition, the value of the 
potential of the first stage corresponds to that of oxygen 
evolution. The reversible oxvgen potential is about 0.8 v 
for any solution of pH 7. Estimating about 1 v for oxygen 
overvoltage on smooth platinum at 1 amp/dm?, the actual 
oxygen evolution potential for any solution concerned 
ainounts to about 1.8 v. 

If the lower potential corresponds to the electrolysis 
of water and is the potential of oxygen evolution, the 
higher one is that of the chlorate oxidation. Thus, these 
polarograms should be classified as another type of the 
current-potential curve, different from those of the or- 
inary oxidation reduction process. It is certain that the 
oxidation of chlorate occurs at a potential higher than 
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Fig. 3. Anodic polarograms of NaClO;. The potentials 
of the second stage are about: 2.3 v for 5.6M solution, 
2.3 v tor 4.0M solution, 2.5 v for 2.8M solution, 2.6 v for 
2.OM solution, 2.7 v for 1.4M solution. 
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Fic. 4. Anodic polarograms of 14M NaClOs and 1.441 
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Fia. 5. An anodic polarogram of NaNOz, concentration— 
0.013MI. 


that of oxygen evolution. These facts are not explainable 
by the mechanism of equations (II) and (III). 

An alternative mechanism was adopted by the authors 
in which discharge of chlorate ion was assumed. This 
may be formulated as follows: 


QClOF ~ 2e + 2C10; (or O,C1-Cl0,) (IV) 
2C10; + H:0 — HClO; + HCI, (Vv) 


or 


March (950 
Cloy - e 4 CIO; (VI) 
OH- -~« 3 OH (VID) 


ClO; + OIL 4 HCO, (VIL) 


This mechanism (TV, V) has been propose! by others 
(3, 4), but experimental verifeation has been Jackiny. 

The renson for the possibility of ehlorate ion discharge 
at a higher potential than that of oxygen evolution is 
based on a decrease of the activity of water in the neighbor- 
hood of the anode surface. This can be aseribed ta the 
extraordinarily high coneentration of the electroivte and 
to the hydration power of existing ions. 

In order to throw some light on the latter assumption, 
the polarograins of 14M solutions of NaClO; and of KCIO; 
were made (Fig. 4). 

In Fig. 4 the wave height of the first potential stage of 


Fic. 6a. Equipment for the electrolysix of NaClOs ai 
definite anodic potential. 1—suturated calome! electrode, 
2—KXCl saturated solution. 3—electrolvtic cell, 4—water 
bath (cooling water). 5—2.V KI solution acidified), 6—gas 
buret, *7—detonating gas contometer. 
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Fig. 6b. Electrolytic cell for the electrolysis of NaClOs 
at definite anodic potential. 
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NaClO; was found to be lower than that of KC1O3. This 
is taken as being related to the difference in hydration 
powers of Nat and K*, which may be the reason for the 
difference in current efficiency of perchlorate formation 
from various chlorates (3). 
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In order to confirm the accuracy of the polarographic 
method. current-potential curves were made for several 
typical anodic reactions (electrolysis of KCl, KBr, KI, 
NaNOz, Na82O3, NaSOs, etc.) which seemed to occur 
at a lower potential than that of oxvgen evolution. In the 
polarograms thus obtained, the potential stage corre- 
sponding to each anodic reaction was observed definitely 
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at lower potential than that of oxygen evolution 
(Fig. 5). 

These results showed that the polarogram of the elec- 
trolyvtic oxidation of chlorate described above and the 
proposed mechanism based on the polarogram were both 
probably correct. 


Evecrrouysis oF CHLORATE SOLUTION AT 
DeFinitt ANOpDIG POTENTIALS 


In view of the prospective discussion on the relation- 
ship between chlorate ion discharge and perchlorate for- 
Imation, it is necessury toe confirm the formation of per- 
chlorate at the potential of the second stage of the polare- 
gram in Fig. 3. For this purpose the electralysis of chlorate 
solution was carried out under various conditions at a 
definite anodic potential corresponding to the second stage 
in Fig, 3. 


Experimental Procedures 


An aqueous solution of sodium chlorate and a mixture 
of it with sodium perchlorate were electrolyzed under a 
series of constant anodic potentials. The current effi- 
ciency of perchlorate formation was determined miainiv 
by comparing the volume of gases generated from the 
electrolytic cell and from a gas coulommeter in series. The 
circuit and gas measuring apparatus are shown in Fiz, 
6a. Details of the electrolytic cell sre shown in Fig. th. 

The anode and cathode were both of smooth platinum 
plate; the apparent areas were about 10 cm. The anode 
potential was measured directly by means of a yalve 
voltmeter. Cell temperature was maintained at 17°-20°C 
during electrolysis. 

For each electrolysis, 200 ce of the solution were em- 
ployed. Each run was carried out to obtain a single point 
of the curves in Fig. 7-9. Throughout each electrolysis, 
4g amp-hr of electricity was passed, and the average 
anodic current density was calculated by dividing the 
amount of current by the duration of electrolysis. 


Results and Discussion 


At first, 5.58 no/l and 1.36 mi/] sodium chlorate solution 
were subjected to electrolysis under constant anodic 
potential, and the anodic current density and the current 
efficiency of perchlorate formation at that current density 
were plotted against the applied anodic potential. A 
eurrent-potential curve was obtained from these experi- 
ments. Examples are shown in Fig. 7 and 8. 

The character of the current-potential curve was simi- 
lar to that of the curves obtained by the polarographic 
method. The current efficiency of perchlorate formation 
increased with increasing current density due to the 
increase of applied anodic potential. In the case of 5.58 
m/] solution, it reached above 90% at a potential of 
nearly 2.69 v (C. D, 42.2 amp/dm*), Oxygen evolution 
began at a potential lower than that of perchlorate forma- 
tion and continued to evolve together with perchlorate 
formation with a very poor efficiency. 

Next, a similar experiment was carried out using 0.11 
1a/] chlorate solution and a mixed solution of 0.11 m/l 


Afareh (9.51% 


chlorate and 1.25 mi-l perehlorste. The current-potentiai 
curves obtained are shown in Fie. 9, 

In the case of O21 ml chigrmte solution. the current- 
potential curve was quite simple aid became exponential 
at 1.932.153 v. This showed that oxygen evolution was 
the only resetion which ovcurred, When the same smount 
of ehlorat® in 1.23 mb perehlorate solution was electra- 
Ivzed, a curve having two potential stages similar to Wig. 
S was obtained. This showed clearly the oceurrence of 
perchlorate formation with a fair current efficiency. Thi- 
seeins to be the reason for the almost periort conversion 
of chlorate to perchlorate by the electrolysis or a eommer- 
vial neale. 

In this experiment, if a potential higher than 2.85 . was 
applied (current being increased with the applied poten- 
tial}, the current efficiency of perchlorate formation was 
again decreased, and oxygen evolved vigorously. This 
phenomenon may be duc to the discharge of perchlorate 
jon, Tn this connection, the polarograms of perchloric 
acid obtained in the same apparatus are shown in Fig. 10. 

Jn these polarograms. two potential stages were ob- 
served. Just as in the ense of the polarograms alt Pig. 4. 
As deseribed above. the first: stage corresponds ta the 
potential of oxygen evolution and the second stage to 
the potential of the discharge of CIOS ion, This zives® 


ClOy —« — C10, (EN) 
ClO; = CIO, — Oy. O35, ete. (N3 
CONCLUSION 


I. It was proved that the first step of perchlorate forme- 
tion was the discharge of chlorate ion ata higher potential 
than that of oxygen evolution. 

2. It is suggested that the discharge of chlorate ion is 
possible not only because of the high oxygen overvoltage 
on special anodic inaterials., but also the decrease of the 
activity of water in the neighborhood of the electrode 
surface, The latter follows becuuse of the extraordinarily 
high salt concentration of the electrolyte and beenuse of 
the strong hydration power of existing ions. 

3. High anodic current density is one of the necessary 
conditions for maintatning the anodic potential at higher 
values suitable to the discharge of CIOT ion. 

4. The complete conversion of chlorate to perchlorate 
is due to the co-existence of 2 larve amount of perchlorate 
in the same solution. 
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The kinetics and mechanism of anodic oxidation of chlorate ion to perchlorate ion on titanium- 
substrate lead dioxide electrodes have been investigated experimentally and theoretically. It has been 
demonstrated that the ionic strength of the solution has a marked effect on the rate of perchlorate 
formation, whereas the pH of the solution does not influence the reaction rate. Experimental] data 
have also been obtained on the dependence of the reaction rate on the concentration of chlorate ion 
in the solution at constant ionic strength. With these data, diagnostic kinetic criteria have been 
deduced and compared with corresponding quantities predicted for various possible mechanisms 
including double layer effects on electrode kinetics. It has thus been shown that the most probable 
mechanisms for anodic chlorate oxidation on lead dioxide anodes involve the discharge of a water 
molecule in a one-electron transfer step to give an adsorbed hydroxy] radical as the rate-determining 
step for the overall reaction. 


Nomenclature Ee standard electrode potential of 
Reaction 2 
B anodic energy transfer coefficient E, potential of zero charge of the anode 
2 potential of outer Helmholtz plane in test solution 
with respect to solution F Faraday constant 
om potential of metal with respect to sol- f F/(RT) 
ution I, current at anode 
& dielectric constant of solution loer current used for oxygen evolution 
Eq permittivity of free space reaction at anode 
g faradaic efficiency for anodic chlorate / current used for chlorate oxidation 
oxidation _ (=I, — Ioer) at anode 
A adsorbed intermediate tn Reaction 2 i, /,/anode area 
B bulk species in Reaction 2 iogr Jogg/anode area 
CA concentration of A at outer Helmholtz i H/anode area 
plane J total concentration of (uni-univalent) 
Ca concentration of B at outer Helmholtz electrolytes in solution 
plane K, integral capacitance of compact part 
aa concentration of B in bulk of double layer 
Chio- concentration of ClO; in bulk K, standard rate constant for Reaction 2, 
Cio. concentration of ClO; in bulk corrected for double layer effects 
‘ electrode potential corrected forohmic 7”, number of electrons involved in 
drop Reaction 2 
E, electrode potential as measured against p 6 In (~1)/6 In Cao; 
reference electrode qm charge density on metal surface 
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Q, quantity of electricity passed in givens @ In({—i)/@ pH 

time interval T absolute temperature 
Qoer quantity of electricity required for 1 6 ln (-i)/éF 

oxygen evolution reaction in given uw (e&RT/22)'” 

time interval V volume of gases evolved in given time 
Ro ohmic resistance between anode and interval 

Luggin tip Va volume of hydrogen evolved in given 
R gas constant time interval 
r 6 in (—7)/é In J Zp charge on species B 


1. Introduction 


The anodic oxidation of chlorate ion to perchlorate ion, namely 


ms 


Clo; + H,O — ClO; + 2H™ + 2e (1) 


is of considerable importance technologically as well as from a scientific point of view. The scientific 
importance of the above reaction stems from the unique conditions under whiclf it takes place, for 
example, the oxidation occurring at high positive potentials (1.5 to 2.5 V versus SCE) in spite of the 
possibility of anodic oxygen evolution, the oxidation occurring on an oxide covered (or oxide 
coated) surface and the oxidation probably passing through several intermediate steps since it 
involves a transfer of two electrons and two reactant species. 


Table ]. Mechanisms proposed in the literature for electro-oxidation of chlorate ion to perchlorate ion 


Mechanisms 


2C10; —+ 2C1O,)-4 + 22 


2(C1O;),4 + H,O —> ClO; + ClOy + 2H* + 40, 


Cloy + 40, — > Clo; 


H,O — (O),5 + 2H* + 2e 
(Og + CIOS —> ClO; > 


2ClOy; —> (C1,0,).g + 2¢ 
(Cl,O¢)ag + HO —> 2H* + ClO; + ClOZ 
clo; — > (CI0;),g + @ 
OH- —~ (OH), + e 
(CIO;),¢ + (OH)g —> HCO, 

clo; —> (CI0,),, + e 
(CIO;),4 + H,O —> HClO, + H* +e 
H,O —~ (OH),, + H* +e 
(OH); + ClO; — > ClO; + Ht +e 
H,O —~ (OH),, + H* +e 
(OH), —> (O) + H* +e 
(O),g + ClO; — ClO; 

clo; — > (ClO0,).4 + € 


(ClO,),, + H,O 
(or OH~) 


== ClO; + 2H* +e 
(or ClO; + H* + e) 


References 


1] 


[2] 


(3 


4, 5] 


19] 


uri 


KINETICS AND MECHANISM OF ANODIC OXIDATION OF CHLORATE ION 3 
z. Previous work 


There is little information in the literature on the theoretical formulation and experimental verification 
of the kinetics and mechanism of Reaction |. The few references which have a bearing on the 
mechanism of anodic chlorate oxidation on platinum or lead dioxide anodes are listed in Table | 
along with the proposed mechanisms. A study of the literature in Table ] shows that most of the 
mechanisms suggested are simply speculative, being based on indirect data which do not exclude 
other possible mechanisms, on doubtful interpretation of data, or on inadequate experimental 
support. 

Preliminary studies in this work showed that the anodic oxidation of chlorate to perchlorate is 
accelerated by dn increase in the concentration of perchlorate even at a constant concentration of 
chlorate. This fact suggests the presence of a strong double layer effect on the electrode kinetics 
which has not been examined in the literature. It is the objective of the present investigation to 
provide a formal kinetic analysis of Reaction | for several possible mechanisms also incorporating 
the double layer effects, and to deduce diagnostic criteria and compare these with experimental 
results, 


3. Possible mechanisms 


Several pathways may be postulated involving the generation and interaction of adsorbed radicals 
such as (CIO;),4, (OH),4 and (O),, on the anode surface resulting in the overall electrode process 
(Reaction |). A fairly exhaustive list of such mechanisms with a single rate-determining step in a 
sequence of consecutive steps leading to Reaction 1 may be set up as shown in Table 2. 


4. Kinetic analysis 
A general representation for a rate-determining step in Table 2 is 
A+B—>P+aA,e (2) 


where A may be an adsorbed intermediate and B may be a bulk species present at the interface. 
Reaction | is known to be kinetically irreversible. Hence, taking into account possible double 
layer effects, the reaction current (/), which is equal to that of the rate-determining step, is given by* 


i = ~n,FK,cycy exp [Bn f(E — Eo — ¢,)) (3) 


where the concentrations c, and cy are at the reaction zone which is at an average potential , with 
respect to the solution. 

The concentration of the adsorbed intermediate (c,) is obtained by considering the nature of the 
quasi-reversible step preceding or succeeding the rate-determining step. The concentration of the 
species from the bulk of the solution (cg) is related to its bulk concentration asc, = ch exp (— ¢,Z,/), 
since.any mass transfer limitation in the solution is absent (cf. Results section). 

_ In the absence of specific adsorption, ¢, is equal to the potential of the outer Helmholtz plane 
(OHP). Since a weak specific adsorption of ClO; and ClOF ions may occur, by analogy with 
. mercury-solution interface [11] it may be assumed that ¢, is the potential of the OHP in the present 
Case, to a good approximation. Values for ¢, may be calculated from double layer theory [12] 


* Cathodic current is considered positive. Though this classical convention is different from IUPAC recommendations, it is 
sull under use in the current literature and text books on electrochemistry (see, for example, [10]). The current for Reaction 2 
Is with a negative sign. 
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Table 2. Possible mechanisms for the anodic oxidation of 
chlerate ion to perchlorate ion in aqueous media 


Mechanism 


XVI 


XVII 


XVI 


Mechanism steps 


clo; + H,O — ClO; + 2H* + 2e 
Clo; + OH~ — ClO; + Ht + 2e¢ 


lor —+ (0107, iy. Fe 
(CIO,),, + H,O— ClO; + 2H* +e 


ClOF == (CIO,),4 + & 

(C1O,),4 + H,O —- CIO; + 2H* + e 
ClOy —+ (C1Os),4 + € 

(ClO,),4 + OH” == ClO; + H* +e 
ClOY =— (ClOj ha + & 

(ClO,),. + OH* —> ClO; + H* + ¢ 
OH —-+ (O),, + H* + 2e 

ClOy + (O),, = ClOF 

OH7 == (0),, + H* + 2e 

ClOF + (O),g —+ ClOZ 

H,O — > (O),, + 2H* + 2e 

ClOy + (O),, == ClO; 

H,O =— (O),g + 2H* + 2 

ClOy + (O),4— ClOS 

OH- —= (OH),, + ¢ 

ClO; + (OH),, = ClO; + H* +e 

OH> === (OH),, + ¢ 

ClO; + (QH),,—> ClO, + H* + ¢ 

H,O ——> (OH),, + H* +e 

ClOy + (OH) —= ClO; + H* + e 

H,O == (OH),, + Ht + e 

Clo; + (OH),,—— ClO; + H* + e 

Cloy -—+ (C1O;),, + e 

OH7 == (OH),; + ¢ 

(ClO\),4 + (OH),g —— Clos + H* 


ClO; —— (CIO,),, + e 
OH~ —> (CH),4 + e 
(CIO,),g + (GH),, = CIO; + Ht 


Clo; = (C1O,),, + ¢ 

OH- == (OH),q + @ 

(CIO,),4 + (OH), — > ClOz + H+ 
ClO; == (C10,)u + ¢ 

H,O —-+ (OH), + H* +e 
(C1O,),) + (OH),; <= Cloz + Ht 


“In the mechanisms listed, one arrow represents the rate- 
determining slep while two arrows indicate kinetically 
reversible (i.e. fast) step. 


through the equation for the charge density (q¢,,) on the metal surface: 


qm 


. f 
sinh 


eee we ouf 
Tt i 


) 


(4) 


where J is the sum of the concentrations of univalent electrolytes in solution (NaClO, and NaClO,) 


in the present case. 


KINETICS AND MECHANISM OF ANODIC OXIDATION OF CHLORATE ION Wy 


Since the anode potential for the oxidation of chlorate to perchlorate at sipatrical current densities 
(0.1 to 1.0 Acm~*) on PbO, electrodes is in the range |.5 to 2.5 V versus SCE, whereas the poteatial 
of zero charge of PbO, in neutral media (such as KNO,) is about 0.8 V versus SCE [13], it follows 
that 6,f > |. Hence, from Equation 4 


ce RTI\” bof 
Rl = 5 
am ( an eo a} (5) 
Further, consistent with the assumption of weak or no specific adsorption, 
gm = Kildu - $2) (6) 


where K, is the integral capacitance of the compact part of the double layer. 
On combining Equations § and 6 and noting that, in the present case 


In [K,(¢mq — #2)] = In [KE — E, — ¢,)] = In[K,(E -— E,)] 
it follows that 


b, = 72 In (E — E,) — In J + 2 In (Ky/u)] (7) 


On substituting into Equation 3 the above expression for @,, and appropriate expressions for c, and 
cy which depend on the mechanism chosen, the final current-potential relation may be derived as 
outlined in the Appendix for each mechanism listed in Table 2. As may be seen from the Appendix, 
the final rate equation for any mechanism considered is of the form 


In(—i) = constant + pin C0; +trinJ+spH+/£& (8) 


On partial differentiation with respect to the chosen variables, the kinetic criteria for mechanism 
diagnosis, namely 


Table 3, Diagnostic kinetic criteria for various mechanisms 
listed in Table 2 


Mechanism Diagnostic kinetic criteria 


p r s t 


—( ~ 26) 0 2Bf 
~21-f) 23 pf 


1 

TH { ea Sp) 0 af 

IV t B 0 (i + py 
Vv I —(l — £) 0 Bf 

vi l ach =. 8) 23 (l+py/ 
Vil 0 ~Q—-2) 23 2 

VU I =f 46 4f 

IX 0 28 0 2pf 

X 1 = 46 Uf 

XI O “=(l =p) 23 «Bf 

Xi I St Se By 23 «(eps 
XIII 0 6B 0 oy 

XIV | a= p) - (1 + pf 
XV 1 =-(i=s) 0 Of 

XVI ¢@ “-il—p 23. of 

XVII 1 0 a 2 

XVIII o 8B 0 by 
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_ 8 in (-i), _ dln (i), _ din(-i), _ ain(—-A) 


ances Sing” dpH aE 


are readily derived. 

The results thus obtained are summarized in Table 3, from which it may be seen that a majority 
of the mechanisms postulated are characterized by distinguishable kinetic criteria if suitable experi- 
mental data are available. 


5. Experimental aspects 
5.1. Chemicals 


Reagent grade NaClO, and NaClO, were found to contain NaCl as an impurity which adversely 
affected the measurements as well as the stability of the PbO, anode. NaClO, was therefore purified 
by recrystallization twice from distilled water. NaClO, solution was purified by pre-electrolysis using 
PbO, (Ti) anodes and stainless steel cathodes until the NaCl impurity was removed. The resulting 
solution was assayed for NaClO, and NaClO, and used accordingly to prepare solutions of required 
composition. 


5.2. Electrodes 


High surface area $-PbO,(Ti) anodes were prepared as reported before [14]. Cathodes were 316-grade 
stainless steel sheets. The reference electrode was a calomel electrode saturated with NaC] as the 
electrolyte (SSCE) in order to eliminate plugging of capillary junctions in the reference electrode 
path by the slightly soluble KCIO,, which would form if KCl were used as the electrolyte. 


5.3. Solutions 


In order to obtain diagnostic kinetic criteria to identify the mechanisms of Reaction | with respect 
to each concentration variable while keeping other items constant, experiments were carried out 
with solutions of (NaClO, + NaClO,) of different ionic strengths, each ionic strength being 
achieved with different proportions of NaClO, and NaClO,. The pH of the solutions was measured 
using a calibrated pH meter correct to +0.] pH. Adjustment of the pH of the test solution was 
effected by adding dilute HCIO, or dilute NaOH solution. 


5.4. Cell ‘ 


The electrochemical! cell consisted of a glass vessel sized to hold about 0.6 litres of solution to a 
height of about 30cm above the electrodes, the solution being kept well stirred with a Teflon-coated 
magnetic stirrer. These design factors proved successful in holding the pH of the solution automatically 
constant during the electrolysis within +0.2 unit of the initial value, due to an efficient mixing of 
anolyte and catholyte streams. The working electrode and the counter electrodes had an integral 
stem of the respective metals, the upper ends of which were connected through titanium screw 
terminals to titanium rods projecting out of the cell through appropriate leak-proof holes in a Teflon 
stopper. The reference electrode was connected to the cell through an all-glass ‘salt bridge’ having 
a closed ungreased stopcock, the two sides of which were filled with the respective salt solutions 
(NaCl on the reference electrode side; test solution on the other side). The salt bridge terminated 
in a Luggin tip aligned close to the centre of the working electrode. The Luggin tip was loosely 
plugged with a piece of cleaned nylon cloth to prevent entry of gas bubbles into the salt bridge 
vitiating the potential measurements. The mixture of electrolytic gases (H,, O,, water vapour) was 
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Jed out of the cell into an all-glass Orsat-type gas analysis unit through a short length of polyethylene 
tubing. The temperature of the cell was maintained at 60 + 2°C by means ofa thermostatically 
controlled water jacket. 


5.5. Analytical aspects 


NaCl in NaClO, or NaClO, solution, if present, was estimated by potentiometric titration against 
standard silver nitrate solution using pure silver wire as the indicator electrode. In this case, the 
SSCE reference electrode was separated from the test solution by a salt bridge of NaNO, immobilized 
in agar gel to prevent interaction of the test solution with the solution in the reference electrode. The 
electromotive force of the cell was measured with an electrometric voltmeter (input impedance 
> 10°Q), resulting in a titration accuracy of +2% when the concentration of NaCl in the test 
solution was 0.1 mM. 

NaClO, was estimated by the standard procedure [15] of reduction with excess ferrous ammonium 
sulphate in acid medium and back titration of unreacted ferrous salt against a standard dichromate 
solution using sodium diphenylamine sulphonate as the indicator. The procedure was standardized 
with recrystallized KCIO, and the accuracy of determination was + 2% for a concentration level of 
30g17' KCIOn. 

NaClo, was estimated by first determining the total cation concentration of the mixture and then 
subtracting the concentrations of NaClO, and NaCl as determined above. The total cation concen- 
tration was estimated [16] by passing the test solution through a column containing a cation 
exchange resin and titrating the acid produced in the effluent against standard NaOH solution. The 
accuracy of determination of NaClO, was found to be +5%. 

Oxygen and hydrogen in the electrolytic gases were estimated by collecting the gases for a definite 
duration of electrolysis at constant current in the Orsat apparatus, measuring the volume (wv) of the 
gas mixture using a water manometer, then absorbing the oxygen in a freshly prepared alkaline 
pyrogallol solution and measuring the residual volume (v,) of the hydrogen gas with a water 
manometer. Volume corrections due to the prevailing barometric pressure and room temperature, 
and pressure corrections due to the vapour pressure of water were applied to estimate the amount 
of H, present at STP. The amount of oxygen at STP in the original gas sample was estimated by 
difference (v - vy) with due corrections for barometric pressure and ambient temperature. Pre- 
cautions were taken to flush out completely the air initially present in the Orsat apparatus by the 
electrolytic gases, before collecting the gas sample for analysis. 

The apparatus was calibrated by electrolysing pure NaOH (20%) solution between nickel electrodes 
in the same cell. The procedure adopted was confirmed to yield an accuracy of +1% for the 
determination of hydrogen and oxygen in the gas mixture. 

With the above set-up, it was established that cathodic hydrogen evolution occurred at 100% 
current efficiency during the electrolysis of NaClO, + NaClO, solutions. [In other words, the 
cathodic reduction of perchlorate to chlorate, or of chlorate to chloride does not take place to any 
Significant extent. The assay of the solution before and after electrolysis for chloride, chlorate and 
perchlorate confirmed these conclusions. 


5.6. Anode efficiency 


The faradaic efficiency for anodic oxidation of chlorate to perchlorate was obtained by the gas 
analysis data as (Q, — Qoer)/Qi, where Qoep is the quantity of electricity required for the oxygen 
evolved and Q, is the total quantity of electricity passed during the interval of collecting the gas for 
analysis. The efficiency data were thus obtained, point by point, at various cell currents on each 
polarization curve.’ 
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5.7. Electrical circuit 


Electrochemical measurements were carried out in the galvanostatic mode using a regulated power 
supply and an adjustable high resistance in series with the cell. Further, a silicon diode with low 
reverse-current characteristic was used in series with the cell to prevent any cathodic polarization 
of the PbO, working electrode inadvertently or during a mains power failure etc. All the measuring 
instruments were calibrated before the experiments. 

The galvanostatic steady-state anodic polarization curves were recorded point by point, a steady 
state being deemed to have been attained when the fluctuation in the anode potential at any given 
current decreased to less than 1.0mVmin7'. This usually required about 2-5 min at each current. 
Each polarization curve was recorded in increasing as well as decreasing direction of polarization 
from the open-circuit potential, and both before and after the measurement of faradaic efficiency 
al various Currents. The final polarization curve was thus arrived at as an average of four sets of 
data points at each cell current. 


5.8. Correction of polarization curves for simultaneous oxygen evolution reaction 


Anode polarization curves were obtained by plotting the anode potential against the current density 
corrected for the oxygen evolution reaction (i = 1, — iopgg = 1,0, where @ is the current efficiency 
for anodic perchlorate formation at the anode current density, i,). 


6. Results and discussion 
6.1. Polarization curves 


The anodic galvanostatic (steady state) polarization curves for NaClO, + NaClO, solutions with 
different concentration ratios were all found to merge into a narrow band resulting in a single 
average polarization curve as shown in Fig. |. The effect of stirring the solution at different rates 
is shown in Fig. 2. 

It may be seen from Figs | and 2 that the polarization curve shows a continuous change without 
a well-defined Tafel line even though the overpotentials are large compared to R7T/F and mass 
transfer control is absent. This apparent nonlinear Tafel behaviour may be due to an ohmic drop 
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in the measured anode potential and due to the current for the side reaction (simultaneous oxygen 
evolution reaction) in the measured current. 


6.2. Current efficiency 


The current (or faradaic) efficiency curves for anodic perchlorate formation are shown in Fig. 3. 

It may be seen from Fig. 3 that the current efficiency for anodic oxidation of chlorate increases 
not only with increase in the current density as noted in the earlier literature [9], but also with 
increase in the ionic strength of the solution at cgnstant chlorate concentration, which is a fact of 
considerable importance in the elucidation of the mechanism. 
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6.3. Effect of pH 


The dependence of the anode efficiency for chlorate oxidation on the bulk pH of the solution is 
shown in Fig. 4 at two typical anode potentials. Anode potentials rather than currents were 
controlled here since the diagnostic kinetic criteria required in the case of pH as the controlled 
variable is (6 In (—i)/@pH) at constant value of F, cd). and c,_. 

It may be inferred from Fig. 4 that the current efficiency for perchlorate formation on PbO, anode 
is independent of the pH of the solution. Therefore, it follows that 


éln(—i) | 
épH . 0) 


6.4. Corrected polarization curves 


From Figs | and 3, the total current at each anode potential may be corrected for the current used 
in the oxygen evolution reaction. The resulting partial polarization curves for anodic chlorate 
oxidation to perchlorate alone are shown in Fig. 5. 

It may be seen from Fig. 5 that the polarization curves corrected for the oxygen current show a 
nonlinear Tafel behaviour which may be attributed to uncompensated ohmic drops in the measured 
potential. The uncompensated ohmic resistance (Rg) may be estimated [17] from the slope of 
dE, /dIn(—J) versus (— f) df,/d/ curve to a good approximation since, at constant Rg, the rate 
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equation in the Tafel region can be written as 


E, + hRo = 


Fig. 6. Polarization curves (potentials corrected 
for ohmic drop) for anodic oxidation of 
chlorate to perchlorate on f-PbO,(Ti) elec- 
trode at 60 + 2°C,pH6.5 + 0.2in the mixed 
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(M) of NaClO, + NaClO,, namely: 1,5 + 1, 
2,44 2; 3,34 3,4,24 4; 5,2 4+ 3; 6, 
2 + 2;7,2 + 1. Curve 2 is shifted vertically 
up by 0.2 V from curve I, curve 3 by 0.4, and 
so on until curve 7 by 1.2V. 


| 
— In / + constant 


With the value of Ry found thus (~ 0.1 Q), the measured anode potential (E,) may be corrected for 
the ohmic drop (— £, Rg) at each anode current (— /,) resulting in the true anode polarization curves 


shown in Fig. 6. 


It may be seen from Fig. 6 that the corrected polarization curves show good Tafel lines of nearly 
the same slope for all the solutions studied. The average Tafel slope is found to be 0.30 + 0.02 V. 
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From this value of the Tafel slope, it follows that 
= ft = 7174 05V"! (10) 


The parameters p and r may also be evaluated from the corrected polarization curves in Fig. 6 
as follows. At any given potential, £, currents are read from Fig. 6 corresponding to (a) solutions 
with constant ionic strength and variable c?,)_, and (b) solutions with constant céo. and variable 
ionic strength. Expenmental curves are thus derived showing the dependence of In (= i} ee In J 
at constant C10 for chosen values of E, as well as the dependence of In (—i) versus In C10 at 
constant J for chosen values of E. The results are shown in Figs 7 and 8. 

From the slopes of the curves in these figures, the average values of p and r are obtained. Thus 


Bias 9 
& pone) = 6. 00) (11) 
é in Cao; 
and 
ain (—i) 
= So = 1.25 + 0.02 (12) 


6.5. Comparison of theory with experiment 


The diagnostic kinetic parameters p, r,s and t obtained from experiment (Equations 9-12) may now 
be compared with the values predicted from Table 3, assuming that £ is equal to 0.5, a probable 
value for an elementary step of electron transfer. It is thus found, surprisingly, that only two of the 
eighteen mechanisms listed in Table 2, namely mechanisms XII] and XVIII, show an acceptable fit 
with experimental data. The corresponding values are shown in Table 4. All other mechanisms in 
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Table 4, Comparison of experimental and theoretical values 


Kinetic Experimental value Theoretical value of 
Parameter of parameter parameter for 
mechanism XIII or XVIII 


p 0.12 0 
r 1.25 0.5 
RY 0 0 
1(V"') 77 20 


Table 2 show a substantially poorer fit with experiment. Mechanisms XIII and XVIII are therefore 
the preferred mechanisms. It is not possible, however, to discriminate further between them at this 
stage. 

It thus follows from the above study of electrode kinetics that the mechanism of anodic oxidation 
of chlorate to perchlorate on B-PbO,(Ti) anodes involves the anodic oxidation of water in a 
one-electron transfer step to give an adsorbed (OH) radical as the rate-determining step. Perchlorate 
ion is produced by a subsequent fast oxidation step involving either the chlorate ion or an adsorbed 
chlorate radical and the adsorbed (OH) radical. Schematically, this may be illustrated as follows: 


f ER 
“-— (2H,O —» O, + 4H* + 4e) 
H,0O —> (OH),, + H* + e 
4 1 
a ae (OH),, + ClOF == ClO; + H* + e lel 
1 or 


ClO; == (CIO,),4 + e 
H,O —> (OH),, + H* + e 


(ClO3)sg¢ + (OH).g == ClO; + H* 


7. Conclusions 


A variety of mechanisms may be proposed for the anodic oxidation of chlorate ion to perchlorate 
ion. Determination of electrochemical reaction orders, double layer effects and Tafel slopes of 
polarization curves, corrected for the current due to anodic oxygen evolution, on titanium-substrate 
lead dioxide anodes leads to the conclusion that the most probable mechanism involves the 
formation of an adsorbed hydroxyl radical from the oxidation of water as the rate-determining step 
for the overall reaction. 
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Appendix 

Derivation of current-potential relations and kinetic criteria for the mechanisms listed in Table 2. . 


Mechanism I. In Equation 2, ‘A’ is absent while ‘B’ denotes ClO; or H,O (i.e. both non-adsorbed 
species). Hence 


x 
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(-—!) = 2FK, Ci0- exp (/¢2)eh,o exp [2B/((E — ES — ¢,)] 


On substituting for ¢, from Equation 7 and simplifying, 


In(—i) = const + In eho. — (I — 2p) In J + 2(1 — 28) in (E — E,) + 2fE 


On partial differentiation 


a In (—i) 


geen ee 


2(1 — 28) 

E — E, 

Considering the orders of magnitude involved (8 ~ 0.5; (E — E,) ~ 1 to 2V; f~ 40V~') it 
follows that [(] ~ 2f)/(£ — &,)) < Bf Hences = 28f. Further, 


ein cp) 


nies = | 
a Ob} 
é In fois 


2 Bln {at ae 
eee S "a aaa ( 2B) 


din(—i) | 
a pH 


Mechanism I. Similar to Mechanism I except that instead of ¢y,o, one has here egy. 
exp (/@,). Finally 


In(—i) = const + In cio. + In chy — 2(1 — B) In 7 + 401 — B) In (£ — E£,) + 2PfE 


ea 
= Con- 


Hence p = Il; r = —2() — B); 5 = 2.3; and ¢ ~ 2ff (cf. Mechanism I). 
Mechanism LI. Similar to Mechanism I. Finally 
In(—i) = const + In Coo ~(U — pins + 20 — fy ln(& — £,) + BE 
Hence p = lpr = —(1 — §) 5 = 0; and t » Bf (cf. Mechanism 1). 
Mechanism IV. In Equation 2, ‘A’ is the (CIO,),4 radical, and ‘B’ is H,Q. The concentration of 
(C1O,),4 is abtatned through the Nernst equation applied to the quasi-reversible step preceding the 
rate-determining step. Thus 
In Cico;44 = In Cio, + f(E — E*) 
where E” is the standard electrode potential of the quasi-reversible step. Finally 
In(—f) = const + In cao- + Bind — 2BIn(E — £,)+ (1 + Pye 
Therefore p = |;r = B;s = 0; andi = (1 + B)f (cf. Mechanism I). 


Mechanism V. Analysis identical to Mechanism III. 


Mechanism VI. Analysis similar to Mechanism 1V except that ‘B’ is OH™ and egy- = ¢5,- 
exp (/@ 3). Finally 
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In(—i) = const + In Ceo + Incd,-( — B)InJ + 21 — B) in (E ~— E,) + (1 + Pseé 


Therefore p = 1;r = ~(1 — B); s = 0; and 4 = (1 + B)f (cf. Mechanism I). 
Mechanism VII. There is only one reactant OH™ in the rate-determining step. 

In(—i) = const + In cQ,- — (1 — 2B) InJ + 2(1 — 28) In (E — E,) + 2BfE 
Hence p = 0;r = —(l — 28); s = 2.3; and ¢ = 2Bf (cf. Mechanism I). 


Mechanism VIIT. The rate-determining step does not involve charge transfer. ‘A’ is the (0),4 radical. 
and ‘B’ is ClO; in Equation 2. c, is obtained as in Mechanism IV. Finally 


In(--7) = const + In Coo; —Incd,- + Incd. — InJ + 2In(E — E,) + 2fE 


Hence p = |; r = 1; s = 4.6; and 1 = 2f (cf. Mechanism [). 


The following results for the remaining mechanisms are obtained by an analysis similar to the above 
cases. 


Mechanism IX. 
In(—i) = const + 2B iInJ — 4B In (£ — E,) + 2BfE 
Hence p = 0; r = 28; 5 = 0; and ¢ = 28f. 
Mechanism X. 
In(—) = const + In cgo- 2Incys — InJ + 2In(E — E,) + 2fE 
Hence p = lr = —l;5 = 4.6; and¢ = 2f. 
Mechanism X1. 
In(—i) = const + Inci,- + 2(1 — B)In(E£ — E,) — (1 — B)InJ + BfE 
Hence p = 0;r = —(1 Bs = 2.3; andi x Bf. 


Mechanism XI. 


In(—i) = const + In Coo; + Inck,- — (1 — B)InJ + 2(1 — B) In(E- E,) + (1 + py 


Hence p = l; r= —-(l B); s = 2.3; and? = (1 + f/f. 


Mechanism XIII. 

In(-i) = const + Bln J — 2B In (£ — E,) + BfE 
Hence p = 0;r = B35 = O; andzt & Bf. 
Mechanism XIV. 


In(—i) = const + In Ceo -~Incy, —-(l- BP Ins + Al - Pln(E- £,) + (14+ Pk 


Hence p = lyr = —(f — BP); s = 2.3; and: = (1 + B)/f 
Mechanism XV. Results are identical to Mechanism III. 


Mechanism XVI. Results are identical to Mechanism XI. 
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Mechanism XVII. Double layer effects are absent since bath reactants in the rate- Aelennaihe step 
are adsorbed intermediates. 


In (~f) = const + In cig. + In coy + 2fE 
Hence p = lpr = O35 = 2.3; and¢ = 2/, 
Mechanism XVII. Results identical to Mechanism XIII. 
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ABSTRACT 


Anodic polarization curves were determined on smooth Pt, Pt-coated Ti, 
PbO.-coated graphite, and PbOQve-coated Ti. Operating conditions were typical 
for industrial perchlorate production, i.¢. 1.6 moles/liter NaClO,, while NaClO, 
concentration was Faneing ver neen 0.47 and 4.7 moles/liter, at 50°C, oH 6-7. 
For solutions containing NaClO, only, the anodic current potential diagram 
is rectilinear, irrespective of any presence of NaF or NagCr20;. If NaClO; 
aiso is present, the diagram shows a strong inflection. For each set of con- 
ditions, current efficiency and ancde potential were determined vs. current 
density. This allowed two separate curves for ClO;— conversion rate and OQ» 
evolution rate, respectively, to be plotted vs. anode potential. Tafel linearity 
for ClQ3~ conversion is thus ebtained on Pt and on PbOs under all condi- 
tions, with a slope ranging between 0.1 and 0.12. This fact supports the view 
that ClOs— is oxidized through a path involving primary discharge of ClO;— 
with formation of C)O 3 radicals and that charge transfer is in most cases the 


rate-determining step. 


The over-all reaction of anodic chlorate oxidation is 
ClOs- + HeO = ClOg- + 2H+ 4+ 2e- Eo= 1.19v [1] 


The potential-pH equilibrium diagram (Fig. 1) runs 
parallel to that of water oxidation reaction 


2H.O = Op + 4H+ 4+ 4e- Eo = 1,228y [2] 


Accordingly, the pH value affects the thermodynamic 
equilibrium of both reactions in the same direction and 
by. the same amounts. In other words, it is impossible, 
on purely thermodynamic arguments and for any es- 
tablished electrode potential, to favor anodic produc- 
tion of perchlorate rather than oxygen evolution, or 
‘wice versa, simply by changing the pH value. 

-As to the kinetic behavior of oxygen evolution ac- 
cording to reaction [2] on an unreactive electrode such 
as platinum, a wealth of experimental evidence indi- 
cates that oxygen overvoltage is pH independent (1). 
Accordingly, the concern expressed by former authors 
(2%, 9) without any produced evidence about the ad- 
verse effect that alkalinity might have on chlorate con- 
version efficiency, due to the competing reaction in- 
volving OH™~ discharge, seems unfounded and only 
based on a prejudice widespread in the past that the 
charge transfer between the electrode and the electro- 
lyte can involve only ions and not the undissociated 
water molecule itself or any other uncharged species. 

On the other hand, the kinetic independence of the 
oxygen evolution reaction from pH does not necessarily 
‘imply a.similar behavior of reaction [1]. However, this 
has .also..been experimentally evidenced on smooth 
platinum (3), For lead dioxide anodes, the results are 
somehow .conflicting. This may possibly be explained 

bythe fact that lead dioxide cannot be considered as 
_ =a perfectly unreactive material, so that different prep- 
’ arative,methods, as well as.previous performance con- 
ditions; ‘may lead to somewhat different results. At any 
rate, it is to be pointed out that whereas Schumacher 
(4) finds that current efficiency is not affected by pH, 
according to Narasimham (5) it shows an increase 
under more alkaline conditions, contrary to what for- 
mer authors (2, 8) would have expected, in principle, 
to occur. The equilibrium potentials of reactions [1] 
and [2] differ by less than 40 mv; therefore, only if the 
concomitance of all operating conditions that may af- 
fect the two kinetics, such as current density, tempera- 
ture, anode potential, adsorbed discharge inhibitors and 
catalysts, is such as to bring about a definite increase 
of the overvoltage proper to reaction [2] over that of 
‘reaction [1] will chlorate conversion occur at a satis- 
..factory.current efficiency. 
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As for ether oxidation reactions (6), there are tw: 
possible pathways along which chlorate conversion ma, 
preceed as a preliminary assumption, so that onl: 
through experimental verification may conclusions, i 
any, be drawn about the path that is actually followec 
by the electrode process. One of these, which we shal 
call the primary reaction mechanism, would involve 
a direct electron withdrawa)] from the chlorate ion, as 
a first step, followed by a homogeneous reaction of the 
free radical with water. According to the other possible 
pathway, beh: e shall call tha secondary reaction 
mechanism, the ter mofecule ‘d* be’ involved in 
the charge ni, od step, with.the production of surface 
oxides (or adsorbed oxygen-containing species, e.g. OH 
or QO); such entities would then perform as oxidants of 
the chlorate ion diffusing toward the substrate or being 
coadsorbed at the electrode surface. 

Table I displays in chronological order the several 
reaction mechanisms that have been proposed so far. 
A critical review of the several theories has been made 
by Schumacher (4c). It may be observed here that 
neither the first proposed mechanism (7) nor most of 
those suggested later (2, 5, 9} are based on any strong 
experimental evidence, but mainly on speculations, 
some of which, as noted above, are affected by pre- 
conceptions such as the possible role played by a sup- 
posed OH~ discharge. Sugino and Aoyagi (8) were, ta 
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Table |. Proposed mechanisms for anodic chlorate oxidation 


Over-all reaction: ClOs- + HxO > ClOc + 2H? + 2e- 


A. Primary discharge of ClO3s- 
(1) Oechsli (7) 
2ClOs- + HxO > ClOw + ClO + 2H*+ + O + 2e- (a) 


clor + O- ClOs- (o) 
(1) Knibbs (2) 
2C1l03- > 20,Cl10 + 2e- (a) 
O.ClO + OC1Os1 > OLCI-—-O—O— Cla (0) 
0Cl1—O—-O0—C104 + HO > ClO.- (c) 
+ClOs~ + 2H* 


1) = Sugino and- Aoyagi (8) 


2C10s- > 2ClOs + 2e~ (a) 


2C103 + HeO—> ClOs- + ClOw + 2Hr (b) 

ClO3s~ > C1O3 + e- te) 

OH-— OH + e (d) 

ClOs + OH ClOy- + He (e) 
(lv) Narasimham, Sundararajan, and Udupa (5) 

ClOs- + ClOs + e- fa) 

ClOs + HuxO > ClOs- + 2H* + e~ (b) 


B. Secondary reaction of ClOs~ with discharged oxygen 
Bennett and Mack (9) 
Grotheer and Cook (10) 
(V) . HeO > O + 2H+ 4+ 2e- (a) 
ClOs- + O> Cl1lOy~ wo) 


our knowledge, the first to investigate the correlation 
between anode potential and current density. By their 
‘nethod, which was essentially potentiokinetic, they 
“vere able to observe two stages of potential in 14M 
NaClO3 at 17°C. Since the first stage, occurring be- 
tween 1.7 and 1.9v, corresponds (mostly) to oxygen 
evolution and the second stage, higher than 2.3v, cor- 
responds (mostly) to chlorate oxidation, said authors 
interpret their results by assuming that chlorate oxi- 
dation proceeds through a primary discharge step. 
However, as will’ become apparent in further discus- 
sion, the two potential stages referred to above do 
not supply by themselves any evidence in favor of the 
primary discharge mechanism, as advocated by said 
authors. 

Strangely enough, Grotheer and Cook (10) have 
yeen the only investigators that, prior to the present 
study and as late as 1967, seem to have based their 
considerations on the most classical and elucidating of 
all experimental methods, which consists in carrying 
out intensiostatic current-potential measurements and 
representing them on a Tafel diagram. By plotting the 
results thus obtained with two different solutions, 
which respectively contained sodium chlorate alone 
and sodium perchlorate alone. they found that both 
plottings fall on an identical, practically straight, 
line. The natural conclusion of said authors is that 
“4 same anodic process occurs in both cases. This is 
‘1 2 because, within the low current density range 
acv have investigated (up to 10 ma/cm?), the only 

Jeess that practically does occur is oxygen discharge 
.i elther solution, since chlorate conversion efficiency 
is practically nil at such low current densities. Accord- 
ingly such determinations do not seem to supply suf- 
ficient experimental evidence in favor of a secondary 
reaction mechanism between C1O;~- and adsorbed oxy- 
gen as proposed by said authors. Actually, some of the 
experimental findings disclosed and discussed in the 
following seem to bring more support to the primary 
reaction assumption. 


Experimental Procedure and Results 

The laboratory cell is represented in Fig. 2. The glass 
container had a capacity of approximately 1 liter and 
was kept at the desired temperature by a water jacket 
connected with a thermostat. A top cover provided 
Sufficient tightness to avoid appreciable evaporation 
losses, which would impair the accuracy of gas volume 
measurements. 

The anodic Oy gas was collected by a bell hanging 
Over. the anode and partially submerged to a depth of 
approximately 5 cm; from the bell, the gas was drawn 
“tO a measuring burette. Current efficiency (C.E.) of 
O» production was determined by comparison with the 
&as evolved from a standard coulombic cell with Pt 
electrodes and containing 5% NaOH, connected in 
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Fig. 2, Experimental: cell 


series with the laboratory cell. The solution was kept 
under agitation only during anode potential measure- 
ments but not during current efficiency.. evaluation 
runs, in order not to facilitate. Og gas losses. Blank 
tests were performed with a solution containing 
NaClO, only, so that QO, C.E. had to be. 100% and 
showed that the determination may be affected with 
a maximum error of + 1% unit of C.E. The minimum 
amount of gas collected in any further run was 30 
cm; each run was repeated at least twice. under the 
same conditions and the average gas volume reading 
determined. Chlorate conversion efficiency was.calcu- 
lated by subtracting O2 conversion efficieney from. 100. 

The several anodic samples were made. of. 1-x 5-cm 
rectangular strips suspended in the solution. Both sur- 
faces were made to operate by placing the anode be- 
tween two counterelectrodes 2 cm. apart.from the 
anode. The counterelectrodes used were of nickel, iron, 
stainless steel, and platinized titanium. With all of 
these materials, the current efficiency of hydrogen evo- 
lution was found to be 100% within the limits of mea- 
suring accuracy (+1%). The anodic materials investi- 
gated were smooth Pt, platinized titanium, and PbO» 
deposited either on graphite or on titanium (14), the 
thickness of the deposit being about 5 mm on graphite 
and 2 mm on titanium. The PbO» coating was polished 
after electrodeposition with fine emery paper of the 
quality used for metallographic samples. The Pt coat- 
ing on Ti was of a quality giving very low overvoltage 
under Clo discharge in NaCl electrolysis. Further tests 
with this material were discontinued after verifying 
that chlorate conversion efficiency was very low (less 
than 10%) also at the highest NaClO3; concentration 
investigated (4.7 moles/liter). The PbO. deposits on 
graphite and on Ti were found in preliminary tests 
to have a practically equivalent anodic performance. 
Accordingly, PbOe-coated titanium was used through- 
out the subsequent tests as described in the following. 
The anode potential was measured by means of a satu- 
rated calomel electrode connected with the negative 
terminal of the electronic voltmeter. The positive ter- 
minal of the voltmeter was in direct metallic connec- 
tion with the anodic structure at a point practically 
unaffected by ohmic drops. The readings were con- 
verted to the NHE scale by conventionally adding 
0.25v, whereby any liquid junction effects have been 
neglected, 

The investigation was carried out with particular 
regard to intermediate conditions that are met with 
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in industrial NaClO, production. Accordingly, the 
temperature was 50°C and the pH value was kept be- 
tween 6 and 7. NaClO, concentration was maintained 
at 1.6 moles/liter (195 g/liter) throughout the tests, 
after ascertaining that its influence on the kinetics is 
very small, if any. As to NaClO3 concentration, its ef- 
fect on the kinetics was investigated between 0.47 and 
4.7 moles/liter. 

In order to obtain good reproducibility, anode pre- 
polarization was found to be indispensable. This was 
carried out before every run at 100 ma/cm? on Pt and 
at 200 ma/em? on PbOe. The anode was kept at said 
C.D. for 30 min, after which the run was started at the 
lowest C.D. value as shown on the Tafel diagram. Each 
C.D. value was kept for the time required to collect at 
least 30 em? Og for current efficiency determination, 
whereafter the corresponding anode potential was 
measured. 

Such procedure, besides allowing good reproducibil- 
ity, brings about as a further consequence a marked 
decrease of the pronounced hysteresis that would 
otherwise be observed in the descending branch of the 
polarization diagram for smooth Pt, when NaClO; is 
present in the solution. 

Figure 3 represents the Tafel diagrams obtained on 
Pt and PbOz in 1.6 moles/liter NaClO4 with and with- 
out NaF or NazCr2O; additions. Under all conditions, 
Tafel linearity is obtained through the C.D. range in- 
vestigated (0.02-1 amp/cm?). Whereas the presence of 
2 g/liter NaF markedly increases O2 overpotential and 
the slope on both Pt and PbO», the addition of 3 g/liter 
NaeCr3O07-affects the overpotential substantially only 
on Pt, and to.a definitely minor extent on PbO. 

Figures 4.and 5 show Tafel diagrams on Pt and 
PbOx, respectively, for solutions containing 1.6 moles/ 
liter NaClO, and NaClOs in different amounts from 
0.47 to 4.7 moles/liter. A comparison with Fig. 3 shows 
the strong polarization effect of NaClO; at all concen- 
trations.-This effect becomes independent of NaClO3 
concentration when the latter approaches 1 mole/liter. 
However, it is less marked on PbO: than on Pt; fur- 
thermore, at. higher NaClO; concentrations, the steep 
potential transition observed on Pt straightens out on 
PbO,, ‘so. that ‘the polarization curve acquires Tafel 
linearity, although with a steep slope (0.17). 

Figure .6, referring: to Pt, shows the strong de- 
pendence ‘of chlorate conversion efficiency on current 
density at all NaClOs concentrations. Figure 7 repre- 
sents such-dependence for PbOo. Current efficiency ap- 
pears to.be definitely-lower on PbO: than on Pt only 
at relatively ow C.D.’s and NaClOs concentration. 
The -difference;even‘though still appreciable at 1 
amp/cm? and 4.7 moles/liter NaClO3, shows a ten- 
dency to level -off above these values. 
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Fig. 3. Polarization curves on Pt and PbOs in 1.6 moles/liter 
NaCi0, at 50°C,'pH 6 — 7, with and without NaF or NaoCr207. 
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Fig. 5. Polarization curves on PbO». at different NaCiO3 


concentrations, 


The effect of NaF or NazCroO; addition on anode 
polarization and conversion efficiency in a solution 
containing 0.94 mole/liter NaClO3 and 1.6 moles/liter 
NaClO,, can be evaluated from Fig. 8 for Pt and Fig. 
9 for PbO. The presence of 2 g/liter NaF markedly 
raises polarization on PbO» and to a lesser extent on 
Pt, so that the two corresponding curves become quite 
close to each other, For both materials, the C.E. is 
improved throughout the C.D. range, the extent of 
such improvement being definitely more substantial 
on PbOQ2. 

Figure 8 also shows that, by the addition of 3 g/liter 
NaeCr2O;, polarization and C.E. are decreased on 
smooth Pt for C.D, lower than 0.1 amp/cm?; at higher 
C.D., the polarization is slightly increased and this is 
accompanied by a slight decline in C. E. at equal 
anode potentials, As regards PbO», it can be seen 
from Fig. 9 that NagCr2QO7 addition lowers the polar- 
ization curve throughout the C.D. range, with an as- 
sociated sharp decline in C.E, 


Discussion 
The above results, with particular regard to Fig. 3, 
4, and 5, show that anodic polarization on Pt and on 
PbOz is strongly influenced by the presence of ClO3~— 
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tons, on account of their progressive adsorption at the 
Interface as electrostatic attraction increases with po- 
tential. Consequently, the water molecules adsorbed at 
the interface are gradually displaced by ClO 3~— ions, 
which thus hinder the primary discharge of water and 
Oxyrven evolution. This is evidenced, in particular. by 
the vong inflection generally observed on Pt at all 
- «iO; concentrations and also on PbO, in the lower 
concentration range, the somewhat different behavior 
of the two anode materials being attributable to their 
different specificity in adsorbing ClO3;— ions. With re- 
ard to the shape of the inflection shown by the curves 
of Fig. 4, it may be noted that it begins at some poten- 
tial lower than 1.9v and terminates above 2.3v, which 
Corresponds quite closely to the two stages observed by 
Henne and Aoyagi in their potentiokinetic investiga- 
Z 9n (8). However, this does not provide by itself any 
Vidence in favor of the mechanism of primary ClO;— 

douse indeed, besides water displacement from the 
7 Ub.~ liver as postulated above, the further possibil- 
Pe ‘a principle be visualized that the active sites 
‘Vek oxygen adserption energy are progressively 
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blocked by the adsorbed ClOy- ions, with a consequent 
modification of the oxide film and a rise in oxygen 
discharge overpotential. This could allow the adsorbed 
C1O3;- ions to react with oxygen in the modified oxide 
film, so that ClO3~ oxidation would occur as a sec- 
ondary reaction with the chemisorbed oxygen atoms 
resulting from the primary discharge of water. Such 
assumption would be in line with the anodic interaction 
that has been investigated by others (11, 12) between 
chemisorbed oxygen and ClQ,4~ ions in perchloric acid 
solutions. Evidence of this interaction, which also gives 
rise to a strong infiection in the polarization curve, has 
been obtained with experiments conducted in '0- 
labeled HC]O, in nonlabeled water (11). In our present 
case, however, a similar assumption involving inter- 
action between the anion and chemisorbed oxygen 
seems to be contradicted, in favor of the primary dis- 
charge mechanism, by seme other experimental evi- 
dence discussed here. 
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Since only the two over-all reactions [1] and [2], 
i.e. ClOg- oxidation and QO, evolution, take place at 
the anode with complementary current efficiencies, it 
is possible from the experimental results described 
above to work out both reaction rates as a function of 
anode potential and represent them in terms of two 
partial currents i,, &, respectively, so that 1) + i: = 1. 
Such representation, as given in Fig. 10 through 13 
for different operating conditions, shows the remark- 
able fact that the rate of reaction [1] is invariably 
characterized by Tafel linearity, its slope being gen- 
erally between 0.11 and 0.12. This provides strong sup- 
port to the assumption that chlorate oxidation may 
take place following a pathway that starts with pri- 
mary discharge of ClO3~ and proceeds independently 
of anodic water oxidation throughout the investigated 
C.D, range. Moreover, since a slope of about 0.12 is 
typical of an electrode process in which the charge 
transfer reaction is rate determining, conclusion may 
be drawn that formation of the ClO3— radical is the 
most likely rate-controlling step in the over-all process 
leading to ClO,— production. 

As can be seen in Fig. 10, an increase in NaClo, 
concentration c enhances the ClO3;~— conversion rate at 
a definite constant potential; this is expressed by the 
positive value of the partial differential coefficient 
8 log 41/6 log c, which in the lower potential range is 
about 0.5, with a tendency to diminish in the higher 
range. On the other hand, Os evolution is strongly in- 
hibited by the adsorbed C103~— ions and depends on the 
amount of NaClOs also in the concentration range 
throughout which the relevant polarization curve re- 
mains unaffected (Fig. 4). 

Figure 11 illustrates the anodic performance of PbO, 
which is essentially similar to that formerly described 
for Pt. It is, however, to be noted that the partial dif- 
ferential coefficient & log i;/5 log c is now only about 
0.4 in the lower potential range, while OQ evolution is 
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Fig. 13. Effect of NaF ond Nag€roOr on CiO3— and Oo evolu- 
tion rates on PbOQ2 expressed in amp/cm? vs. anode potential. 


inhibited by the presence of NaClO; to a substantially 
lesser extent than on Pt. 

The influence of additives on the two reaction rates 
is evidenced by Fig. 12 for Pt and by Fig. 13 for PbOs. 
In the case of smooth Pt, the presence of 2 g/liter NaF 
not oniy exerts a strong inhibiting action on O2 evolu- 


. tion, but also slightly improves ClO,~ conversion in 


the lower potential range. On the contrary, the addition 
of 3 g/liter NagCrsO7 inhibits ClO,;~ conversion on Pt, 
while catalyzing O,2 evolution. Moreover, while NaF 
tends te increase the slope of the Tafel line related to 
ClO;— conversion, NasCr,07 tends to decrease it. Ac- 
cordingly, the effects of the two additives are opposite 
in all respects. 

With PbO, anodes (Fig. 13), the presence of 2 g/liter 
NaF inhibits both reaction rates, but O. evolution is 
affected to a much greater extent than ClO3— conver- 
sion: this explains the improvement in faradic effi- 
ciency obtained by NaF addition, which also increases 
the ClO,~ conversion slope from the original value of 
0.1 to the value of 0.12. As to the effect of NazCr,0; 
on PbO» anodes, it is distinguished by the peculiar 
characteristic that, besides inhibiting ClO3- conversion 
in the C.D, range up to 0.3 amp/cm? and enhancing 
Os evolution rate by a factor that increases with C.D., 
it markedly lowers the slope of both plottings so that 
the slope of ClOz~ conversion is depressed from 0.1 
without additives to 0.05 after adding 3 g/liter 
NasCreO7. It ensues that, while persistence of Tafel 
linearity still provides support to the assumption of 
the primary discharge mechanism also in this case, the 
fact that the slope is definitely smaller than 0.1 indi- 
cates that the charge transfer would no longer be the 
rate-determining step and that this is now to be identi- 
fied with a subsequent step, such as desorption of 
ClO, radicals or a further electrochemical reaction be- 
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““gween radicals and ions. The interaction between a 
‘Tead anode and chromic acid was originally investi- 
‘gated by Elbs and Niibling (13). They have thus 
demonstrated that anodic treatment of lead in a 
chromic acid solution may result in anodic passivation 
with the build-up of a layer of lead chromate and/or 
lead dioxide, or else it may cause anode dissolution, 
depending on chromic acid concentration. Therefore, 
we wished to carry out some tests to ascertain whether 
the lead dioxide coating is modified by the presence of 
CrO,2- or Cr207?~ ions under the conditions prevailing 
in our present research. We have accordingly submitted 
the PbO. anode to polarization at 0.3 amp/cm? in 0.1 
and 1% chromic acid solution. Electrolysis was con- 
ducted for several hours and the tests were repeated 
in 1.6 moles/liter NaClOy; + 1.6 moles/liter NaClO3; 
with different Na,Cr,O7 additions up to 5 g/liter. 

After none of such runs was any anode weight loss 
measurable. However, after each run the aspect of the 
anode surface had changed and some pale yellowish 
hues were visible, which presented interferential char- 
acteristics. Such aspect is different from the black 
metallic luster of a freshly prepared and polished PbO» 
coating. as well as from the gray and dull appearance 
of anode samples after operating in solutions contain- 
ing chromate. It must therefore be concluded that 
the superficial structure of the PbO» substrate is some- 
how modified by interaction with Cr.O;2- ions, with 
probable build-up of a chemisorbed layer. 


-le 


Conclusion 

The rectilinear character of ClO;— conversion rate. 
when plotted in a current potential diagram, under all 
investigated conditions, leaves little doubt that ClO3- 
oxidation should be considered as the consequence of a 
primary discharge reaction involving ClO3~ ions, It 
wou!* indeed be difficult to reconcile the constancy of 
the .saction mechanism throughout the C.D. range 
with tne drastic modification of the chemisorbed oxy- 
gen laver that is shown to occur at the same time by 
the strong inflection of the oxygen evolution curve. 

Since the slope of the Tafel line is generally between 
0.1 and 0.12, the rate-determining step of over-all re- 
action [1] should be identified with the charge transfer 
reaction 

C1O3- > C1O3 + e7 


This is in accordance with either one of mechanisms 
‘I1) and (IV) in Table I. As to mechanisms (I) and 
(II). they seem less likely to occur for a number of 
reascns. First of all. they both involve adsorbed HO 
moiey.ies in a charge transfer reaction;! on the other 
“and. since water is gradually driven out and replaced 
~ ClO3- ions in the adsorbed layer, it is difficult to 
visualize how the reaction rate can thus proceed with 
Tafel linearity, Moreover, mechanism (I) involves the 
Production and recombination of an unlikely inter- 
mediate product such as ClO».~ according to step (a) 
and, in addition, the production and subsequent reac- 


'Step td} in mechanism (If) should obviously be modified as 
follows: H:0 > Ht + OH + e-. 
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tion rate of chemisorbed oxygen according to step (b) 
should also be affected by the gradual modification of 
the chemisorbed layer, as observed above; this, again, 
would be difficult to reconcile with Tafel linearity. 

The only slope departure from values between 0.1 
and 0.12 has been observed on PbOz in the presence of 
NaeCr207. On the assumption of mechanism (JI),. this 
would be attributable to a slowing down of the desorp- 
tion step (b). However, the assumption of mechanism 
(IV) provides an interpretation that is possibly even 
more in line with the present findings. In fact, the 
results represented in Fig. 13 indicate that the presence 
of Cr20;2- ions in the adsorbed layer has the effect 
of enhancing O2 evolution by counteracting the tend- 
ency of electrosorbed ClO3;~— ions to drive out the H,O 
molecules. By supposing, then, that the electrochemical 
step (6), involving adsorbed water, becomes rate de- 
termining, a theoretical calculation according to the 
method used by Bockris (1) would give a slope value 
of about 0.04, which is quite close to the value of 0.05 
as determined in the present investigation. 


Manuscript submitted May 9, 1968; revised. manu- 
script received Sept. 18, 1968. This manuscript was pre- 
senree at the Boston Meeting, May 5-9, 1968; as Paper 

70. 


Any discussion of this paper will appear in a Dis- 
cussion Section to be published in the December 1969 


JOURNAL. 
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4. Perchioric Acid and Perchlorate 


4,71. Methods of Preparation 


Various methods for manufacturing perchtoric acid and perchiorates are 
known,"'”” such as the thermal decomposition of chloric acid to perchloric acid 
and that of potassium chlorate to potassium perchlorate; the chemical oxida- 


tion of chlorates to perchlorates with strong oxidizing agents, such as ozone, 


| sodium persulfate, and lead dioxide; and the reaction of a strong mineral acid 


with a chlorate to produce perchlorate, chloride, and chlorine dioxide. Elec- 


-trosynthesis, however, is the only method that has achieved industrial 


importance. Two variants are industrially applied: (1) electrolysis of hydro- 
chloric or hypochlorous acid to form perchloric acid, which, if needed, can 


- subsequently be chemically converted to perchlorates, and (2) anodic oxidation 


of chlorate dissolved in aqueous solution. A third variant, a direct electrolysis 
starting from a chloride solution, without isolation of the chlorate formed 
intermediately, thus leading to perchlorate in one-stage electrolysis, might gain 


. industrial significance. 


Perchloric acid can be prepared by reacting sodium perchlorate with 


~ hydrochloric acid,?°’?'” or ammonium perchlorate with a mixture of nitric 


and hydrochloric acid."'” A direct electrosynthesis of perchloric acid is 
possible, too, by anodic oxidation (1) of dilute aqueous hydrochloric acid (at 
low temperature and high current density),''°'’” (2) of hydrogen chloride 
dissolved in dilute sulfuric acid,“'”” or (3) of chlorine dissolved in perchloric 
acid.” 

The usual method of manufacturing sodium perchlorate is the anodic 
oxidation of sodium chlorate, which is used as such or as intermediate for 
conversion to other perchlorates. Potassium perchlorate can also be made by 
electrosynthesis directly. However, owing to its smaller solubility as compared 
to sodium perchlorate it is currently prepared from sodium perchlorate by 
conversion with potassium chloride and precipitated.”'”’ The same method is 
applied to the manufacture of the industrially highly important ammonium 
perchlorate, prepared by conversion with ammonium chloride or ammonia 
plus hydrochloric acid.°'® 

As chlorate is in any case prepared by electrosynthesis, it is obvious to 
attempt to manufacture perchlorate by electrolysis of sodium chloride in such a 
way that the oxidation of chloride and of chlorate occur simultaneously. This 
procedure, however, results in low current efficicncies, amounting to only 49% 
at 32°C."" Various salts are different in this regard: Lithium chloride (in 
contrast to sodium or potassium chloride) used as educt for total direct 
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Figure 16. Development of concentrations in electrolysis of chloride directly to perchlorate 
without isolation of chlorate according to Nagalingam eral." ©, NaCl; @, NaClO,;D, NaClO,. 


electrosynthesis of perchlorate shows high current efficiency, while rubidium 
chloride cannot be oxidized electrolytically beyond the chlorate stage 
Reference 175, p. 77. Early attempts to prepare sodium perchlorate in 
one-stage electrolysis of sodium chloride with or without a diaphragm 
failed’*'"'*? as the current efficiency was too low. More recently, an elec- 
trolysis of sodium chloride in the presence of fluoride,‘'*” resulting in an 
increase of the electrode potential, was successful’**'*” (see Figure 16). 
Alternatively, an addition of K2S2O,4 was found to be even more effective." 


4.2. Industrial Significance 


For a long time after the discovery of perchlorate no commerical use 
developed. Industrial perchlorate manufacture started at the end of the 
nineteenth century to make explosives. But world production amounted only 
to 2000-3000 t/year for all perchlorates."'”* During World War I the world 
production of perchlorates increased up to 50,000 t/year."*” After the war 
production dropped to low values, and new explosives were placed into the 
foreground. The use of ammonium perchlorate as a jet propellant, being the 
main use today, gave rise to perchlorate production. Ammonium perchlorate 
used either as a jet propellant or as an explosive is advantageous inasmuch as 
only gaseous components develop in combustion. Owing to the military use of 
perchlorates, a reliable estimation of production data is problematic. World 


production from 1962 to 1964 was estimated to be on the order of magnitude 
of 50,000-100,000 t/year;"*”'** U.S. production alone amounted to 
24,000 t/year in 1974. Within the past few years the importance of 
perchloric acid has grown considerably with the increased demand for 
ammonium perchlorate, which can easily be obtained by neutralization with 
ammonium hydroxide. Lithium perchlorate has been considered superior to 
both potassium and ammonium perchlorate as a propellant oxidizer,‘'®” but 
has the disadvantage that more exhaust products are solids. 


4.3. Development of Theory and Technology 


Perchlorate was discovered in 1816 by Stadion, who was also the first to 
prepare it by electrosynthesis from a potassium chlorate solution using elec- 
trodes of platinum,"’”” thus anticipating the features of modern perchlorate 
manufacture. Later, Stadion obtained perchloric acid by anodic oxidation of 
hydrochloric acid."*”’ Preparation of perchloric acid by electrolysis of dilute 
chloric acid was carried out by Berzelius"’”” in 1835 and by Riche.” But all 
electrochemical preparation methods found little interest until the end of the 
nineteenth century. In 1890, Carlson was granted a patent,‘'’*’” for dia- 
phragmless cells for sodium perchlorate synthesis and in 1895 he operated the 
first commercial electrosynthesis of ammonium and potassium perchlorate." 
Production was started in France, Germany, Switzerland, andthe U.S.A. at the 
turn of the century. 

As occurred for chlorate, theoretical interest in the reaction fundamentals 
arose only after the product had attained commercial importance. At that time, 
in 1898, Foerster,” ») Haber and Grinberg,” and Winteler’*''"*'"” studied 
the fundamentals methodically. The view was taken that perchlorate is formed 
by simple anodic oxdiation of chlorate. Based on experimental investigations 
Oechsli''”” developed the theory of a self-decomposition of chlorate to form 
perchlorate. Valuable contributions to the perchlorate theory were made by 
Bennett and Mack,"”” Williams,”°” Knibbs,”’ and more recently by Gro- 
theer and Cook?°” and by de Nora et al.?°” 


4.4, Reactions and Mechanisms 


4.4.1. Oxidation of ClO; to ClOs” 


Chlorate is oxidized anodically to perchlorate according to the overall 
reaction 
ClO, +H.20 = ClO, + 2H" + 2e, E°=1.19V (41) 


The standard potential of this pracess is very positive and close to that for the 
oxidation of water: 


2H,O = 0, + 4H’ + 4e, E°= 1.228 V (7) 
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Figure 17. Current efficiency of perchlorate formation vs. current density on smooth platinum at 
diflerent NaClQy concentrations according to de Nora et al?) 


There are thus two strongly competing reactions and the achievement of a high 
current efficiency in perchlorate production is a problem. According to 
Nernst's law the pH dependence of the equilibrium potential is the same for the 
two reactions. Furthermore, with Pt anodes the overpotential depends little on 
pH in both cases."'*”"” The acidity of the solution is thus not an important 
variable. Indeed, perchlorate can be produced with a good current efficiency in 
a fairly broad pH range.'*” 

A sensitive parameter is the anode potential, which is determined in 
practice by the current density (c.d.) imposed to the electrode. The most 
relevant study in this connection is that of de Nora et al.,°°”’ who investigated 
systematically the overpotential and the current efficiency at Pt and PbO, 
electrodes. As Figure 17 shows, the current efficiency strongly decreases with 
decreasing overall c.d., i.e., with decreasing anode potential. This can best be 
discussed in terms of the partial currents for O2 and CIO,” formation, the ratio 
of which determines the current efficiency for perchlorate production. Figure 
18 shows the anode potential as a function of these partial c.d.’s. The 
increase of partial c.d. with overpotential is much faster for the perchlorate 
formation than for the O2 evolution, so that a high current efficiency for the 
production of the former can be achieved only at a high overall c.d. An 
interesting finding of de Nora et al. is the influence of ClO, concentration. 
From the comparison of the broken lines of Figure 18 it is seen that the 
overpotential for O2 evolution substantially increases with increasing ClO, 
content of the solution, suggesting an increasing adsorption of their ions at the 
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Figure 18. Rates of chlorate conversion to perchlorate and of oxygen evolution expressed in partial 
current densities j vs. anode potential.?°” Smooth platinum anode, pH = 6-7, T = 50°C, 1.6M 
NaClO,. 


anode. The inhibition of the oxygen formation by ClOs3_ is a lucky feature 
from the technical viewpoint, which allows high current efficiencies, espe- 
cially at large ClO; concentrations. Conversion of chlorate is virtually 
quantitative. 

Figures 17 and 18 apply to Pt anodes. Somewhat different results but by 
and large the same trends (increase of current efficiency with increasing c.d, or 
ClO, concentration) were found for PbO2. The highest current efficiency 
(observed at the highest partial c.d. used, namely, 1 A/cm‘) was somewhat 
higher for Pt (90%) than for PbO (83%).7°” An addition of NaF causes a 
further inhibition of the oxygen evolution and current efficiencies of 92-94 "%o 
can then be reached with PbO, electrodes according to Schumacher et al.) 
Several authors?°?°”’ have also studied the influence of another additive, 
Na,Cr2Q,. In industrial practice the current efficiencies range from 85% to 
97% 20" 

Two main mechanisms have been proposed for the anodic oxidation of 
ClO; : ; ; 

(a) The ClO; reacts with discharged oxygen resulting from the oxidation 


of water and chemisorbed at the electrode surfaces??? 
H,O > 0+ 2H‘ +2e (42) 
clo, +O7CI0O,4— (43) 


(b) The primary step is the direct discharge of clo, at the 
anode!©0:!98:209.206) 


clo,” = ClO; +e (44) 


Several follow-up steps are possible and have been envisaged in the literature. 


Let us mention two of these subroutes (References 60 and 205, respectively): 
H,0 
2Cl03 > O02C1—O—O —ClO, —= ClO,: + ClO; + 2H” (45) 


H2,0 
ClO; —> ClO, + 2H* +e (46) 


A recent study and discussion of the mechanism of perchlorate formation is due 
to Wang et al.°°° 

The partial c.d.—potential curves for O2 evolution exhibit marked changes 
in slope (Figure 18) suggesting a modification of the corresponding reactions 
and of the relevant adsorption layer. In contrast to this, the log 7—-log j plots for 
ClO; conversion are straight lines over the three decades of c.d. investigated 
(Figure 18). Their slope is 0.11-0.12 V and the influence of ClO; concen- 
tration is (d 1nj)/(d Inc) = 0.5, which corresponds to a one-electron step 
electrode reaction with a = 0.5. From these facts and some other findings de 
Nora et al.”°” concluded that the rate-determining step is the direct discharge 
of ClO; according to reaction (44), probably followed by subroute (46). The 
detailed mechanism is still open to question. 


4.4.2. Direct Oxidation of Cl, 


Chlorine dissolved in a perchloric acid solution can be oxidized anodic- 
ally to HCIO, with no side reaction other than oxygen evolution."'”°°?® The 
reaction has been studied by Krasilova et al.°*® At low potentials only oxygen 
was formed but at 2.9 V they obtained HCIO, with 60% current efficiency at 
6N HCIOQ,. This is the optimum concentration. At higher concentrations the 
partial current of HClO, drops off drastically, owing probably in part to 
adsorption of perchlorate at the interface. On the other hand, at low concen- 
trations, below 6 N, it is the rate of oxygen evolution which increases strongly 
when the HCIO, concentration is lowered at constant potential. 

In the low potential range, where there is only oxygen formation, the rate 
of the latter at constant potential decreases with increasing concentration of 
dissolved Cl2. This suggests an inhibition of oxygen evolution by adsorption of 
Cl at the anode. This inhibition facilitates the attainment, at increasing c.d., of a 
potential sufficiently high for HCIO, formation. It appears that adsorption 
phenomena play an important role in the electrosynthesis of per- compounds, 
through their influence on the competing O>2 evolution or through a more direct 
action on the formation of the per- compound itself. Further examples of such 
effects are encountered in 4.4.1 (formation of ClO,” from ClO3°) and 7.1 
(synthesis of peroxodisulfate). The kinetics of various anodic processes at high 
potentials have been studied by Veselovsky ef al. and discussed in terms of the 
structure of the electric double layer.” 

The direct oxidation of Clz to HC1IO,, which involves the transfer of not 
less than seven electrons per atom of Cl, is most probably a very complex 
process. Nothing seems to be known so far about the intermediate steps. 


4.8. industrial Cells 


4.5.1. Perchlorate Cells 


Homogeneous reactions are not of importance here since perchlorate is 
formed anodically only; therefore, perchlorate cells do not show the features 
that are typical of chlorate cell systems. The problem of a minimized residence 
time of the electrolyte in the cell which plays an eminent role in chlorate 
electrosynthesis (owing to the competing reaction routes) are of subordinate 
significance. Moderate electrolyte flow is satisfactory. Hence, cell design is 
relatively simple. 

The anode material is very important. Only two have attained industrial 
application. Smooth platinum has been industrially applied as it was for a long 
time the only material to yield the high overpotential required for all peroxida- 
tion processes (as applies to persulfate and perborate, too). The considerable 
capital investment due to the use of massive platinum induced a search for 
alternative means. Cladding of smooth platinum foil on copper or silver was 
tried, but a foil thickness of about 70 4m is needed to provide satisfactory 
protection of the nonresistant copper substrate, thus requiring a still 
uneconomic platinum quantity. To substitute platinum many materials such as 
tungsten, molybdenum, graphite, magnetite, and manganese dioxide have 
been considered (Reference 175, p. 82) without satisfying results. Alone, the 
use of lead dioxide was reported*°’*"® to yield a relatively high current 
efficiency (79% and 58% respectively). This anode material has found a wide 
application in combination with graphite as the substrate’’”’ though the current 
efficiency is lower by some percent as compared to the platinum anode.''**!*” 
Very recently, a coating of platinates on titanium was reported to be successful 
for perchlorate manufacture.” 

Cathodes are made of bronze, carbon steel, CrNi steel, or nickel. As in 
chlorate synthesis, dichromate is added to the electrolyte solution to minimize 
cathodic reduction by the mechanism discussed in Section 2.3.2. Dichromates, 
however, are not admissible if lead dioxide anodes are used because on these 
electrodes, the dichromate catalyzes the oxygen evolution.” For this case, 
nickel or CrNi steel were found to be the most effective cathode material.?°” 

Operational data for the production of sodium perchlorate are shown in 
Table 4. Further details of the perchlorate process, including cell design, can be 
found in the reviews of Schumacher’’* and Legendre“'*”’; the latter also 
contains interesting economic considerations. 


4.5.2. Perchloric Acid Cells 


‘ ° + i 
A process used commercially for perchloric acid manufacture””” starts 


from sodium perchlorate which is reacted with an excess of concentrated 
hydrochloric acid to form perchloric acid and precipitated sodium chloride. To 


Table 4 
Typical Operational Data for Perchlorate 
Celis??? 


Current, A 500-12,000 
Current density, A/m? 1,500-5,000 
Cell potential, V 5-6.5 
Current efficiency, % 
Platinum anodes 90-97 
Lead dioxide anodes 85 
Electrolyte temperature, °C 35-50 
Electrolyte pH 6-10 
Cancentration, g/liter 
Na,Cr,0, 0-5 
Entrance cel{ 
NaCio, 400-700 
NaClo, 0-100 
Exit cel] 
NaCcio, 3-50 
NaClo, 800-1,100 


obtain a very pure product, a direct electrosynthetic process for perchloric acid 
is also industrially applied.""””” Gaseous chlorine is dissolved in chilled per- 
chloric acid and anodically oxydized to form perchloric acid (see Section 4.4.2). 
The anodes are made of platinum foils fixed by spot welding to a tantalum rod. 
The cathodes are harizontally slitted silver sheets, placed inside frames of PVC, 
which are arranged like filter press elements. The interelectrode space is 
divided by PVC fabric. Operation data are compiled in Table 5. Platinum 
consumption of 0.025 g/t of 70% HCIO, is remarkably low as compared to 
perchlorate manufacture (2-7 g/t NaClO,). Platinum dissolved at the anode 
is partly deposited at the cathode and can be recovered. An anode life time of 
two years has been reported, but can be increased up to seven years.@')) 
Current efficiency can be improved by application of even lower temperatures 
‘nthe range of — 5 to ~ 30°C.2!” 

Current efficiency obtained is lower than for perchloric acid prepared from 
chloride via chlorate and perchlorate, but the process directly yields products 


Table § 
Operational Cell data in Perchloric Acid Manufacture by Direct 
Anodic Oxidation of Chlorine???" 


Current 3000 A 
Current density 2000-2500 A/m? 
Cell potential 44yv 
Current efficiency 0.60 
Electrolyte temperature —S to 43°C 
Chlorine concentration, entrance cell 3 g/liter 
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of high purity, which dispenses with separation stages, thus compensating for 
the low current efficiency by a lower plant investment and lower labor cast. 
Further, unusual perchlorates (of magnesium, barium, copper, lead) can be 
prepared by direct conversion with perchloric acid, not requiring the rounda- 
bout route via sodium chlorate. 


Mutual Effect of Current Density, pH, Temperature, and 
Hydrodynamic Factors on Current Efficiency in the 
Chlorate Cell Process 


Milan M. Jaksic* 


Electrochemistry Department, Institute for Chemistry, Technology, and Metallurgy, Belgrade, Yugoslavia 


ABSTRACT 


The simultaneous mutual effect of pH, temperature, current density, and 
hydrodynamic factors on current efficiency in the chlorate cell process has been 
investigated and considered. Certain practical considerations of the process 
optimization are also given. Some contributions to the scale-up of chlorate 
cells have also been introduced. It has been pointed out that by adjusting all 
other parameters at their optimal values (temperature, pH, and the linear 
velocity of flow), the current density is then the main factor providing high 


current yields. 


The basic electrode process in electrochemical chlo- 
rate production is anodic chloride ion oxidation, ac- 
companied by immediate hydrolysis of the resulting 
elemental chlorine, that yields as a further intermediate 
product hypochlorous species or available chlorine.! 
Two simultaneous parallel ways remain for active 
chlorine to reach the final state of chlorate formation. 
The first and the useful one (t,) would be its direct 
chemical conversion 


2HC1O + ClO- + 2H20 


ky 
—» ClO3~- + 2H30* 4+ 2Cl- [1] 


well known as the Foerster reaction of chemical chlo- 
rate formation (1). 

The second and unavoidable path represents another 
Foerster reaction of further anodic hypochlorite oxida- 
tion to the final state 


: 6e 
6C1O— + 9H20 —> 2C103~ 


+ 6H30+ + 4Cl— + 3/202 [2] 


also known as the reaction of electrochemical chlorate 
formation (1), which represents an unnecessary loss 
of current (f2). 

For the sake of Faradaic balance treatment, it is 
much more convenient to present the reaction of elec- 
trochemical chlorate formation in a form of total an- 
odic oxidation process from chloride ion to the final 
species 


18e 
2Cl—- + 18 OH- ——> 2C103— + 9H2O0 + 3/202 [3] 


In the chlorate cell process one practically neglects 
anodic chlorine evolution and defines as efficient (t1) 
the electrode path in which the electrochemical oxida- 
tion goes to the hypochlorous species only, with chlo- 
rate as further final product of the pure chemical con- 
version. Considering the total anodic chloride oxida- 
tion to the final state (reaction [3]) as unavoidable 
anodic current losses (tz), it can easily be shown that 
the over-all current efficiency (t) of the whole elec- 
trolytic process is the same as that of the first stage 
chloride anion oxidation (ti), or in another words, 
thatt; + t= 1. 


* Electrochemical Society Active Member. 

Key words: active chlorine, hypochlorous species, steady-state 
current yields, back-mix-flow reactor, plug-flow reactor, instan- 
taneous current efficiency. 

1“Available chlorine” comprises the sum of concentrations of 
hypochlorous acid, hypochlorite ion, and dissolved elemental chlo- 
rine. However, at the PH of usual electrolytic chlorate production 
the latter can be neglected, so that the more convenient term active 
chlorine will be used henceforth for hypochlorous entities only. 
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Both reactions (Eq. [1] and [3]) are dependent on 
each other and hence both depend on pH, temperature, 
current density, electrolyte volume ratios, and their 
active chlorine contents, as well as on the hydrody- 
namic conditions inside the cells. 

A chlorate production system mainly consists of the 
cells and the holding volume usually in a closed loop. 
The cell has often been considered primarily as a gen- 
erator of active chlorine, and the holding volume as 
a reactor for its further conversion to the final prod- 
uct. (2). 

Faradaic stoichiometry and material balance con- 
sideration have been leading to the derivation of an 
equation which relates the over-all current efficiency 
(t1) of chlorate production to the operational param- 
eters of the process including all partial volume con- 
tributions of active chlorine conversion (see Appendix 
I) throughout the system (2) 


2 2f.2+KretVe¥ K* + (@H30+ ) c2*Csc3 
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where I denotes the total current or the cell load; kr 
is the rate constant for the reaction [1]; q, the flow 
rate; V, the electrolyte volume; F, the Faraday con- 
stant; f, the activity coefficient of hypochlorous acid; 
K*, the rearranged dissociation constant of hypochlo- 
rous acid (see below); a@y30+, the hydronium ion activ- 
ity; Cs, the active chlorine concentration; and tg and ts, 
possible current losses for chlorine evaporation and 
cathodic hypochlorite reduction, respectively. The last 
two terms could be neglected in common practice of the 
chlorate production, that means ty + te + tg + ta ~ th 
+ te = 1. Subscripts c and h shall refer, throughout, to 
the quantities corresponding to the cells and to the 
holding volume, respectively. In the above equations 
f? approximately represents the Broénsted’s kinetic co- 
efficient (3, 4) for the reaction of chemical chlorate 
formation (Eq. [1]). 
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The first term in Eq. [4] and [5] defines current 
yields under conditions such that all electrolytically 
produced active chlorine simultaneously undergoes the 
further electrochemical oxidation to chlorate according 
to Eq. [3]. The next two terms represent contributions 
to the over-all current efficiency of the chemical con- 
version of hypochlorous species taking place inside the 
cells and the holding volume, respectively. 


The pH Effect of the Whole Chlorate System 


One could immediately draw some general conclu-~ 
sions considering Eq. [4] and [5] by quite a simple 
analysis, Firstly, in very acid solutions, when hypo-~ 
chlorous species decompose and tend to negligible con- 
centration, chlorine evolution approaches its maximal 
current yields (t3 - 1), chlorate current efficiency 
takes small values, and the whole cell operates as a 
chlorine producing unit. On the contrary, in alkaline 
solutions (ady30+) - 0), hypochlorous acid approaches 
zero concentration, and all active chlorine builds up 
its concentration and exists in the form of hypochlorite 
ions, This reduces chemical conversion of available 
chlorine to negligible rates, so that the final effect 
represents chlorate production taking place from total 
anodic oxidation only (Eq. [3]). Therefore, one has to 
seek an intermediate pH range providing the optimal 
operating conditions and yielding the maximal current 
efficiencies. In the two limiting cases, just discussed, 
neither the temperatures and the current density, nor 
any other operating variable and parameter could 
bring about any improvement of the chlorate cell effi- 
ciency. Hence, a certain mutual effect of variable opti- 
mization must exist somewhere in between these two 
limiting cases. 


The pH Effect of the Holding Volume 


Partial differentiation with respect to (ay30+) of 
both terms relating over-all current efficiency in Eq. 
[5] to the contributions of hypochlorous species con- 
version inside the two volumes, V, and Vi, reveals the 
optimal pH region providing maximal current yields 
to be 


[6] 


The rearranged dissociation constant (5), as well as 
its corresponding thermodynamic value, represents 
a quantity dependent on temperature. 

It has previously been shown elsewhere (5) that the 
relevant equilibrium constant for calculating the actual 
hypochlorous species contents at the ionic strengths of 
the chlorate cell brine and for evaluating the over-all 
eurrent efficiency according to Eq. [5], is 


pHm = pK* — log 2 
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where K, stands for its thermodynamic value, and 
other signs have the usual meaning. 

Caramazza (6) revealed the functional temperature 
dependence of the thermodynamic dissociation con- 
stant of the hypochlorous acid to obey the equation 


800 
pKa = —— + 4.892 [8] 


However, Morris (7) has recently presented some- 
what more reliable data expressed by the following 
relation 


3000.00 
_—— [9] 


— 10,0686 + 0.0253 - T 


which was asserted to be valid up to 45°C (7). 

Thus, combining Eq. [8] and [9] with [6] and [7], 
one obtains the temperature dependence of the optimal 
pH range (pHm) for the chlorate cell process, Some 
experimental and calculated values are shown in Fig. 
1. One easily observes that the higher the temperature, 
the lower is the optimal pH value which provides 
maximal current yields in the electrolytic chlorate 
production [cf. (5)]. This matter has been discussed in 
more detail elsewhere (5). 


The pH Effect of the Chlorate Cell 


The pH effect of the chlorate cell itself on the over- 
all current yield was investigated as a function of the 
holding volume temperature at constant current den- 
sity (Fig. 2). It has again been experimentally con- 
firmed that the optimal pH range given above pro-~ 
vides maximal current efficiencies. However, one could 
accept as much more important the optimal pH value 
to be maintained inside the holding volume, whose con- 
tent and retention time are of incomparably higher 
values. Due to the chemical conversion of available 
chlorine, as well as the reaction proceeding (Eq. [1]) 
the electrolyte tends to be more acid. Hence, one needs 
a somewhat higher pH value of the brine leaving the 
cell and entering the holding volume, in order to main- 
tain optimal acidity inside the latter. Of course, this 
also depends on the buffer content (hydrochromic acid) 
in the brine. At the same time one tends to reduce and 
maintain an optimal dichromate concentration for many 
important reasons. First, of all, the latter is partially 
lost during the crystallization of the final product. 
Also, although dichromate enables the cathodic hypo- 
chlorite reduction to be effectively suppressed, and 


Fig. 1. Theoretical (CG, V) 
and experimental (@) tempera- 
ture dependence of the optimal 
pH value (pH) providing moxi- 
mal active chlorine conversion 
rates into chlorate inside the 
holding volume [© and VY ac- 
cording to Caramazza (6) and 
Morris (7), respectively]. 
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Fig. 2. Mutual effect of the cell pH (pH.) and the holding vessel temperature (t;,) on the current efficiency (t,) in the electrolytic chlor- 
ate process. (©), experimental data (pH.: 1—6.0; 2—6.5; 3—7.0; 4—7.5, and 5—8.0); other operating parameters being maintained con- 
stant, I, i,q, Vc, Vn, and tc; A and A, theoretical and experimental values, respectively, according to Claus (12) [ef. (33)]. 


enables useful buffering of the brine, chromate ions 
simultaneously exhibit an undue effect on the anodic 
cell process (8). On the other hand, however, chro- 
mate ions represent an efficient inhibitor of corrosion 
for precious metals deposited on titanium anodes and 
hence, one may need to increase their brine content 
(9) for this reason. 


The Over-All Temperature Effect of the 
Chlorate System 


The temperature effect of the chlorate producing 
system is confined by a certain number of kinetic 
parameters encompassed by the relationships for cur- 
rent efficiency given above, i.e., k,, K* and, as will be 
seen below, over the rate constant for chlorine hydrol- 
ysis. In addition the simultaneous effect of increasing 
temperature on cell voltage decrease is well known, 
thus providing for power consumption to be efficiently 
decreased as well. One tends, therefore, to increase the 
temperature throughout the whole system. However, 
the temperature exhibits a negative effect on anode 
consumption. Thus, economical considerations define 
a rather limited level of temperature inside the chlorate 
cells. 

One of the most important temperature effects for the 
process would be to increase the rate of the chemical 
conversion of active chlorine (Eq. [1]), which other- 
wise represents a slow reaction. Hence, an economical 
compromise is found for cells with graphite anodes in 
temperature range of about 40°C. Nevertheless, to in- 
crease chemical chlorate formation inside the whole 
system, it has been suggested that the retention volume 
of the reactor should be elevated to a relatively higher 
temperature level (2). 

Due to platinum metal coating corrosion, one also 
chooses, as well suited from an economical point of 
view, a rather compromised temperature range of 
about 60°C for chlorate cells with titanium (DSA) 
anodes (9). This higher temperature increases current 
yield and reduces the over-all power consumption. 

There exists another important reason for limiting 
the temperature of the chlorate producing system. It 
appears because of the thermal decomposition of the 
hypochlorous species resulting in oxygen evolution and 
reverting active chlorine to its initial state of chloride 
ions (10, 11). Therefore, an exact derivation of the re- 
lationships given before the over-all current effi- 
ciency (Eq, [4] and [5]) requires that the thermal de- 
composition rate of active chlorine should also be in- 
cluded in the whole material balance treatment of the 
system [cf. (12)]. 

All the above considered reasons have resulted in a 
te aa range for actual chlorate systems of about 


This region has also been confirmed experimentally 
and assessed as the optimal and efficient one (Fig. 2 
and 3). Namely, mainly due to the relatively low ac- 
tive chlorine concentration inside the optimal pH re- 
gion for chlorate production, a rather asymptotic level- 
ing effect of temperature on the current efficiency ap- 
pears above 60°C. This is much more pronounced at 
lower current densities as could be noted in Fig. 4. 
Therefore, it could be concluded that the heating effect 
of the holding volume (2) is efficient enough indeed, 
and of practical] importance only for chlorate cells run- 
ning at low current densities (unipolar cells with 
graphite anodes). 

The over-all current efficiency (t:) dependence on 
the holding vessel temperature is evidently not a 
straightforward one. One should consider that, in addi- 
tion to kinetic parameters k,,, and K*n, the effect of 
active chlorine content (Csr) in Eq. [4] and [5] is also 
temperature dependent in a quite complex manner. 
This could be comprehended as follows. Both relation- 
ships (Eq. [4] and [5]) reflect primarily the Faradaic 
stoichiometry which states that, the larger the current 
efficiency, the higher should be the accumulation of the 
active chlorine inside the cell (Cse — Csn) or the lower 
the hypochlorous species content leaving the holding 
volume (Cs, > 0). However, a quite converse require- 
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Fig. 3. Mutual effect of the temperature (f;) and the pH inside 
the holding volume (pHn) on the current efficiency (f;) in the 
chlorate cell process: @ and W experimental data ot pH, 6.0 and 
6.5, respectively; other operating parameters being maintained con- 
stant: J, i, g, Vc, Va, and f- > © and VY denote calculated values 
according to Eq. [10] for experimental values of the Cgc at the 
pH), 6.0 and 6,5, respectively. 
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Fig. 4. Mutual effect of the current density (i) and the holding 
vessel temperature (t;,) on the current efficiency (t)) at a constant 
pH of the cell (pH-—6.0). © and V denote experimental data at 
current densities 6.67 and 1.8 A/sq. dm., respectively. Other operat- 
ing parameters of the system being maintained constant are q, Vc, 
Vi, and te. 


ment arises from hydrodynamic considerations (see 
below), because the increase of the C,;< leads conse- 
quently to proportional current losses due to increased 
direct anodic oxidation. 

Therefore, although the concentration difference 
(Cgc — Cyn) is needed as large as possible, one should 
at the same time also try to maintain the Cs. as low 
as possible, This fact is in itself a practical reason 
causing the existence of an optimal holding vessel to 
cell volume ratio (V- and Vy), previously often con- 
sidered in terms of current concentration. This is also 
the reason why active chlorine concentration (Csr) 
entering the cell is never negligible compared to the 
one leaving it or why the former does not tend to zero 
or negligible values at all, as required by Eq. [4], to 
approach the maximal current efficiencies. Therefore, 
the increase in the rate of active chlorine conversion 
into chlorate with temperature must exhibit an 
asymptotic tendency to a certain maximal value, in 
spite of the fact that the rate constant is increasing, 
because the concentration factor in the rate expression 
(Eq. [5]) decreases with the third power (Fig. 3). 
Hence, both values of active chlorine content, entering 
and leaving the cell, under practical operating condi- 
tions of chlorate production are usually of the same 
order. 

Considering Eq. [4], it could be easily found that 
the higher the flow rate (q), the smaller the difference 
of the two active chlorine contents (Ce: > Cen) and the 
whole term reflecting the holding volume contribution 
to the over-all current efficiency of the system asymp- 
totically tends to its limiting value. 

Quite a simple analysis would lead to the conclusion 
that, just due to the small active chlorine contents 
throughout the system, the plug-fiow type of reactor 
(Vn), for the same volume, provides higher degrees of 
conversion to chlorate and higher current yields, than 
does the back-mix flow one (26). 


The Contributions of Hydrodynamic Factors to 
Over-All Current Yield 


There has been an old general acceptance in the 
chlorate cell process that the motion of the electrolyte 
inside the cell should be reduced in order to provide 
concentration polarization for the anodic oxidation of 
the active chlorine. However, Ibl and Landolt (13) 
were the ones to show an interesting and complex 
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nature of its anodic diffusion layer. Namely, due to the 
subsequent chlorine hydrolysis, which prevalently 
takes place within the diffusion layer, hypochlorous 
species diffuse in both directions from and toward the 
generating electrode, thus creating a certain concen- 
tration maximum inside the diffusion layer (13). 

Hence, in order to really provide the concentration 
polarization, the diffusion layer should be cut down 
from the solution side by increasing the linear velocity 
of brine flow increasing thereby the fraction of hypo- 
chlorous species, which then avoids a further anodic 
oxidation. 

The concentration profile, the resulting active chlo- 
rine flux and the concentration gradient at the anade 
surface, were also analytically given by Ibl and Landolt 
(13). Equating the lbl-Landolt equation for the flux 
with the fraction of the current used for further active 
chlorine anodic oxidation, Despic et al. (14) were able 
to derive a quantitative expression relating the over-all 
current efficiency to the hydrodynamic, operational, 
and kinetic parameters of the process 


D,-F 
1—-——_ * fee * Cac 
i°6 


3 1 — exp (—8\/K1/D}) 


2 28 + \/k&/Di 


where 6 is the anodic diffusion layer thickness; k, the 
rate constant for the reaction of chlorine hydrolysis; i, 
the current density; D, and Dy, are the diffusion co- 
efficients of the elemental chlorine and the active 
chlorine, respectively; while f,;- represents the formal 
activity coefficient of both hypochlorous species taken 
together as active chlorine. This relationship differs 
from the original flux equation [cf. (13)] by the cor- 
rection introduced to extend its application to concen- 
trated solutions. In other words, instead of the con- 
centration, one relates the flux and thereby the current 
efficiency to the activity of active chlorine (14). 
Namely, one could easily find it much more con- 
venient to use the chemical potential as the driving 
force of diffusion in concentrated solutions and, hence, 
to relate fluxes of the considered species to their in- 
dividual activities in the first approximation. In gen- 
eral this is a better approximation anyway compared 
to the application of their concentrations in the Fick’s 
equation (18). Some ions, however (and particularly 
the hydronium ion is usually the most important among 
them in aqueous solutions) undergo considerable, but 
Tegular activity changes in concentrated solutions of 
some neutral salts (19). The same conclusion is found 
to be valid for the hypochlorite ion, and in concen- 
trated solutions of neutral salts also for both hypo- 
chlorous species taken formally together in the form 
of active chlorine (18). 


Certain individual activities have recently appeared 
as experimentally attainable values in the first ap- 
proximation at least (19,20). It will be shown at 
another instance that these activities obey the diffu- 
sion relationships much better than their corresponding 
concentrations (18). 

One should not overlook the fact that the concentra- 
tion of active chlorine, C;., does not represent an inde- 
pendent value, but a variable of a very complex na- 
ture. Therefore, Eq. [10] is valid for its steady-state 
values only (2, 14). 

Of course, Eq. [10] could be combined with relations 
[4] and [5], as well as with the one expressing material 
balance of the holding vessel, in order to eliminate or 
to introduce the steady-state C,, and C;, values in re- 
sulting relationship [cf. (14) and (21)]. 

According to Eq. [10], the over-all current efficiency 
exhibits a region of maximal values as function of the 
anode diffusion layer thickness (Fig. 5). This range is 
defined by the following transcendental function 


th [10] 
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Fig. 5. The current efficiency 
(ti) of the chlorate celi as a 
function of the anode diffusion 
layer thickness (5) for yarious 
Csc/i ratios taken as parameter 
at 25°C (see Appendix II). Cal- 
culated values according to 
Eq. [10]. 
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or approximately by the relation 
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It would be worthwhile to point out that the current 
yields always reach their maximal values for 5y > 0. 
Such a conclusion results from the consideration of 
Eq. [11]. Namely, its left-hand side represents a 
straight line, while its right-hand side defines an 
exponential function of the diffusion layer thickness. 
Both lines, however, always cross each other for y > 
0. Moreover, under practical operating conditions this 
represents an easily attainable required condition. 

It is also worthwhile to note that the current effi- 
ciency, according to Eq. [10] could reach values lower 
than 2/3 only for unsteady-state active chlorine con- 
tents. In such a case, ty does not represent the steady- 
state yield, but the instantaneous one, which changes 
successively with time and with the active chlorine 
consumption. It asymptotically approaches both Cgc 
and t,, the final steady values. Moreover, the chlorate 
cell anode represents in itself a self-adjusting system. 
That means, the larger the diffusion layer thickness the 
lower is the instantaneous current efficiency (see Eq. 
[10]}), but it also means the more intensive is oxygen 
evolution. On the other hand, gas evolution represents 
an efficient short-circuiting of the diffusion layer [cf. 
(15, 16, and 31)] and hence, the latter begins to de- 
crease in accordance with oxygen evolution rate, re- 
sulting in a gradual increase of the current efficiency 
with time. 

As one could easily note, current losses (1 — t;) now 
do not represent a direct, but a very complex function 
of the active chlorine concentration [cf. (3) }. This re- 
sults from quite an unusual diffusion layer structure 
and the very complex active chlorine profile, the latter 
being quite different from the Nernst linear distribu- 
tion. 

Equation [10] has been experimentally found well 
suited in the chlorate cell process (14) (Fig. 3). In 
conclusion, it could also be emphasized that the hydro- 
dynamic operating parameters and conditions of the 
cell represent essential factors (Fig. 5) for the process 
inside the latter because of the occurrence of quite un- 
usual and specific events taking place inside the anode 
diffusion layer. 
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The Effect of Current Density 


The main characteristic of the two parallel anodic 
reactions taking place simultaneously in the chlorate 
cells represents the fact that, in common industrial 
practice at least, chloride oxidation abounds in the ions 
present (usually the steady-state concentration is 
about 2 moles/liter), while the reaction of hypochlorous 
species, being rather concentration polarized, is sup- 
pressed (Cs, is usually of the order 3 — 5 - 10-2 moles/ 
liter). Therefore, the most efficient and intrinsic pa- 
rameter of the chlorate cell process providing higher 
current efficiencies is the current density itself (cf. 
below Fig. 9). However, in order to effectively use 
these common conclusions regarding concentration 
polarization and to adjust the anodic process, a suit- 
able anode material is needed. 

Figure 6 shows the current efficiency dependence on 
the current density. Experimental data are compared 
with data predicted by Eq. [10] as well as with other 
values appearing from another theory (12) for en- 
vironmental (25°C) temperatures and common active 
chlorine concentrations. 

For more than eighty years graphite has been the 
unique anode material in electrolytic chlorate produc- 
tion. Mainly due to its relatively poor polarization 
characteristics for the anode reaction of chlorine evolu- 
tion, and also because of its relatively high resistance, 
one has had to reduce the current density to be- 
tween 2.5 and 5.0 A/dm? for the industrial cell process. 
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Fig. 6. The current efficiency (t)) of the chlorate cell as a func- 
tion of the current density (i). ©, theoretical values according to 
Eq. [10] for the common active chlorine concentration (Cy- = 
4.0 10-2 mol/liter); 5, 8.2 - 10—4 cm; fg, 0.1; and te, 25°C; 0, 
experimental data; and A, values accarding to Claus (12). 
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At the same time, one had to reduce the cell tempera- 
ture to maintain the graphite wear to economical con- 
ditions of consumption. The graphite wear, however, 
also represents, besides other factors, an anodic prop- 
erty depending on its potential and thereby on the 
current density (22). Therefore, both the concentration 
polarization for the active chlorine oxidation at the 
anode and its chemical conversion to the final state, 
have been inconveniently restricted. The resulting cur- 
rent efficiencies, for chlorate cells with unipolar graph~ 
ite electrodes, at least, are thereby in practice usually 
rather limited to values of about 0.8 (see Fig. 6). In 
accordance with relationships [4] and [5], in order to 
increase the current efficiency, even in the case of cells 
using graphite anodes, some suggestions have been 
given (2) consisting of an independent increase of the 
holding volume temperature, while maintaining the 
reasonably low temperature of the cell. This provides 
further intensification of chemical conversion inside 
the former and, thereby its further contribution to the 
over-all current yields (30). 

Recently, however, metallic electrodes of dimen- 
sionally stable behavior and with greatly advanced 
polarization characteristics (DSA-electrodes) (23) 
finally appeared, 

The higher the current density, the more economical 
is the consumption of precious metals. However, the 
IR-drop severely increases linearly with the current 
density and, moreover, very soon the limiting current 
is reached for the anode oxidation of chloride ions. 
Therefore, besides the quite advanced polarization 
properties of DSA-electrodes which results in a higher 
asymptotic effect of the current density on the current 
efficiency (Fig. 6), a range of about 30 A/dm? has been 
chosen as a compromise and accepted as the most con- 
venient. Of course, this requires an optimal pH region 
of the brine to be maintained, too, because out of it, 
not only the current density, but also all other process 
parameters are practically of no effect. The cell oper- 
ates either as a chlorine producer in the acid region, 
or produces chlorate as the final product of total elec- 
trochemical oxidation in the alkaline region thus yield- 
ing the lower steady-state value of the current effi- 
ciency (t; > 2/3). 


Some Scale-Up Considerations of the Chlorate Cells 

Equation [10] relates the current efficiency to the 
average value of the actual steady-state active chlorine 
concentration (Cs) for chlorate cells operating as 
back-mix-flow reactors. A different situation arises in 
the more frequent case of plug-fiow cells. In the latter 
case one must first integrate a material balance equa- 
tion (2, 17, 24) for an element of the cell volume along 
the anode (Fig. 7) 


sist EE 2 13 
7 = OF 1g) — 2) [13] 


where tia) denotes the local current yield depending 
on the anode length (1). The tiq) from Eq. [10] may be 
substituted in relationship [13], on the assumption that 
the former relates the local current efficiency for any 
element of the anode length to its particular active 
chlorine concentration (C,«1)). Integrating from enter- 
ing hypochlorous species content of the cell (C,s,, 1 = 


Fig. 7. Elemental cross section of the chlorate cell plug-flow 
running. 
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0), to the leaving one (C,., 1 = L), one easily comes to 
the distribution relation for the active chlorine concen- 
tration along the anode (17). Now, again, the over-all 
current efficiency of chlorate cells running in plug- 
flow is obtained as an average of the local current 
yields (17), i.e. 
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where r denotes the anode width. This relationship, as 
well as the intermediate ones, have also been experi- 
mentally tested in a ribbon type of cell and found to 
well obey the process (17, 24). 

The final equation [15] was examined by analogue 
computer analysis in order to relate the current yields 
to the anode diffusion layer thickness and cell dimen- 
sions (Fig. 8). It could easily be found that the rela- 
tionship [15] reflects in essence the previous relation 
(Eq. [10]), which already has been discussed, and 
which is also implicitly encompassed by the former. In 
other words, by increasing the linear brine velocity of 
flow along the anode, the current yields first also in- 
crease, and after some maximum, decrease again. At 
relatively fast flow rates, the anode length exhibits a 
more pronounced effect, but in its optimal range, the 
longitudinal cell dimension has practically no further 
effect on the yields within very wide limits. However, 
because of an intrinsic effect of gas bubble collection 
at the upper part of the cell (25), the anode length 
should be reduced. At the same time the flow rate 
along it optimized, thus providing the diffusion layer 
thickness maintained within the optimal range. The 
latter requirement is, of course, easily attainable by 
the cell's own gas-lifting effect, known under the term 
of the natural brine recirculation (32). 

Equation [15] was tested experimentally and found 
well suited (17) (Fig. 9). As one could expect from 
the theory (cf. Eq. [10]), the current efficiency exhibits 
its maximum range as a function of the diffusion layer 
thickness or of the linear flow velocity along the anode. 

It should also be noted that all the presented equa- 
tions relating the current efficiency to the hydrody- 
namic parameters (5) are based on the Ib] and Landolt 
(13) relation for the active chlorine gradient at the 
anode. However, the authors neglected the chemical 
conversion of hypochlorous species within the anode 
diffusion layer. This is correct only for their operating 
conditions of high pH values and low temperatures. 
Hence, a more complete diffusion relation would be 
{cf. (13) and (24)] 


das 
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The latter, however, could not be easily analytically 
solved. It would not lead to a simple analytic form of 


* Cgcz) = 0 [16] 
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equation, due to the third power of concentration de- 
pendence. Also, the hydrogen ion distribution within 
the diffusion layer is of rather a complex nature. Thus, 
it is necessary to solve simultaneously several rather 
complicated differential equations, encompassing all 
equilibria, all diffusion fluxes, and also all the electrode 
reactions at the anode. This advanced and more com- 
plex matter will be reported at a latter instance (27). 
It should also be noted that, in a view of the fact 
that active chlorine exhibits the appearance of a maxi- 
mum concentration within the diffusion layer, which 
exceeds that in the bulk (13), its further chemical con- 
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Fig. 8. The current efficiency (t1) of the chlorate cell as a func- 
tion of the cell length (L) for various the anode diffusion layer 
thicknesses (6) (6 = 1—1.0 - 1075; 2—3.0 + 10-5; 3—5.0 - 10-5; 
4—1.0- 10-4; 5—5.0 -10-4; 6—1.0- 10-3; 7—5.0- 10-3; g— 
1.0: 10-2; and 9—5.0 - 10-2 cm). (a) and (b), Theoretical data 
according to Eq. [15] for the current density 30.0 and 3.0 A/sq. dm., 
respectively. (c), The current efficiency (t;) as a functian of the 
anode diffusion layer thickness (5). Theoretical data according to 
Eq. [15] for the anode length (L) 10 dm. and the current density 
(©, CO) 30.0 and 3.0 A/sq. dm., respectively. Other parameters 
used in calculation were as follows: r, 4.0 dm.; gq, 0.26 liter/sec; 
and Csp, 4.0 - 10-3 mal/liter. 


version must not be neglected for higher operating 
temperatures at least. However, such temperatures just 
lately characterize up-to-date chlorate cell industrial 
practice. 

The above treatment might be usefully applied as 
the one leading to the limiting optimal conditions. This 
implies that, just as the thermodynamic method usu- 
ally gives the lower limits for the considered processes 
to be able to proceed at all, the present treatment also 
provides operational and dimensional limiting condi- 
tions for optimal cell current yields. Namely, providing 
the above-defined optimal cell parameters and main- 
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Fig. 9. The effect of the linear velocity of the brine flow on the over-all current efficiency in the chlorate cell plug-flow running. Experi- 
mental data for the ribbon type of the cell. @, (J, and ©, values for pH.—6.5, 7.6, and 8.1, respectively, and at the current density 


1.97 A/sq. dm.; A, values for pH-—6.5 and i = 3.61 A/sq. dm. 


taining their mutual effect, i.e., the linear velocity of 
the brine flow, current density, pH, and temperature 
(just because of the effect of the latter on the decrease 
of the C,. through its further chemical conversion to 
chlorate which was neglected in all the equations based 
on diffusion layer analysis); one could doubtlessly ex~ 
pect better results only, than those predicted by the 
above equations and consideration (cf. Fig. 5). It 
should also be noted that both relations which com- 
prise the hydrodynamic factors (Eq. [10] and [15]), 
exhibit a very pronounced sensitivity on the active 
chlorine concentration (C;). Hence, the higher the tem- 
perature, the lower should be the active chlorine con- 
tent, and thereby the higher the current efficiency. 

The above consideration represents a certain scale- 
up and optimization guide for the chlorate cell process 
based on the Faradaic efficiency. Another side of the 
medal is represented by its voltage and power optimi- 
zation. The latter has recently been developed and 
thoroughly carried out by Rousar et al. (25), particu- 
larly in examination of the cell dimensions and the 
gas bubble cell effects. Both methods, the mentioned 
one (25) and the one presented here, of course, lead 
to the mutual optimal point at which two independent 
schemes cross each other and thus define the most 
suitable operating conditions for the whole electrolytic 
process, 


Experimental Guide 
The experimental data presented in this paper were 
prevalently obtained by means of the same apparatus 
as that described elsewhere (2). The setup consisted of 


an electrolytic cell 0.6 liter in volume and a holding 
vessel of 2.2 liters connected in a loop so as to provide 
a constant recirculation of brine at a given flow rate 
(q = 8.2 x 10-4 liters/sec). The pH in the cell was 
maintained constant to within + 0.1 pH unit by means 
of a pH-stat. The electrolyte was stirred both in the 
cell and in the holding volume so that they operated 
as back-mix-flow reactors, The stirring in the cell was 
intensified by the cathodic evolution of hydrogen and 
homogenized by an appropriate positioning of both 
the platinum gauze anode and the wire cathode. 

The cell load was maintained at 4.5A, and with the 
electrode surface area A = 67.5 cm2, this implied an 
anodic current density of 6.67 A/dm?. 

The cell temperature was maintained at 25°C, while 
that of the holding volume varied between 15° and 
80°C. 

In the described setup and under the given hydro-~ 
dynamic conditions, the diffusion layer thickness was 
experimentally estimated to be 8.2 x 10-4 cm by mea~ 
suring the steady-state limiting diffusion current of the 
ferrous-cyanide oxidation from a usual and appropriate 
electrolyte composition [cf. (13) ]. 

Other details of the apparatus and of the determina- 
tion of the current efficiency may be found elsewhere 
(2). 

The value of the rate constant of chlorine hydrolysis 
(ky = 0.17 sec!) was obtained by extrapolation of 
Spalding’s data (28) for the actually existing ionic 
strength of the chlorate cell brine [cf. (14) and (18)]. 

The diffusion constants of elemental (D; = 6.7 x 
10-6 em2/sec) and active chlorine (Dz = 1.2 x 1075 
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cm?/sec) represents Chao’s data (29) corrected for 
viscosity of solution at the given ionic strength of 
chlorate production [cf. (14) ]. 

The activity coefficient of hypochlorous acid was 
taken from data of Imagawa (4) to be about 2.0. The 
corresponding value for hypochlorite ion, and for active 
chlorine as well, was estimated to be about 0.1 [cf. (14) 
and (18)], Activity of water was approximately taken 
to be 0.8 (3), The rate constants for the active chlorine 
chemical conversion to chlorate as function of tem- 
perature were taken from data of De Valera (3). 

The electrolyte consisted of 300 g/liter of NaCl and 
about 4.0 g/liter of sodium dichromate. The electrolysis 
was carried out to 30 g/liter of sodium chlorate, where- 
upon the electrolyte was renewed. 

The apparatus with a ribbon type of cell and the 
plug-flow circulation was also described elsewhere 
(17, 24). The entire setup was very similar to the one 
described elsewhere (2) and partly here, the only dif- 
ference being that all the dimensions of the apparatus 
were enlarged. The anode was DSA-electrode supplied 
by Oronzio de Nora, Milano, Italy (L = 70 dm, r = 
4.5 cm). The current densities were i = 3.61 and 1.97 
A/sq.dm., and temperature (t,) was at 14°C, 
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APPENDIX I 


It should be noted that, in deriving Faradaic stoi- 
chiometry and mass balance equations, one has been 
considering (2) both hypochlorous species as poten- 
tially equal entities able to take part in both Foerster’s 
reactions of the chemical conversion and the anode 
oxidation. Hence, both species are together summa- 
tionally expressed in a certain mutual and more suit- 
able unique form of the active chlorine (C,). There- 
fore, for Eq. [1], it could be written 


d[ClO-] 1 df[HClo] d[ClQ g~] 
_ =e = ——__. [A-1] 
dt 2 dt dt 
or, otherwise 
dc, 7 d({HCI1O] + [ClO-]) 4 d({Clo-]j 
dt dt ~ dt 
[A-2] 


Further, introducing Foerster’s kinetic law for the 
chemical conversion in concentrated solutions or, in 
other words, recognizing Brénsted’s kinetic theory 
(1, 4), it could be written 


dc, 
dt 


As it ig already descriptively said, one implies that 
the active chlorine represents the sum of both hypo- 
chlorous species, or otherwise 


C, = [HC1O] + [ClO-] [A-4] 


Two last relations could finally be combined with 
Eq. [7] that leads to the more suitable form of the 
kinetic law for the chemical chlorate formation (2, 5) 


dC, K* - ( 2 
acc NOR pe pare aa SS 
dt [K* + (ayg0+)]? 


=4-f?-k-[HClO]2-[CIO-] [A-3] 


* C3 [A-5] 
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Namely, considering that both species reversibly 
interchange their states between each other over an 
extremely fast reaction of proton exchange [cf. (13) ], 
the active chiorine might be imagined as an instanta- 
neous mutual hibride form similar to an active complex 
in the transition state. Such a conclusion seems prob- 
able for the transition pH range at least, where both 
hypochlorous species exist in comparable contents. 


APPENDIX II 


Explanation of Fig. 5 
Equation [10] could be presented in a somewhat 
more convenient form for further computer analysis. 
Hence, one firstly introduces another parameter (A) 
being 


Cre 


A= Dek te? [B-1} 


bu 
or in combination with Eq. [12] the latter leads to the 


relation 
A= a V Dz: F les * Cec 1 / Ll [B-2] 
2 7 Di 


Finally, one more parameter (X) can be introduced 
é 

XxX =— 

bm 


Replacing Eq. [B-2] and [B-3] into Eq. [10], one 
obtains its other form 


[B-3] 


1— A/X 
ty = —— [B-4] 
3 1 1—exp (—4AX) 
22 4AX 


Thus, the parameter X in Fig. 5 represents in essence 
the variable 4 in a somewhat different and more suit- 
able form. Hence, the various curves in Fig. 5 represent 
the basic relationship (Eq. [10]), expressed in a more 
convenient form (Eq. [B-4]), for different ratios C,,/i 
used as parameter. This is reflected here over different 
A values (1-10~4, 2-3.3 - 10-4, 3-10-53, 4-3.3 - 10-3, 
and 5-10-27), 
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Standard Electrode Potential Measurements of Pb/PbCI./HCI and 
TI/TICI/HCI Half Cells in Dimethylformamide at 30°C 
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ABSTRACT 


The potentials of electrodes consisting of metal, solid metal chloride, and a 
solution of a soluble chloride (anhydrous HC1) in dimethylformamide (DMF) 
have been measured vs. a hydrogen electrode as the reference electrode. Half 
cells Pb/PbCl,/HC] and T1/TICI/HCI1 were prepared by contacting pure metal 
with its associated chloride after forming the solid phase in a glass tube. 
Elaborate and scrupulous procedure is important for preparing the hydrogen 
electrode to attain reliable and reproducible measurements in DMF. Standard 
electrode potentials of —0.3368 and —0.5994V vs. SHE in DMF, at 30°C, were 
attained in DMF for the lead chloride and thallium chloride electrodes, respec- 


tively, at 30°C. 


Measurements of electrode potentials in nonaqueous 
solvents have shown complications since 1909, even 
though some of them were found to be a natural and 
straightforward extension of the corresponding mea- 
surements in aqueous solutions. Pavlopoulous and 
Strehlow (1) measured the standard potentials of some 
heavy metals in the solvent formamide, but were un- 
successful in using the Ag/AgCl electrode in. the same 
solyent. The Ag/AgCl electrode in formamide was used 
for measurements without much difficulty by Mandel 
and Decroly (2). 

Since the unsubstituted amides (with the exception 
of formamide) are all crystalline solids at room tem- 
perature, N,N-dimethylformamide was chosen, which 
is a powerful solvent for both polar and nonpolar 
compounds. It has not been investigated as a non- 
aqueous solvent (3) for the measurement of electrode 
potentials. It was employed in this paper for the mea- 
surement of the standard potential of electrodes of the 
metal-insoluble salt type vs. the hydrogen electrode. 


Discussion 


In Pavlopoulous and Strehlow’s paper (1) the hy- 
drogen electrode was used without adequate descrip- 


1 Deceased. 

2? Present address: No. 58, Tung Hai Read, Tung Hai University, 
Tai-Chung, Taiwan, The Republic of China. 

Key words: electrode potentials, metals in DMF. 


tion of operational detail. The literature indicates that 
the level of accuracy of most potentiometric measure- 
ments in anhydrous solutions has been insufficient to 
warrant any distinct choice between alternative meth- 
ods of preparing the hydrogen electrode. The attain- 
ment of a truly reproducible hydrogen electrode ac- 
tually holds the key to the successful performance in 
its role as the reference electrode (4) in anhydrous 
DMF solutions, 

A typical laboratory procedure for preparing the 
platinized hydrogen electrode in aqueous solutions in- 
cludes cleaning the Pt plate with aqua regia, testing 
the cleanliness in a 10% solution of H,SQu,, then elec- 
trolyzing it as the cathode in dilute NaOH and H2S04 
solutions after electrolyzing it as the cathode for 5 min 
in a 3% solution of chloroplatinic acid containing 0.5 
ml of 0.1N lead acetate in 100 ml solution. 

The portion of the procedure most likely to cause a 
difference in behavior of the hydrogen electrode in 
aqueous and nonaqueous solutions is the process of 
platinization. Lead acetate is added to the platinizing 
solution as an impurity. Purified chloroplatinic acid 
solutions give only bright Pt deposits upon the plati- 
num plate, which as an electrode can be initially ac- 
tive but decays in activity rather rapidly. Hence the 
lead acetate has to be retained in the platinizing solu- 
tion (5), The second factor with prominent importance 
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ABSTRACT 


The chlorate process is very energy intensive and a major part of the production costs are for 
electrical energy. Since the electricity prices are constantly increasing and may also vary periodically, 
the chlorate plants may be forced to adjust their production rate to the price at each moment in 
order to minimise their costs. Variation of current load requires increased knowledge regarding the 
electrode behaviour in a wide current range. In this thesis, the aim was to study the impact of the 
electrolyte on the electrode reactions in order to reduce the energy consumption. The work has 
mainly been experimental and additionally mathematical modelling has been carried out. A wide 
current range has been investigated in order to increase the understanding of the phenomena and to 
obtain results useful for low-load operation during the periods of high electricity cost. 


To operate the anode as energy efficiently as possible, the anode potential should not exceed the 
critical potential (E.,), where the slope of the anodic polarisation curve increases, most likely due to 
ruthenitum(VIIJ)-formation, and where the side reaction of oxygen evolution increases. In this 
work, the influence of different electrolyte parameters on E., has been studied. It was shown that a 
higher chloride concentration and an increased temperature lowered E,.,, which was expected to 
increase the risk of exceeding E.,. However, this was not observed due to a simultaneous favouring 
of the chloride oxidation. Hence it was concluded that the electrolyte parameters should be 
optimised so that the lowest possible anode potential is obtained, which would enable higher 
current densities without exceeding F,,. A further conclusion is that the increased slope of the 
polarisation curve at E., was possibly related to the lower activity for chloride oxidation on 
ruthenium oxidised to ruthenium(VII)). 


At full-load operation, the cathode potential was shown to be rather independent of the electrolyte 
composition despite a large variation of electrolyte parameters. The cathode composition appears 
to be more critical than the electrolyte composition when aiming at reducing the energy 
consumption. A strategy to increase the cathode activity could be to in situ apply a catalytic film 
onto the electrode surface. Therefore, Y(II]) was added to a chloride electrolyte in order to form a 
yttrium hydroxide film on the alkaline cathode surface during hydrogen evolution. The yttritum- 
hydroxide film activated reduction of water (hydrogen evolution) and hindered hypochlorite 
reduction, proton reduction and nitrate reduction. The inhibiting properties are important for the 
prevention of side reactions, which currently are avoided by reducing Cr(VI) of the electrolyte on 
the cathode, producing an inhibiting chromium-hydroxide film. The studies on Y(III) increase the 
expectations for finding alternatives to the toxic Cr(VI). 


The addition of chromate to the chlorate electrolyte gives a high cathodic current efficiency and 
chromate has buffering properties in the electrolyte. The role of the buffer has been investigated 
for the oxygen evolution from water (one possible anodic side reaction), as well as cathodic 
hydrogen evolution. Models have been developed for these systems to increase the understanding 
of the interaction between buffer, electrode reactions and mass transport; the results have been 
verified experimentally. The chromate buffer increased the limiting current significantly for the 
cathodic H* reduction and the cathodic overpotential was reduced drastically at currents lower than 
the limited current. A too low overpotential could result in the cathodic protection being lost. The 
presence of chromate buffer increased the limiting current for the oxygen evolution from OH. The 
modelling of these systems revealed that the homogeneous reactions connected to the electrode 
reactions were not in equilibrium at the electrode surface. Further, a good resolution of the 
interface at the electrode surface was crucial since the, for the electrode reactions, important 
buffering takes place in an nm-thick reaction layer. 


Keywords: Chlorate, chloride oxidation, critical anode potential, chromate, DSA, hydrogen 
evolution, iron, mass transport, oxygen evolution, REM, RDE, steel 


SAMMANFATTNING 


Pramstallning av klorat ar mycket energiintensiv och kraver stora mangder elenergi. Stigande 
elpriser, som dessutom ofta varierar under dygnet eller sdsongsvis, gor att man vill reducera 
onddiga forluster samt ibland fors6ka anpassa produktionen sa att man nar elpriset ar hdgt 
minskar den, for att sedan 6ka produktionen igen da elpriset sjunker. Denna flexibla drift kraver 
ny kunskap om hur elektroderna beter sig i ett stOrre str6mintervall an vad som tidigare varit av 
intresse. Malet med detta arbete var att, med fokus pa elektrolytens betydelse, identifiera modjliga 
forbattringar for kloratprocessen och darmed minska energiforbrukningen. Studierna har i 
huvudsak varit experimentella men aven matematisk modellering har anvants. Ett brett 
strOmintervall har undersdkts fOr att battre forsta fenomenen och for att aven kunna anvanda 
resultaten da h6ga elpriser gor att man vill k6ra processen vid ldgre laster 4n normalt. 


Por att driften av anoden ska vara sa energieffektiv som mdjligt b6r anodpotentialen inte 
overskrida den kritiska potentialen (E,,), dar den anodiska polarisationskurvan far en hdgre 
lutning (troligtvis pga Ru(VIII)-bildning) och bireaktionen syrgasutveckling Okar. I detta arbete 
har paverkan av olika elektrolytparametrar pa E., undersdkts. Det visade sig att en Okad 
kloridkoncentration och 6kad temperatur sankte E,,. Trots att detta borde géra att E., lattare 
overskrids, blev inte detta fallet eftersom kloridoxidationen samtidigt gynnades. Slutsatsen blir 
darfor att elektrolytparametrarna b6r optimeras sa att lagsta mojliga anodpotential uppnas, vilket 
da aven gor att strémtatheten kan Okas utan att E., Overskrids. Slutsatsen ar vidare att 
polarisationskurvans hdgre lutning vid E,, kan ha att gora med att rutenitum oxiderat till 
rutenium(VIIT) har lagre aktivitet for kloridoxidation. 


Vid full last visade sig katodens potential vara relativt oberoende av elektrolytsammansattningen 
trots att denna varierades kraftigt. Katodens sammansattning verkar vara viktigare att ta hansyn 
till an elektrolytens for kunna astadkomma en stOrre energibesparing. Ett alternativ till att dka 
katodens aktivitet skulle vara att in-situ belagga elektrodytan med en katalytisk film. Fors6k 
gjordes att satta till YIM) till kloridelektrolyt for att under vatgasutveckling falla ut en 
yttriumhydroxidfilm pa den alkaliska katodytan. Yttriumhydroxidfilmen aktiverade 
vattenreduktion (vatgasutveckling) och inhiberade hypokloritreduktion, protonreduktion och 
nitratreduktion. De inhiberande egenskaperna ar viktiga for att forhindra bireaktioner, vilka idag 
hindras av att Cr(VI) 1 elektrolyten reduceras pa katoden och bildar en hindrande 
kromhydroxidfilm. Fors6ken med Y (III) visar att det finns goda méjligheter att hitta alternativ till 
det milj6farliga Cr(VI). 


Kromattillsatsen i kloratelektrolyt ger forutom ett hdgt katodiskt stro6mutbyte aven en buffrande 
effekt till elektrolyten. Effekten av buffert har undersokts for en av de anodiska bireaktionerna, 
syrgasutveckling ur vatten, samt for vatgasutvecklingen pa katoden. Dessa system har modellerats 
for att battre forsta samspelet mellan buffert, elektrodreaktioner och materietransport och 
resultaten har verifierats experimentellt. Kromatbufferten 6kade gransstr6mmen for katodisk H*- 
reduktion betydligt och katod6verpotentialen sj6nk kraftigt vid ldgre str6mmar an 
gransstrommen. Detta kan vara ett problem om 6verpotentialen sjunker sa lagt att elektroden inte 
ar katodiskt skyddad. For syrgasutvecklingen 6kade narvaron av kromatbuffert gransstro6mmen 
for syrgasutveckling ur OH’. Modellering av dessa system visar att de homogena reaktioner som 
vat kopplade till elektrodreaktionerna inte var 1 jamvikt vid elektrodytan. Vidare visade det sig 
vara mycket viktigt med en bra upplosning av gransskiktet vid elektrodytan, da den buffring som 
ar viktig for elektrodreaktionerna sker i ett mycket tunt reaktionsskikt (nanometertjockt). 


Nyckelord: DSA, jarn, Klorat, kromat, kloridoxidation, kritisk anodpotential, materietransport, 
RDE, stal, REM, syrgasutveckling, vatgasutveckling 
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1. INTRODUCTION 


In this chapter a short introduction to the chlorate process is given. It is not intended to be 
exhaustive, but rather aims to illustrate the width of the subject and to give a background for the 


studies in the thesis. 


Chlorate is today mostly produced in the form of sodium chlorate (NaClO,). It is the raw 
material in production of chlorine dioxide (ClO,), commonly used in pulp bleaching [1]. In 
Sweden, Eka Chemicals (Akzo Nobel) is the only chlorate manufacturer, and has plants in 
Stockvik/Sundsvall and Alby. The development of electrochemical chlorate production in 
Sweden was induced by the need for potassium chlorate (CIO;) in the 1880’s when the 
manufacturing of a Swedish invention, the safety match, required large amounts of KCIO,. 
Nowadays, a very small part of the chlorate produced serves as raw material for matches, and the 


pulp industry is consuming most of the chlorate. 


The total production capacity of the chlorate plants world-wide was 2005 around 3 million 
tonnes sodium chlorate, and the actual amount of chlorate produced will probably be close to 
that figure [2]. The countries with largest production are shown in Figure 1. Canada and US the 


largest producers and together contribute approximately 60 % of all sodium chlorate. 


Sodium chlorate production capacity world wide 
3 062 000 tonnes 


Other countries 180 000 tonnes 
Sweden 115 000 tonnes 
China 149 000 tonnes 


Canada 
1 185 000 tonnes 


France 155 000 tonnes 
South America 


220 000 tonnes 


Finland 292 000 tonnes 


US 766 000 tonnes 
Figure 1. World-wide production capacity of sodium chlorate in 2005 [2]. 


The chlorate process consumes significant amounts of electrical energy. In fact, electrical energy 
constitutes up to 70% of the production costs [2]. Due to high energy consumption and large 


production volumes even a small efficiency improvement may save large amounts of energy. 


With increasing electricity prices it becomes even more important for the chlorate producers to 
operate their plants so that their energy costs are minimised. It may be done by reducing the 
energy losses and by varying the production rate so that it is low when electricity prices are high. 
The demand for operating at varying current load requires knowledge about how the electrodes 
behave in a wide current-density range. For instance, when operating at low current load it has to 


be ensured that the cathode is under cathodic protection to avoid corrosion. 


1.1 Chlorate chemistry 

Chlorate is produced in undivided cells, where the overall reaction (reaction 1) is sodium chloride 
and water forming sodium chlorate and hydrogen. A typical chlorate electrolyte consists of about 
500-650 g/L sodium chlorate (NaClO,), 80-120 g/L sodium chloride (NaCl), 2-6 g/L sodium 
hypochlorite (NaClO) and Cr(VI) added as 3-8 g/L sodium dichromate (Na,Cr,O.); the 
electrolyte has a pH of 6-7 and a temperature of 70-80 °C. The most common electrodes are 


ruthenium-based dimensionally stable anodes (DSAs) and cathodes of steel. 


The hydrogen bubbles formed in the cathode reaction (reaction 2) give rise to a gas-lift effect, 
which enhances mass transport of reactants to the electrode surfaces. Chlorine formed on the 
anode (reaction 3) is dissolved in the electrolyte and reacts to form chlorate through a number of 


reaction steps (reactions 4-6), see [1]. 


Overall reaction: 
NaCl(s) + 3H,O() > NaClO,(s) + 3H, (g) (1) 


Cathode reaction: 


2H,0+4e" > H, +20H™ (2) 


Anode reaction: 


IC Cys (3) 


Chlorate is formed in a series of chemical reactions: 


Cl, +H,O > CIOH+ Cl" +H* (4) 
CIOH 4 ClO” +H* 6) 
2CIOH + ClO~ > ClO; + 2H* +2CI- (6) 


The chlorate-forming reaction (reaction 6) proceeds slowly, having its highest rate at pH 5.8 to 
about 6.5, and is strongly dependent on temperature [1].’To achieve the highest possible reaction 
rate and a low amount of chlorine in the outlet gases the pH in the bulk is therefore in the 


industrial process commonly around 6-7. 


1.1.1 Oxygen evolving side reactions 

The current efficiency in the chlorate process is commonly 93-95 % [3]. The deviation from 
100 % is caused by the occurrence of side reactions in the bulk and on the electrodes as well as 
Cl, escaping with the cell gas. The major by-product is oxygen, which is evolved either 
electrochemically on the anode or through homogeneous decomposition of hypochlorite (ClO) 
and hypochlorous acid (CIOH). Oxygen in the cell gas not only affects the energy consumption, 
but is also considered as a safety risk. Too much oxygen could cause an explosion if reacting with 


the hydrogen evolved at the chlorate cathode. 


Some suggested anode reactions giving oxygen are [4,5]: 


12ClO~ + 6H,O > 4ClO; +12H* +8Cl” +30, +12e7 7) 
CIOH +H,O > 3H* +Cl” +0, +2e7 8) 
2H,O > O, +4H* + 4e7 9) 


Instead of hypochlorite forming chlorate through reaction 6, as desired, it may decompose to 
oxygen and chloride in the bulk [4,5]. 


GO S0,42Cr- (10) 


Kotowski ef a/, and Hardee ef a/. [4,5] claimed that reactions 7, 8 and 10 are responsible for the 
major part of the oxygen evolved in a chlorate cell. However, Tilak e¢ a/ [6] argued that the 
ptimary source of oxygen is anodic discharge from water molecules, and that hypochlorite may 
contribute to additional oxygen. However, they also pointed out the difficulties in separating 


different contributions generating oxygen. 


Oxygen evolution through water oxidation is a well studied reaction, however most work is 
reported for either strongly acidic or strongly alkaline electrolytes [7,8]. The electrode reaction 
differs between the two cases, the reactant being water (reaction 9) or hydroxide (reaction 11, 


below), respectively. 


40H” > O, +2H,O0+4e7 (11) 


In neutral electrolytes, such as chlorate electrolyte, both reactions 9 and 11 may take place. Sato 
and Okamoto [9] studied the oxygen evolving reaction (OER) on nickel electrodes in sulphate 
solutions of varying pH and found limiting current densities that depended on OH 
concentration. They concluded that the OER with OH as reactant was kinetically favoured at 
sufficient OH concentrations, but with acid electrolyte or higher current densities oxygen 


evolution proceeds by oxidation of water (reaction 9). When a buffer is added to the electrolyte 


its acid-base reaction may serve as a source of OH to the electrode reaction (reaction 11). Since 
chromate buffers at neutral pH it would be interesting to investigate how its presence affects the 
oxygen evolving reactions, reactions 9 and 11. The chromate buffering reactions are presented in 
section 1.2.1. 


1.1.2 Cathodic side reactions involving hypochlorite and chlorate 

Since the chlorate cell is undivided, products formed on the anode may easily reach the cathode, 
where they may be reduced back to chloride ions in chromate-free electrolyte. To raise the 
cathodic current efficiency, chromate is added to the chlorate electrolyte, which results in a 
current efficiency for hydrogen evolution of almost 100 %; the efficiency would otherwise have 
been considerably lower due to parasitic reactions such as reduction of hypochlorite and chlorate 
(reactions 12 and 13). 


Side reactions on the cathode 
ClO” +H,O+2e Cl” +20H™ (12) 
ClO, +3H,O0+6e Cl +6OH™ (13) 


In the absence of chromate the reduction of hypochlorite on iron (the major component in the 
most common steel electrodes) is mass-transport limited at higher current densities [10]. 
Reduction of chlorate is highly dependent on cathode material and takes place on iron whereas 
cathodes of Co, Ni, Mo, Ti, Hg and C do not show any activity for chlorate reduction [11,12]. 


When adding chromate a thin film of chromium hydroxide, Cr(OH),-xH,O, forms on the 
electrode surface as it is cathodically polarised [13-15]. The film hinders the parasitic reactions 12 
and 13, while still allowing the hydrogen evolution to proceed. The addition is necessary for 
keeping a high cathodic current efficiency, but has the negative effect of increased overpotential 
on the anode as well as on the cathode [10,16-18]. Eberil e¢ a/ [18] as well as Cornell e¢ a/ [17] 
discuss the chromate effect on the anode in terms of an adsorption onto the active sites for 
chloride oxidation. At the chlorate cathode, the effect of chromate on hydrogen evolution is 
difficult to establish, since in chromate-free chlorate electrolyte the reduction of hypochlorite and 
chlorate takes place in parallel with hydrogen evolution. Therefore, Cornell e¢ a/ made 
experiments in sodium hydroxide solution and showed that a Na,Cr,O, concentration of 2 g/L 


increases the overpotential for hydrogen evolution by about 20 mV [10]. 


1.2 Electrolyte parameters 
To obtain as high and energy-efficient production rate as possible the process parameters such as 


electrolyte temperature, pH and chloride and chlorate concentrations all have to be optimised. 


1.2.1 pH 

The pH in the chlorate cell is approximately 6-7, in order to achieve the highest possible reaction 
rate for the chlorate-forming reaction (reaction 6) [6]. The addition of chromate enhances the 
ability to keep the bulk pH neutral due to its buffering effect at a pH of around 6 [1]. The 
equilibrtum between hypochlorous acid and hypochlorite (reaction 5) also buffers at neutral pH 


[1]. 


Chromate is involved in a number of equilibria, depending on pH, for instance [19] : 


2HCrO; << Cr,0O7 +H,O 14) 
CrO> +H,O <& HCrO; +OH™ 15) 
CrO; +H* — HCrO; 16) 
HCrO; + H* © H,CrO, 17) 


For the buffering in chlorate electrolyte, reactions 15 and 16 are the most important reactions. 
Reaction 16 has its strongest buffering effect at a pH close to its pK, value, which is reported to 
be in the range of 5.8-6.5 in water [19-21] . Reaction 15 buffers in the same pH range, and may at 
equilibrium be expressed as the sum of reaction 16 and the dissociation of water 
(H,OH*+OH). Below pH 1, the existence of H,CrO, should be considered [19]. 


Although the chlorate electrolyte is pH neutral, the pH of the electrolyte at the electrode surfaces 
is far from neutral. The electrolyte at the anode surface is acidic due to production of protons in 
the hydrolysis of chlorine (reactions 4-6) as well as occurrence of the acidifying side reaction 
oxygen evolution. The cathode has an alkaline diffusion layer since hydrogen evolution increases 
pH. Surface pH is highly dependent on current density, with a high current density increasing the 
pH gradients at the electrodes. Figure 2 shows a schematic picture of how the pH varies between 
anode and cathode. Byrne e¢ a/. [22] modelled a chromate-free chlorate cell by taking into account 
the electrode reactions as well as the hydrolysis of chlorine, and predicted the anode pH to be 
about 4. The diffusion layer for H* at the anode varied along the height of the cell, being 
infinitely thin at the bottom of the cell and steadily increased with the height to become ~150 um 
after 0.2 m. 


The acidic anode surface suppresses the side reaction oxygen evolution, favouring chloride 
oxidation. A decrease in the bulk pH of the chlorate electrolyte would suppress the oxygen 
evolution even more, but would decrease the rate of chlorate formation (reaction 6) as well. 
Furthermore, the chlorine gas evolved in the electrode reaction would not dissolve in the 
electrolyte if the pH were too low, but would escape with the cell gas. The main reaction on the 


anode, chloride oxidation (reaction 3) is in near-neutral electrolyte not directly dependent on pH, 


but competes with the pH-dependent oxygen evolution. However, at low pH (pH < 2) chloride 
oxidation on RuO, becomes affected by the pH [23,24], explained by Fernandez ef a/. [23] as the 


protons inhibiting the sites active for chlorine evolution. 


It would be desirable to predict pH as it has an impact on almost all homogeneous reactions in 
the chlorate electrolyte and thereby influences the electrolyte composition. Additionally, the pH 


is important for by-product formation as well as undesired precipitation on the electrodes. 


pH 


Anode Cathode 


Figure 2. Schematic picture of the pH profile between the two electrodes in a chlorate cell. The pH in the electrolyte 
bulk is around 6-7 [6]. 


1.2.2 Temperature 

The temperature of the chlorate process is typically 70-80 °C. An increase or a decrease in 
temperature would lead to a lower current efficiency because the rate of the side reaction oxygen 
evolution would increase [6]. Increasing temperature results in a higher reaction rate of the 
chlorate-forming reaction (reaction 6), but also increases the reaction rate of the oxygen-forming 
side reactions (section 1.1.1). A decrease in temperature would decrease the rate of chlorate 
formation (reaction 6) and the concentrations of HOC] and ClO would build up in the 


electrolyte, and form oxygen (see section 1.1.1). 


1.2.3 Chloride and chlorate concentrations 

To avoid mass-transport limitations of chloride and to achieve a low reversible potential for 
chloride oxidation, saturated chloride brine would be ideal. However, such a high chloride 
concentration would complicate the crystallisation of the chlorate salt, which is a later step in the 
production process. Therefore most of the chlorate plants have a sodium chloride concentration 
of 80-120 g/L [6]. The chlorate concentration is typically around 500-650 g/L. 


1.3 The cathode 

Since the introduction of the dimensionally stable anode (DSA) in the 1970’s the anode 
overpotential is low, whereas the overpotential of the steel cathode is still very high. The 
traditional steel cathodes, however have the advantage of being fairly inexpensive but then 


corrode during stops. In operation the steel is cathodically polarised and thereby protected, but as 


soon as the current is switched off it starts to corrode. The chlorate electrolyte is highly corrosive, 
since it contains the oxidising agents chlorate and hypochlorite. Although the corrosion is 
disadvantageous in terms of consumption of the steel which reduces the lifetime of the cathodes, 
it may also be seen as a reactivation process removing deposited impurities and increasing the 


surface area. 


The effect of the electrolyte composition on the chlorate cathode potential is not well 
investigated. In the literature most studies regarding chlorate-electrolyte conditions concentrate 
on investigating the current efficiency, see e.g. Ref. [5,6,11,25-29], and a few focus on the DSA- 
anode potential [16,17,30,31]. For the steel and iron cathodes, polarisation curves at chlorate-like 
conditions are scarcely presented [10,32,33]. Dobrov and Elina measured polarisation curves on 
steel in chlorate electrolyte at varied chromate concentration [33]; besides their work no studies 
on the effect of different electrolyte parameters on the cathode potential have been found. Some 
of the electrolyte parameters affect hydrogen evolution in general, irrespective of the electrode 


material, and may be important to consider in the development of new cathode concepts. 


With the ambition to decrease the overpotential for hydrogen evolution, extensive work has been 
catried out on developing activated cathodes for the chlorate process, most of them based on 
noble metals and titantum. Even though their catalytic activity towards hydrogen evolution has 
been satisfying they have not been successful - probably not robust enough to survive in the 
industrial chlorate cell. Lately, higher costs for electricity have triggered intensified activity on the 
chlorate cathode potential, as shown by several recent patent applications. The approach has 
been to use electrocatalytic cathode coatings, containing ruthenium [34,35] or electrodeposited 
Fe-Mo alloys [36,37], as well as divided chlorate cells with coated cathodes [38] or gas diffusion 
electrodes [38,39]. In the latter case hydrogen evolution has been replaced by the reduction of 
oxygen as cathode reaction, thereby cutting the cell potential substantially. 


1.3.1 The effect of Y5* addition on the cathode reaction 

One approach for decreasing the steel-cathode potential could be to in-situ precipitate a 
catalytically active film on the electrode surface. Ideally, such a film should also hinder parasitic 
reactions in order for it to replace the chromium hydroxide film of the chlorate cathode used 
today. As Cr(VI) is ecologically harmful, carcinogenic and reprotoxic it should in the future be 


replaced by a more environmentally friendly alternative. 


Rare earth metals (REM) as replacement for Cr(VI) in corrosion inhibition has been a topic for 
research during the last 20 years. When REMs are used to prevent corrosion it is possible to take 
advantage of the spontaneous reduction of oxygen, which normally induces corrosion, but also 
causes the pH increase necessary for forming REM hydroxides. Dissolved REM salts precipitate 
as a film of REM hydroxides due to the alkaline surface pH caused by the oxygen reduction. The 
REM hydroxide films hinder further reduction of oxygen and thereby lower the corrosion rate of 
the underlying metal [40-46]. Inhibition of oxygen reduction is a characteristic of the chromate 
film used today and it is reasonable to suspect that the REM films also hinder other cathode 


reactions, such as hypochlorite reduction. 


There are studies showing that an addition of the REM salt, yttrtum nitrate, not only hinders the 
reduction of oxygen by forming an Y(OH), film, but also seems to activate the hydrogen 
evolving reaction [40,41,47]. The activating effect of yttrium on hydrogen evolution was seen by 
Tran et al. [40,41], who made their experiments with iron and gold electrodes, as well as by Hsu 
and Yen [47] who carried out their measurements on a nickel-base alloy. However, all their 
studies were made in nitrate-containing electrolytes, which may complicate the interpretation of 


the results, since nitrate reduction may be difficult to distinguish from hydrogen evolution. 


1.4 The anode and the critical potential 

During the 1970’s the dimensionally stable anode (DSA) replaced the previously used graphite 
anode. In 1965 Henri Beer had patented his ideas regarding titantum anodes covered with oxides 
of platinum metals or a mix of platinum metals and oxides of non-precious metals [48]. It was 
found that ruthenium oxide plus titantum oxide had an extraordinary catalytic activity for 
chloride oxidation, and not long after Beer’s patent the DSAs of TiO,/RuO, were introduced 
into the chlor-alkali and the chlorate industries. As the name implies the DSA is not consumed 
during operation as were the graphite anodes, which only had a lifetime of 1-2 years, depending 
on process conditions. In the chlorate process, the anode overpotential of the DSA is low but the 
life-time of the ruthentum-based DSA may still be improved. With time or when operated at 
extreme conditions, the ruthenitum-based DSAs used in chlorate electrolysis gradually lose their 
ruthenium, probably due to corrosion to RuO,(g), which may escape with the cell gas [49]. The 
loss of ruthenium leads to higher overpotentials, enhancing the corrosion further and eventually 
the anodes have to be replaced. Although RuO, according to thermodynamics, forms at about 
1.4 V vs a normal hydrogen reference electrode (NHE) in chloride-containing solution [49], it is 
possible to operate RuO,/TiO, DSAs above this potential without immediate loss of ruthenium 
[50]. Kotz et a/ [50] suggest that the Ru(VIII) indeed is formed, but may instead of leaving the 
electrode surface become reduced again as oxygen is evolved. They imply that the two processes 
probably proceed simultaneously, but that the crystal structure of thermally prepared RuO, (as in 
ruthentum-based DSA electrodes) has stabilising properties, which slow down the corrosion that 


in fact is much faster at metallic Ru electrodes. 


It has been shown [16,17,30] that anodic polarisation curves on dimensionally stable anodes 
(DSAs) made of RuO,/TiO, bend to a higher Tafel slope at approximately 1.2 V vs Ag/AgCl. 
The change in Tafel slope is, according to Cornell e¢ a/ [17], neither related to mass-transport 
limitations nor to an ohmic drop and would therefore indicate a change in electrode kinetics. The 
potential and the current density where the polarisation curve bends have been referred to as the 
critical potential (E,,) and the critical current density, respectively [16]. Eberil e¢ a/ [16] suggested 
that the bend at E., was related to RuO, formation. Operating the chlorate process at the current 
densities for which the polarisation curve has the higher Tafel slope, would obviously give higher 
potential losses and would as well decrease the current efficiency for chloride oxidation by 
increased oxygen evolution [25]. In fact, the current efficiency has its maximum at F., and 
decreases as the side reaction oxygen evolution increases at potentials below E,, [25]. Operation 


above E., could increase the rate of aging of the anode (Le., the anode loses its ruthenium faster). 


The current densities used in industrial chlorate production are usually around 3 kA/m’, which 


would result in an anode potential close to E,, [17,30]. 


It is important to understand how the chlorate process has to be run to avoid exceeding the 
critical anode potential (E,,) in order to keep the anodic potential losses low and to achieve a long 
lifetime of the DSA. It would therefore be necessary to evaluate the impact of different 
electrolyte parameters on E,,. Cornell e¢ a/, [30] have previously investigated how E,, was affected 
by changes in chloride concentration at pH 6.5 (typical pH of industrial chlorate electrolyte) and 
found that FE, decreased with increased Cl concentration. However, these results have to be 
further investigated since at pH 6.5 there is a risk of confusing the impact of Cl with the impact 
of pH on E,,. At bulk pH 6.5, pH at the anode surface differs considerably from the pH in the 
bulk. Changing the chloride concentration changed the current efficiency for chloride oxidation 
by the evolution of oxygen, and thereby surface pH changed. By performing the experiments at a 
much lower pH, the pH gradients at the electrode surface would be negligible, and pH would not 
change considerably along a polarisation curve. For pH lower than 2, the effect of chlorine 


hydrolysis on pH (reactions 4-6) is negligible and the effect of oxygen evolution is minor. 


1.5  Cartying out experiments at chlorate conditions 
Research regarding the chlorate process should of course be carried out at conditions as similar 
as possible to those of the industrial process, but the experiments performed in an industrial cell 


are often difficult to interpret. 


In the process, studies of effects of electrolyte parameters are complicated to carry out since the 
parameters are often interconnected. The current density also has a strong impact on the 
electrolyte conditions. For instance an increase in current density results in higher electrolyte 
temperature due to the heat generated from ohmic losses. Therefore, polarisation curves at 


constant temperature are very difficult to measure for industrial cells. 


When varying electrolyte parameters and changing other process conditions, their effects on the 
whole process have to be taken into account and a parameter may have both positive and 
negative impacts. To separate the different effects of the electrolyte parameters, the influence on 
the anode and cathode reactions as well as on the homogeneous reactions have to be studied 
individually. 


In the lab cell of this work most parameters may be varied independently of the others, since the 
measurements are performed during shorter times than in industrial cells and the electrolyte may 
be replaced instantly when a new composition is required. In the actual process, changes in 


composition take longer and cannot be varied to the same extent as in the lab. 


Even when the results of a study are intended to be applied on the chlorate process, the 
experiments are not always carried out in chlorate electrolyte. This is when the complexity of the 
process does not allow a straightforward interpretation of the results. One such example is the 


study of the anodic side reaction, oxygen evolution (Paper I), which was carried out in 5M 


NaClO,. To isolate oxygen evolution from chloride oxidation and reactions involving 
hypochlorite, the experiment had to be made in chloride-free electrolyte. However, the electrolyte 
was still of such high ionic strength and high temperature as to be reminiscent of chlorate 


electrolyte. 
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2. AIM OF THIS WORK 


The chlorate process is very energy intensive and a major part of the production costs are for 
electrical energy [2]. Due to the high energy consumption and large production volumes even a 
small efficiency improvement may save large amounts of energy. The purpose of this work is to 
identify possible improvements in chlorate electrolysis, with the long-term goal of reducing its 


energy consumption. Below, more specific goals for the different parts of the project are stated. 


The widely used steel cathode has a large overpotential for hydrogen evolution, which could 
either be reduced by optimising the process parameters further or by developing a new activated 
cathode. The traditional steel cathodes are still the ones in use and steel or iron are therefore the 


materials considered in this study. 


One approach for activating the cathode reaction could be to in-situ precipitate a catalytically 
active film onto the electrode surface. Studies made in yttrtum(II])-containing chloride electrolyte 
have implied that the Y(OH), film formed on a steel cathode may activate hydrogen evolution 
[40,41]. The yttrtum(I]) hydroxide film has inhibiting properties towards oxygen reduction, 
which is a characteristic of the chromate film used today. Since the chromate film not only 
hinders oxygen reduction but also prevents the parasitic reduction of chlorate and hypochlorite, it 
is reasonable to suspect that the Y(OH), film might have similar properties. It is necessary from 
an energy-consumption perspective to obtain a high selectivity for hydrogen evolution on the 
cathode and it certainly would be an advantage if the toxic chromate in the chlorate process could 
be replaced by an environmentally friendly alternative, such as e.g. yttrium. The activating effect 
of yttrium on hydrogen evolution on iron and the selectivity of the Y(OH), film have been 


investigated in this work. 


Since the electricity prices are constantly increasing and may also vary periodically, the chlorate 
plants may be forced to adjust their production rate to the price at each moment in order to 
minimise their costs. Operation at varying current loads requires knowledge about how the 
electrodes behave in a wide current-density range. In this work it has been investigated how 
different chlorate-electrolyte parameters impact the cathode potential for hydrogen evolution at 


various currents by recording polarisation curves on iron and steel cathodes. 


Compared to the cathode, the anode overpotential of the ruthenitum-based DSA is small during 
normal operation but its life-time and its current efficiency towards chloride oxidation may still 
be improved. It has been found that anodic polarisation curves on DSAs of RuO,/TiO, bend to 
a higher Tafel slope at ~1.2 V vs Ag/AgCl, and the bend has been associated with the formation 
of RuO, [16,17,30]. The potential for the bend has been referred to as the critical potential (E,,) 
[16], and operating above E., could increase the rate of ageing of the anode (i.e. the anode loses 
its Ru faster). RuO, is a gaseous oxide that could escape with the cell gas, which gradually would 
lead to a deactivation of the anode. Furthermore, operation above F,, gives increased levels of 
oxygen, thus lower current efficiency for chloride oxidation [25] and the higher Tafel slope above 


F.,, results in increasing potential losses. In order to run the chlorate process at a high production 
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rate (i.e. high current) without reaching/exceeding E.,, this work has investigated how different 


cr 


electrolyte parameters affect the critical potential. 


In the chlorate cell there is a complex interplay between homogeneous reactions, electrode 
reactions and mass transport. For a better understanding of this interplay modelling of the system 
is helpful. Although a model of the whole chlorate cell would be interesting, it would certainly be 
difficult to implement and to interpret without reliable input data and a deeper understanding of 
the various reactions. Therefore, a simplified system has been simulated, in which water 
dissociation and pH buffering, due to chromate, interact with the pH-dependent electrode 
reaction, evolution of either oxygen or hydrogen evolution. The information gained may be used 
to understand the impact of chromate buffer on the anodic side reaction, oxygen evolution, and 


on the cathode reaction, hydrogen evolution. 
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3. EXPERIMENTS AND METHODS 


In this section the experimental conditions are presented in brief. For more detailed information 


the reader is referred to the papers. 


3.1 Experimental set-up 
All polarisation experiments were carried out in the same type of cell, shown in Figure 3. The cell 


was a jacketed glass cell connected to a water bath for temperature control. 


The working electrode was a rotating electrode, either a rotating disk electrode (RDE) or a 
rotating cylinder electrode (RCE). Using rotating electrodes gives the possibility to control the 
mass transport to the electrode surface and to avoid disturbing gas bubbles, formed in the 


electrode reactions, from attaching to the surface. 


The three pictures on the right hand side in Figure 3 show the different types of electrodes used 
in this work: a standard RDE with a Teflon sheath (top), an RDE punched from a DSA plate and 
placed into a titanium holder (middle) and a standard RCE (bottom). For the titanium holder, the 
bare metal was masked with silicon tubing and epoxy to hinder electrochemical reactions taking 
place on the holder and to avoid capacitances disturbing the current interrupt technique. In the 
pictures the electrodes are facing upwards but they are turned up-side down when screwed onto 
the rotating shaft. 


The RDE was used in most experiments due to its many advantages. One is that the convective 
flow pattern in the vicinity of the disk may be analytically expressed [51], and thereby the mass 
transport to the surface estimated. These analytical expressions allowed modelling of the mass 
transport-dependent electrode reactions at the RDE without having to solve the convective flow 
equations. Another advantage is that when surface polishing was required the flat surface of the 
RDE was preferred since the cylindrical electrode could easily be deformed if not polished with 
cate. For some electrode materials only RDEs could be constructed. Such a material is the DSA, 
which was not available in cylindrical shape but was punched in disk shape from industrial 
electrode plates and put in a titanium holder (see Figure 3, second picture from above, on the 
right hand side). 


To investigate whether the DSA in the titanium holder would fulfil the criteria for the plane ideal 
RDE, a comparison between the Levich equation [51] and experimental limiting currents for 
ferricyanide reduction on the electrode was carried out. It was shown that the electrode could be 


regarded as ideal for rotation rates up to 3000 rpm, at least for the ferricyanide system. 


Even though in most cases the RDE was preferred to the RCE, the use of RCEs was 
advantageous at low rotation rates, ie. when mass transport was poor. At rotation rates lower 
than 1000 rpm, gas bubbles were trapped below the RDE surface, whereas the cylinder electrode 
(RCE) allowed the bubbles to rise freely. 
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Figure 3. Experimental cell and electrodes. Large picture: Jacketed glass cell working electrode (in the picture 
an RDE). Small pictures (top to bottom): Classical RDE, RDE with titanium holder, RCE. 


To position the reference electrode (an Ag/AgCl electrode with saturated KCl) a Luggin capillary 
and a salt bridge, connecting the reference electrode with the cell, was used. The salt bridge 
contained either NaCl solution or, for chloride-free experiments, NaClO, solution. In Figure 3 
the set-up for the RDE is shown, for which the Luggin capillary points upwards to the centre of 
the RDE. When using a cylindrical electrode a different Luggin capillary was employed, pointing 
right through the counter electrode to the side of the cylinder. The counter electrode was a large 


area platinum mesh electrode. 


3.2 Reproducibility and pre-treatment of electrodes 

Before recording a polarisation curve the electrode had to be pre-treated to ensure good 
reproducibility. The treatment depended on the electrode material and differed between cathodes 
and anodes. Whereas good reproducibility was easily obtained for the DSA anodes, the steel and 
iron cathodes required greater effort (described below). 


3.2.1 DSA anodes 

The DSA electrodes were pre-polarised by recording several anodic polarisation curves. This was 
done until the polarisation curve no longer changed. The pre-polarisation was carried out in 
electrolyte of the same composition as for the actual measurements. The actual surface area of 


the electrode may vary slightly between samples and their different pre-histories may cause slight 


14 


differences in the appearance of the polarisation curves, even though they were recorded at the 
same conditions. Therefore, the same sample was used in consecutive measurements when the 


purpose was to compare polarisation curves at different conditions. 


3.2.2 Iron or steel cathodes 

To achieve good reproducibility for cathodic polarisation curves on iron and steel it turned out 
that polishing the surface prior to the experiment and pre-polarising the electrode were very 
important. Additionally, the electrodes had to be submerged into the electrolyte under cathodic 


polarisation to avoid corrosion. 


Polishing 

Good reproducibility was especially important when the effect of changing different electrolyte 
parameters was studied (Paper III) when even small changes in the potential were of interest. To 
keep special control of the reproducibility at these experiments, ftve consecutive polarisation 
curves were always recorded, with electrolyte pH adjusted and the electrode polished prior to 
each measurement. Studying the variation between these measurements showed that polishing 
with emery paper (grade 4000) was to be preferred. However, this could only be done for the 
RDE, while the RCE required more careful polishing with alumina paste to avoid deformation of 
the cylindrical shape. 


Pre-polarisation 
Since iron and steel electrodes would corrode at open circuit they were submerged into the 


electrolyte under galvanostatic control and thereafter pre-polarised for 2 minutes. 


Pre-polarisation of limited time was necessary when recording cathodic polarisation curves. In 
the case of chlorate electrolyte the time had to be long enough to obtain a chromium film on the 
electrode, giving a high current efficiency for hydrogen evolution, but short enough not to 
change the composition of the electrolyte. In all experiments the time of polarisation had to be 
the same to be able to measure on a similar type of surface, since the surface composition may 
change with time as surface oxides are reduced and possible impurities precipitate on the 
electrode surface. On a newly polished electrode the chromate film is formed almost instantly 
[10] and only a short pre-polarisation of 2 minutes (10 kA m”) before recording a polarisation 


cutve was considered necessaty. 


The corroded electrodes needed longer pre-polarisation to reach a high current efficiency [26] 
and they were therefore operated at 10 kA/ m’, at 3000 rpm, for 1h in a separate chlorate 
solution. To retain the chromate film, the electrodes were removed from the pre-polarisation 
electrolyte still under galvanostatic control, and were thereafter rinsed with water to remove 
electrolyte traces that otherwise could have caused film dissolution. When submerged in the new 


chlorate electrolyte the electrodes were under galvanostatic control. 


33 Instrumentation 
Galvanostatic polarisation curves were recorded using a PAR273A potentiostat connected to an 


oscilloscope, Nicolet Integra 20. Correction for iR-drop was made with a current interrupt 
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technique described by Cornell e¢ a/ [30], in which potential transients are recorded by the 


oscilloscope as the current is interrupted. 


3.4 Determination of the critical anode potential 
F., and 7,, were determined by fitting straight lines to the polarisation curve before and after the 


bend to the higher Tafel slope. The coordinates for the point where the two lines crossed were 
defined as (7.,, E.,). 
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3.5 Modelling 


In this section the modelling is described briefly. More details and information about input data is 


found in the papers (Papers I and II). 


The model simulates an RDE cell, in which water dissociation (reaction 18, below) and pH 
buffering of chromate (reaction 15 or 16) interact with pH-dependent electrode reactions. The 
electrode reaction is either oxygen evolution or hydrogen evolution. The chromate buffering is in 
the oxygen-evolving model described by reaction 15 (CrO,7 + H,O < HCrO, + OH) and in 
the hydrogen-evolving model by reaction 16 (CrO,”? + H* < HCrO,). The reason for choosing 


these reactions is further discussed in section 4.1.4. 
OH +H* @—H,O (18) 


The model is one-dimensional and the use of the RDE cell allows analytical description of the 
convective flow [51]. The model is based on mass balances at steady-state for each specie, 7, in 


the electrolyte. 


ON, 
-—_ +R, =0 (19) 
Oz 
Where NN, is the molar flux of specie 7 and R, is the production term. The molar flux, N, is 


expressed by the Nernst-Planck equation, with the migration term neglected. 


N.=u Py ee 
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where , is the convective velocity in the direction perpendicular to the disk surface, D, is the 
diffusion coefficient and 0c,/Oz is the concentration gradient of specie 2 The potential and 
concentration-dependent electrode reactions are used as boundary conditions; in the bulk 


electrolyte all concentration gradients are assumed to be zero. 
Although chromate is added as Na,Cr,O, to the electrolyte, it is assumed to dissolve into CrO,” 


and HCrO,. The species which the model was solved for were H* and OH’, CrO,> and 
HCrO, . 
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Kinetic parameters for the electrode reactions could be extracted from experimentally measured 
polarisation curves, in a potential region where the electrode reactions were limited by electrode 
kinetics. These parameters could then be used to model polarisation curves in a wider current- 
density range where buffer capacity and mass transport sometimes limited the reaction. Simulated 
polarisation curves were compared with experimental curves at different pH values and chromate 


concentrations. 


The Convection-Diffusion mode of Comsol Multiphysics was used for solving the equation 


system. 
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4. RESULTS AND DISCUSSION 


This section is a summary of the most important results presented in the appended papers. 
Before going deeper into the results from experiments made at chlorate conditions, a more 
theoretical discussion regarding the reactions hydrogen and oxygen evolution is presented. These 
reactions will reappear throughout the section and it is important to understand their impact on 
pH profiles in the diffusion layers and how their reaction rates are affected by the presence of a 


chromate buffer. 


Anodic as well as cathodic polarisation curves are presented. In the curves, i, denotes a cathodic 
current density, while i, denotes an anodic current density. When discussing the potential, it is 
clear that a decreasing potential for the anode means that less energy is needed for the reaction 
(lower overpotential), while for the cathode a decreasing potential means going to more negative 


values, i.e. the absolute value of the overpotential is increased and mote energy is required. 


4.1 The impact of pH butters on pH-dependent electrode reactions 

In the chlorate cell there is a complex interplay between homogeneous reactions, electrode 
reactions and mass transport. To better understand this interplay modelling of the system is 
helpful. Although a model of the whole chlorate cell would be interesting, it would certainly be 
difficult to implement and to interpret without reliable input data and a deeper understanding of 
the different reactions. Therefore, the model of this section simulates a simplified system, in 
which water dissociation and pH buffering interact with a pH-dependent electrode reaction. The 
electrode reaction of the model is either oxygen or hydrogen evolution taking place at the RDE 
with chromate as pH buffer in the electrolyte. These reactions are of interest since they are both 
important in the chlorate process. Hydrogen evolution as it is the main reaction on the cathode 
and oxygen evolution as it is a side reaction to chloride oxidation on the anode. As discussed in 
section 1.1.1, several oxygen evolving reactions are proposed to take place in a chlorate cell, 


however, in this model reactions 9 and 11 are considered. 


The model was experimentally validated by comparing the modelled polarisation curves with 
measured ones. Most focus is on the anodic reaction oxygen evolution, and it will be shown that 
the chromate buffering has a very similar impact on the hydrogen evolved on the cathode. The 
modelling results would not only be important knowledge in the case of modelling a whole 
chlorate cell but are also of general interest for understanding of how a buffer interacts with pH- 


dependent electrode reactions under influence of mass-transport limitations. 


The experimental curves for validation of the model were recorded in different electrolytes 
depending on the electrode reaction studied. For oxygen evolution, 5M NaClO, electrolyte with 
and without chromate addition was used, while for hydrogen evolution chromate-containing 
chlorate electrolyte was employed. The electrolytes were chosen to resemble to chlorate 
electrolyte, but had to be composed so that the desired electrode reaction could be studied 


without influence of side reactions. The purpose of using chloride-free NaClO, electrolyte was to 


avoid chloride oxidation. However it was of high ionic strength and held at 70 °C to be 
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reminiscent of chlorate electrolyte. The electrodes were of the same materials as the anode and 
cathode of the chlorate cell, ie. a ruthenium-based DSA for chlorate production as anode and an 


iron cathode for hydrogen evolution. 


4.1.1 Experimental polarisation curves for Hz and O2 evolution in chromate-free 
electrolyte 

As an introduction to the more complex modelling discussed in 4.1.2, experimental polarisation 

curves in buffer-free electrolyte for hydrogen and oxygen evolution are presented. It is necessary 

to first understand how these reactions depend on pH in the absence of added buffer before 


investigating the impact of a chromate buffer. 
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Figure 4. (a) Experimental polarisation curves for hydrogen evolution on an iron electrode in chromate- free 
electrolyte of O.5M NaCl at 25°C, 3000 rpm. (b) Experimental polarisation curves for oxygen evolution on a 
ruthenium-based DSA in chromate-free electrolyte of 5M NaClO, at 70°C, 3000 rpm. (In both (a) and (b) 
the regions for the different reactions are shown. The limiting current densities for H* reduction and OH 


oxidation, respectively, connect the two regions.) 


In Figure 4a polarisation curves for hydrogen evolution on iron are presented at several 
electrolyte pH values, and in the absence of chromate. An electrolyte of 0.5 M NaCl at 25 °C was 
used since the original purpose of the measurements was a comparison with measurements 
presented later, aiming at investigating the effect of Y** addition to a 0.5 M NaCl electrolyte. This 
is a lower ionic strength and a lower temperature than in the chlorate process. However, the main 


features of the curves are most likely the same even at higher ionic strength and temperature. 
Hydrogen evolution on iron proceeds through reduction of H” ions (reaction 21, below) or 


reduction of water molecules (reaction 2) [52]; in Figure 4a these two reactions may be identified. 
For pH 2 and 3 at lower current densities (~0.6-0.75 V vs Ag/AgCl) the pH-dependent reaction, 
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H* reduction, dominates. This region is interrupted by limiting current densities, due to transport 
limitations of H” to the electrode surface. The current densities are proportional to the H* 
concentration for pH 2 to pH 4, in agreement with the Levich equation [51]. At current densities 
higher than the limiting current densities, hydrogen is evolved from water (reaction 2). At these 
high overpotentials, water reduction (reaction 2) is independent of pH since its backward reaction 


may be ignored. 
2H* +2e > H, (21) 


Polarisation curves for oxygen evolution on a ruthentum-based DSA are presented in Figure 4b. 
Similar to the polarisation curve for hydrogen evolution, the curve for oxygen evolution is pH 
dependent at low current densities and pH independent at higher current densities. Whereas 
oxygen is evolved from OH in the pH-dependent region (reaction 11), water is the reactant at 
higher current densities where the pH has no effect on the potential (reaction 9). The connection 
between the two regions is a limiting current, due to poor supply of OH to reaction 11. Similar 


polarisation curves have been reported on nickel by Sato and Okamoto [9]. 


To summarise, at low current densities the pH influences the potential for both oxygen and 
hydrogen evolution, but at high current densities water molecules are reactants and the reactions 
are therefore independent of pH. Hydrogen evolution through H* reduction is kinetically 
favoured on the iron cathode at sufficient H” concentration, while for anodically evolved oxygen 
on DSA OH oxidation dominates when the OH concentration is high enough. When the H” 
and OH concentration, respectively, is insufficient both gases evolve by discharge of water 
(reactions 2 and 9). The limiting current densities for reactions 11 and 21 should be increased in 
the presence of a buffer that could act as a source of H” or OH. In chlorate electrolyte chromate 
would serve as such a buffer through reactions 15 and 16. In sections 4.1.2 and 4.1.3 the effect of 


chromate on oxygen evolution and hydrogen evolution, respectively, will be discussed. 


4.1.2 The effect of chromate buffering on oxygen evolution 


Experimental and simulated polarisation curves 

In Figure 5a the effect of chromate on oxygen evolution is illustrated by experimentally recorded 
polarisation curves in 5M NaClO, electrolyte at pH ~7.5 and pH 10. These two pHs were chosen 
since polarisation curves recorded at both pHs were affected by addition of chromate (3 g L' 
Na,Cr,O0,, which corresponds to 22.9 mM (CrO,7 + HCrO,)), but the effect appeared 
differently for each pH. For comparison the polarisation curves in chromate-free electrolyte, 
already presented in Figure 4b, are also shown. The limiting current densities are clearly affected 
by addition of chromate, and the largest relative effect is seen for pH ~7.5, where the limiting 


current density increases by almost two orders of magnitude, up to 2-107 Am™”. 
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Figure 5. (a) Experimental polarisation curves in 5 M NaCl, electrolyte, at 70 °C and pH 7.5 and pH 10, 
with and without chromate addition, 3000 rpm, ruthenium-based DSA: (a) pH 7.6, chromate-free, (b) pH 7.3, 
3 g/L. Na,Cr,0,, (c) pH 10, chromate-free and (d) pH 10, 3 g/L. Na,Cr,0,. (b) Simulated polarisation 
curves in 5 M NaCl0, at 70 °C and pH 7.5 and pH 10, with and without chromate addition, 3000 rpm: (a) 
DH 7.5, chromate-free, (b) pH 7.5, 3 g/L Na,Cr,0,, (c) pH 10, chromatefree and (d) pH 10, 3 g/L 
Na,Cr,0,. 


With a the input parameters presented in Paper I, Table 1, the model succeeds in capturing the 
increases in current densities obtained from chromate addition, and the simulated polarisation 
curves (Figure 5b) agree well with the experimental curves (Figure 5a). It should be noted that 
reaction 15 (CrO,”> + H,O « HCrO, + OH) tepresents the chromate buffering in the model. 
The curves could be studied in more detail to further compare the simulations with the 
experiments. For bulk pH 10 (curve d in Figure 5a and b), chromate does not affect the limiting 
current density at the start of the limiting current plateau, but higher up on the plateau an effect is 
seen (~0.9 V versus Ag/AgCl). There, an increase in current density is observed and a second 
plateau is reached. This second limiting current plateau due to chromate buffering is clearly seen 
in the experiments as well as in the simulation. It arises since the pOH at the electrode surface at 
this point reaches a value where chromate starts to buffer, and reaction 15 supplies OH to the 
electrode reaction. In the low current density region for oxygen evolution from chromate- 
containing pH 10 electrolyte, an almost straight Tafel slope may be seen (curve d, Figure 5a and 
b, 10°'-10' Am™’), whereas for chromate-containing pH 7.5 electrolyte, the shape of the 
polarisation curve is slightly curved (curve b, Figure 5a and b, 10°'~10' Am”). These shapes are 
found in both experiments and simulations. The disagreement between simulations and 
experiments appears at the limiting current plateau for oxygen evolution from chromate-free 
electrolyte at pH ~7.5 (curve a, Figure 5a and b, ~0.8-1.1 V). The experiment shows a higher 
limiting current density than the simulation does. This may be attributed to the difficulties in 
maintaining a fixed pH in non-buffered solutions. The simulated transition region between OH 
and water as reactants appears in two stages (0.7—0.9 and 0.9-1.1 V, curve a in Figure 5b), and the 


limiting current density exhibits a double s-shape; not well resolved in the experimental curve. 
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Simulated concentration profiles 

To get a better picture of the role played by mass transport in combination with the chromate 
buffering and water dissociation reactions it is useful to investigate the simulated concentrations 
as function of the distance from the electrode surface (Figure 6a—c). The potentials, for which the 
concentrations ate plotted, were chosen so that at least one profile for every part of the 
polarisation curve would be represented; a potential profile at a current density lower than the 
limiting current density, at the limiting current density and at a potential where oxygen is evolved 
from water. Figure 6a presents concentration profiles for OH at different electrode potentials 
during oxygen evolution in a chromate-free electrolyte at pH 10. At 0.55 V, the profile has the 
expected appearance of oxygen evolution from OH under mixed electrode kinetics and 
diffusion control, while at the limiting current density at 1.1 V, the surface concentration of OH — 
approaches zero. At higher potentials where oxygen evolution from water dominates (1.3 V), the 
concentration reaches zero already at some distance from the surface. The hydroxide ions 
diffusing from the bulk are then not primarily used in the electrode reaction, but react with 
protons, formed at the surface by reaction 9, at a distance of approximately 0.2-10-* m from the 
anode. This could also be confitmed by plotting the H* concentration and the rate of reaction 18 
(OH + H*  H,O) as a functions of the distance from the electrode surface. 


Figure 6b and c presents concentration profiles for OH during oxygen evolution in chromate- 
free as well as in chromate-containing electrolytes, both at pH 7.5. In both figures, the profile at 
0.7 V represents a potential corresponding to a current density below the limiting current density. 
It has the typical appearance of a process under mixed electrode kinetics and diffusion control. 
For the higher potentials, an inflection point appears and the profiles become s-shaped. At the 
limiting current density (for chromate-free electrolyte 0.9 V and for chromate-containing 
electrolyte 1.1 V), the OH concentration at the anode surface is close to zero. Along a limiting 
current plateau, the simulations show that the OH” profiles do not change noticeably, although 
the potential increases. However, a magnification of the area close to the electrode (see insets in 
Figure 6b and c) shows that with increasing potential the OH surface concentration decreases 
due to a steep gradient near the surface. At current densities higher than the limiting current 
density, when H* is produced in the electrode reaction (reaction 9), the thickness of the diffusion 
layer increases with increasing potential, and the distance for which the OH concentration is 


close to zero grows (profile at 1.4 V). 


23 


Concentration of OH /mol m?> 


) 02 04.706 7-08 i 
Z x10 


Figure 6. Concentration profiles for OH during oxygen evolution in: (a) 5M NaC/0O, 0 g/L Na,Cr,0,, bulk 
pH 10, 70°C (b) 5M NaClo, 0 g/L Na,Cr,0,, bulk pH 7.5, 70°C and (c) 5M NaCl, 3 g/L 


Na,Cr,0,, bulk pH 7.5, 70°C. In (b) and (c), the magnification of the profile at 1.1 V close to the anode 
shows the thin reaction layer. All potentials are vs Ag/AgCl. 
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As seen in the insets of Figure 6b and c, the OH concentration drops in the very close vicinity 
of the anode at sufficiently high potentials. This very thin layer (in the orders of nanometers) was 
defined by Albery [53] as the reaction layer, and when comparing Figure 6b and c its thickness is 
shown to depend on the presence of chromate. The reaction layer is developed when a 
homogeneous reaction, such as water dissociation or chromate buffering limits the rate of the 
electrode reaction. When chromate is present, the buffering reaction (reaction 15) is responsible 
for the evolution of the reaction layer. As the transport of OH from the bulk to the electrode 
sutface becomes limited CrO,” ions react through reaction 15 to form OH” ions, giving tise to 
an increasing limiting current density. This happens very close to the anode surface, when the 
CrO,’ ions are close enough to the anode for the formed OH ions to diffuse to the electrode 
faster than they may recombine with HCrO,. The layer where this happens is very thin; for 
oxygen evolution at pH 7.5 in chromate-containing electrolyte, at 1.1 V versus Ag/AgCl, the 
thickness is approximately 1 nm. Within the reaction layer, at the same distance from the anode 
as the OH concentration starts to drop, the CrO,7" concentration levels off, as shown in Figure 
7. The CrO,7 ions may be transported faster from the bulk than the OH” ions, due to their high 


3.6 


bulk concentration (~22 mol m™*) compared to the bulk concentration of OH’ (10™*° mol m™”). 
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Figure 7. Simulated concentration profiles of CrO,7 and OH in the very thin reaction layer close to the anode 
(bulk pH 7.5, 5M NaClO, 3 g/L Na,Cr,0,, 70 °C, 3000 rpm, 1.1V vs Ag/AgC). 


The reaction layer is seen to become thinner with a more rapid rate of buffering (reaction 15). 
With increasing reaction rate the thickness of the reaction layer would approach zero, and the 


limiting current density would be entirely determined by the mass-transport rate of CrO,”. 
Interestingly, the simulations show that even when chromate is not present the OH profile 


exhibits a reaction layer (inset of Figure 6b), as water takes the role of a weak base, producing 
OH’ by its dissociation. However, at the same potential (1.1 V versus Ag/AgCl) this reaction 
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layer is thicker than with chromate present, at pH 7.5 approximately 10 nm compared to 
approximately 1 nm. In the case of the chromate-free pH 7.5 electrolyte, the water dissociation 
give rise to the double s-shape of the transition region between oxygen evolution from OH” and 
from water (curve a, Figure 5, ~0.75—1.1 V). The first bend of the polarisation curve (~0.75 V) is 
attributed to transport limitations of OH from the bulk, whereas the second bend (~0.9 V) is 
associated with the OH production due to water dissociation. At higher bulk concentrations of 
OH, such as at pH 10, the transport rate of OH is considerably higher than the dissociation of 


water, thus the water dissociation does not affect the polarisation curve. 


The impact of a buffer on oxygen evolution from OH may be seen as analogous to the system 
modelled by Albery [53], in which a weak acid affects the limiting current density for hydrogen 
evolution from H”*. He assumed the transport to occur only by diffusion, the reaction rate for the 
weak base to be rate determining for the hydrogen-evolving reaction and the concentration of H” 
to be zero on the anode at limiting current density. He showed that rate constants for the 
acid/base reaction could be approximated from experimentally determined limiting current 
densities. From his model the thickness of the reaction layer, at certain conditions, was 
approximated to 1 nm, which is in the same range as the reaction layers given by the model in 
this study. 


It must be stressed that the electrode is modelled as a planar surface. The thickness of the 
stimulated reaction layer of the model is thinner than the peak-valley distance of the rough surface 
of the DSA. The appearance of the reaction layer at a rough surface would be interesting to 


study, but would require more complex models. 


The chromate buffer couple (HCrO, and CrO,7) may be seen as a shuttle between the outer 
parts of the diffusion layer and the reaction layer, delivering OH to the electrode reaction when 
transport of OH from the bulk is limited. The reaction layer, discussed above, is developed when 
the OH ion produced by reaction 15 (CrO,” + H,O « HCrO, + OH) diffuses to the anode 
surface faster than it recombines with HCrO,. This means that in the reaction layer, the 
chromate buffering reaction (reaction 15) is not in equilibrium. Also the water dissociation 
(reaction 18) deviates from equilibrium when transport of OH’ from the bulk is limited because 


of the rapid consumption of OH (reaction 11) in combination with the slowness of reaction 18. 


Impact of chromate on oxygen evolution in chlorate production 

In the chlorate process oxygen evolution is, as earlier mentioned, one of the most important side 
reactions. The effect of chromate addition is the subject of some controversy. Experimentally, it 
has been found that the presence of chromate in chlorate electrolyte increased the oxygen 
content in the cell gas [5,54,55]. Other studies have shown contradicting results [56]. The 
discrepancy may be explained by the way the studies have been carried out, since there are many 
factors influencing the oxygen forming reactions. The results may depend on the choice of, for 
example, anode material, current density, flow pattern, solution composition, pH, and 


temperature and hence different conclusions may be drawn. 
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It is therefore desirable to use the results of this study to better understand the factors behind 
OER as parasitic side reaction, not least the effect of chromate. A typical operating point of a 
chlorate anode is 3 kAm™~ at 1.2 V versus Ag/AgCl [17,30]. The simulations, under conditions of 
similar bulk pH and chromate concentration as in the chlorate process, show that the current 
density for oxygen evolution would be approximately 0.1 kA m™, which corresponds to around 
3 % of the total current density. At this point, the current density is limited by the rate of arrival 
of hydroxide ions formed from chromate in the reaction layer, and thus the OER increases 


linearly with chromate concentration. 


It should be noted, though, that the partial current density of OER in the chlorate cell cannot be 
assumed to be identical to the one obtained in this study; the mass transport is most certainly 
different and it is possible that the OER compete for the same active sites as other anode 
reactions. Additionally, the concentration profiles of chromate, hydroxide and hydrogen ions will 
be affected by the hydrolysis of chlorine present in the chlorate process. This hydrolysis process 
has acidifying effects, but it is also buffering at a neutral pH [57]. The buffering of hypochlorite 
could promote oxygen evolution from OH, in an equivalent manner to that of chromate, 


through reaction 22 (a variant of reaction 5, in alkaline environment). 
ClO’ +H,O < CIOH+ OH™ (22) 


To make a more accurate prediction of the oxygen-evolving current, chloride oxidation as well as 
chlorine hydrolysis and reactions with hypochlorite have to be included in the model. However, it 
seems reasonable that the oxygen-promoting function of chromate, when oxygen is produced 


from OH , should be valid even under those conditions. 


4.1.3 The effect of chromate buffering on hydrogen evolution 


Experimental and simulated polarisation curves 

The effect of chromate buffering on the hydrogen-evolving reaction was studied experimentally 
as well as by simulating polarisation curves. In contrast to the experiments on anodic oxygen 
evolution, carried out in 5 M NaClO,, the measurements on hydrogen evolution at the cathode 
were made in chlorate electrolyte (110 g/L NaCl, 550 g/L NaClO, at pH 6.5 and 70 °C) of two 
different chromate concentrations. The model for hydrogen evolution neglects the presence of 
hypochlorite, since there is no addition of hypochlorite in the experiments and the relatively short 
times for the measurements do not allow significant build-up of hypochlorite concentration. The 
homogeneous feactions taken into account are therefore the chromate buffering, 
HCrO, < CrO,7 + H* (reaction 16), and water dissociation (reaction 18). However, in the 
industrial chlorate cell the electrolyte has a considerable concentration of hypochlorite, which 
most certainly influences surface pH by its buffering properties (reaction 5), and modelling such a 


cell would require inclusion of hypochlorite. 


In Figure 8 experimental and simulated polarisation curves are shown for two different chromate 


concentrations, 3 and 9 g/L Na,Cr,O,. For both concentrations a good agreement between 


2/ 


experiments and simulations is seen. The increase in limiting current density for H* reduction is 
explained by the buffer serving as a source of H* and thereby decreasing the pH-raising effect of 
the hydrogen-evolving reaction. This is analogous to the effect of chromate on the limiting 
current density for oxygen evolution from OH discussed above. Hurlen e¢ a/ [58] have studied 
how hydrogen evolution on iron in chloride electrolyte is influenced by different additions of 
acetate buffer. They saw a clear relation between increased acetate content and an increased 
limiting current density for hydrogen evolution from H”. This is consistent with the increase due 


to additions of chromate buffer in this study. 


The buffering capacity of the electrolyte species must be considered when operating close to the 
limiting current, since even a small current change may cause a large potential step, and move the 


potential into a range where the cathodic protection might be lost. 


Similarly to anodic oxygen evolution in chromate-containing electrolyte, the buffering for the 
hydrogen evolving system takes place in a very thin reaction layer (in the order of nanometers) 
close to the cathode surface. This reaction layer is indicated by a very steep concentration profile 
for H’*, arising when H* produced from the buffering (reaction 16) diffuses to the cathode 
sutface faster that it recombines with CrO,’. In the reaction layer, non-equilibrium prevails for 


the buffering reaction (reaction 16) as well as for the water dissociation (reaction 18). 
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Figure 8. Experimental polarisation curves of hydrogen evolution on an iron electrode in chlorate electrolyte at 
PH 6.5 (lines with symbols) and simulated polarisation curves (solid lines): 3 g/L. Na,Cr,O, and 9 g/L 
Na,Cr,0,, 3000 rpm, 70 C. 
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4.1.4 Nature of the chromate reaction 

The chromate buffering may be expressed as reaction 15, CrO,?+H,O@HCrO,;+OH, or 
reaction 16, CrO,/+H*@HCrO,. At equilibrium the buffering may be described in either way, 
since the sum of reaction 15 and water dissociation (reaction 18), HX +OH<@H,O becomes 
reaction 16. However, as discussed in 4.1.2 and 4.1.3, neither the chromate buffering reactions 
nor water dissociation ate in equilibrium in the reaction layer close to the electrode surface. Thus 


it became important to differ between reaction 15 and reaction 16. 


Depending on the electrode reaction (oxygen or hydrogen evolution), the chromate buffering had 
to be expressed differently in the model to capture the increase in limiting current densities in the 
experimental polarisation curves when chromate was added. It was found that the buffering had 
to directly produce the diffusion-limited ion, since otherwise water dissociation would be rate 
determining. Whereas reaction 15 had to be used for oxygen evolution, reaction 16 was employed 


for hydrogen evolution. 


Taking the simulation of oxygen evolution as an example, reaction 16 produces no OH , but may 
shift the water dissociation reaction (reaction 18, OH + H* @ H,O) to produce OH” by 
consumption of H™ and thereby increase the limiting current density for oxygen evolution. 
However, simulations showed that if this reaction (reaction 16) alone were responsible for the 
buffering, the rate of water dissociation (reaction 18) would have to be increased to unrealistic 
values in order not to be rate-determining. If the rate of the water dissociation was increased to 
about 1000 times its literature value (see Paper I, Table 1 [59]), the simulated polarisation curves 
in chromate-containing electrolyte fitted the experimental curves tolerably. But then for the 
chromate-free cases, this high water dissociation rate resulted in limiting current densities too 
high to fit the experimentally measured curves. Therefore, it was concluded that the buffering 
had to be represented by reaction 15 in the simulations of oxygen evolution. Analogously, the 
other reaction, reaction 16, had to be used as chromate-buffering reaction in the simulations of 
hydrogen evolution, since otherwise the rate of water dissociation (reaction 18) had to be 


increased to an unlikely high rate. 


4.2 The critical anode potential 

It is important to understand how the chlorate process has to be run to avoid exceeding the 
critical anode potential (E,,) in order to keep the anodic potential losses low and to achieve a long 
lifetime of the DSA. The current efficiency may be maximised by operation close to F,, but not 
above E,, In the following text, the results from the investigation regarding the impact on the 
anode potential and on E,, of different electrolyte parameters are presented. Even though 
changing an electrolyte parameter sometimes does not directly affect the value of E,,, it may, by 
increasing the anode potential, lead to E.,, being reached at lower current densities. As a result, 
the chlorate process would then be forced to operate at lower production rates to avoid 


exceeding F.,,. 
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4.2.1 Chloride concentration and pH 

Cornell e¢ a/, have previously found that E., decreased with increased Cl concentration at pH 6.5 
[30] (typical pH of industrial chlorate electrolyte). As discussed in the introduction (section 1.4), 
at pH 6.5 there is a risk of confusing the impact of Cl with the impact of pH on E,,. By 
performing the experiments at a much lower pH, the pH gradients at the electrode surface would 
be negligible, and the pH would not change considerably along the polarisation curve. 
Additionally, at strongly acidic pH values, the effect of oxygen evolution is minor and the 
advantage of a longer Tafel region for chloride oxidation in the polarisation curve facilitates the 


determination of F.,. 


Polarisation curves showing the effect of varying chloride and chlorate concentration at 
electrolyte pH 2 are presented in Figure 9. The total molar concentration was kept constant at 
5 M to fix the tonic strength. As explained above, oxygen evolution is of minor importance in 
chloride solutions at pH 2, however in the chloride-free case it becomes the electrode reaction. 
An increase in chloride concentration gave a decreasing potential in the whole potential range, 
which was explained by a lowered reversible potential and an increased exchange current density 
for chloride oxidation. The impact of chloride on E.,, is illustrated in Figure 10, which shows that 
F., decreases with increasing chloride concentration. There was a linear relationship between E.,, 
and the logarithm of chloride concentration with a slope of approximately -90 mV/decade C,, 
which was similar to that found for pH 6.5 [30]. The results of the experiments at pH 2 
combined with the results achieved earlier by Cornell ef a/ [30] indicate that there is a direct effect 


of chloride concentration on E,,. 
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Figure 9. Polarisation curves on DSA in an electrolyte of x M NaCl + (5-x)M NaClO,, 3 g/L Na,Cr,0, at 
pH 2, and 7021 C (0 Sx 5) 
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With a lowered E,, it might seem that the risk of reaching this potential during operation would 
increase. This is however not always the case. Even though a higher chloride concentration 
decreased E 
This would mean that the process could be operated at a higher current density when the 
chloride concentration increases. 


«» the critical current density, 7, increased with increased chloride concentration. 


1.28 


—_ 
N 
n 


y=-0.09x+1.3 


Ee/V vs Ag/AgCl 
S 
_~ 


—_ 

N 

nN 
| 


1.2 + | | ! 
0 0.2 0.4 0.6 0.8 
log Cq-/M NaCl 


Figure 10. Critical potential, E.,, as a function of the logarithm of chloride concentration. Data from Figure 9. 


4.2.2 Temperature and apparent activation enthalpy 

The effect of temperature on anodic polarisation curves on a DSA was investigated in a chlorate 
electrolyte of composition 550 g/l NaClO,, 110 g/l NaCl, 3 g/l Na,Cr,O, at pH 6.5. The 
polarisation curves had earlier been recorded by Cornell [60] (Figure 11), but had not been 
further analysed. As expected, the anode potential became higher when the temperature was 
lowered, due to lower reaction rates, and also E., became higher. The advantage of the increase in 
F., 1s however outweighed by the increase in anode overpotential when the temperature is 
lowered. The critical current density, 7, increased with increasing temperature. As the process is 
operated at a constant current the risk of exceeding F,, and 7,, is actually lowered when operating 
at a higher temperature, this agrees with results of Eberil e¢ a/ [16]. 


The apparent activation enthalpy was derived from the polarisation curves in Figure 11 (for 
details see Paper II). By plotting log() vs 1/T at constant potential, the activation enthalpy, AH, 
could be derived from the slope of the curve (Eq. 23). 
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The activation enthalpy for an anodic reaction may, as an approximation, be expressed as 
AH, =AH?-a@,FE (24) 


Since the AH, values at all potentials were more or less a mixture of the activation energies for 


oxygen evolution and chloride oxidation, the enthalpy derived through Eq. 23 was called the 
apparent activation enthalpy. In Figure 12, the apparent activation enthalpy is shown as a 
function of potential. The diagram shows two linear regions, one at potentials between 
approximately 1 and 1.1 V vs Ag/AgCl and another between approximately 1.17 and 1.25 V vs 
Ag/AgCl. The two regions could be related to the regions dominated by oxygen evolution, at 
lower potentials, and by chlorine evolution at higher potentials. Between those regions both 
oxygen and chlorine are evolved. Fitting straight lines to the two regions gave a slope of 
188 kJ/(mol V) for the lower potentials and a slope of 147 kJ/(mol V) for the higher potentials. 
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Figure 11. Polarisation curves for different temperatures in chlorate electrolyte (550 g/L. NaClO, 110 g/L 
NaCl, 3 g/L Na,Cr,O,) at pH 6.5 and 65°C (©), 70°C (#), 75°C (a), 80°C (x), 85 °C (G) and 90°C 
(@) (60). 


According to Eq. 24, AH, decreases linearly with the potential. Plotting the apparent reaction 
enthalpy vs. the potential as in Figure 12 would then give a slope of @,F. The linear relation was, 
as earlier mentioned, only seen in the regions where a single reaction dominated (oxygen 
evolution or chloride oxidation). The @, values calculated from the slopes of Figure 12 would 
according to Eq. 25 correspond to a Tafel slope of approximately 35 mV for lower potentials 
(oxygen evolution) and a Tafel slope of approximately 45 mV for higher potentials (chloride 
oxidation), at 70 °C. 
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Tafel slope = eee (25) 
ak 


a 


These Tafel slopes were compared to the slopes of the curves in Figure 9 and Figure 11 and to 
Tafel slopes for oxygen evolution and chloride oxidation found in literature. At lower potentials, 
mass transport of hydroxide ions influenced the current density for oxygen evolution (reaction 
11), which means that the concentration of reacting species at the anode surface at a constant 
potential was not the same for all temperatures. The Tafel slope calculated from the q@, values 
extracted from the slope in Figure 12, may therefore disagree with the Tafel slopes for oxygen 
evolution found in the literature. For oxygen evolution Trasatti [61] found that most studies 
showed a Tafel slope of 40 mV on RuO, electrodes. On RuO,/TiO, anodes Tafel slopes 
between 35 mV [62] and 66 mV [63] in acid solutions and 30 mV and 50 mV in alkaline solutions 
[64-66] have been found. 
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Figure 12. Apparent activation enthalpy for electrolysis in chlorate electrolyte as a function of potential. Straight 
lines are fitted to the regions where oxygen evolution (lower potentials) and chlorine evolution (higher potentials) are 
assumed to take place. Chlorate electrolyte concentration 550 g/l NaClO, 110 g/l NaCl, 3 g/l Na,Cr,O, at 
pH o.5. 


As mentioned above, the value of @, for chloride oxidation derived from the enthalpy data in 
Figure 12 corresponds to a Tafel slope of 45 mV/decade of current. The polarisation curve at 
70°C in Figure 11, showed a slope of approximately 60mV in the potential range 
1.16-1.20 V vs Ag/AgCl. However, this value was not easily estimated for the short linear part of 
the polarisation curve where chloride oxidation dominates while there is also an influence of 
oxygen evolution on the slope. The Tafel slope for chloride oxidation at pH 2 (Figure 9) was 
easier to determine, since oxygen evolution had minor influence at that pH and there was a 
constant slope ranging over at least two decades of current. The polarisation curves in Figure 9 


had Tafel slopes of approximately 40 mV, independent of chloride concentration. This agrees 
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with most studies on chloride oxidation, which according to Trasatti [67] have found Tafel slopes 
of 28-40 mV on oxide electrodes. 


At potentials higher than FE, the slope of the polarisation curve in Figure 12 increased even 
though the value of q@, calculated from Figure 12, was constant. This indicated that the 
mechanism for the bending of the curve was much less temperature dependent than the chloride 
oxidation reaction and that the chloride oxidation reaction did not change mechanism at 
potentials above E.,. The hypothesis, that the mechanism of the chloride oxidation reaction 
remains the same when increasing the potential above EF, is supported by the fact that the 


apparent reaction order with respect to chloride was close to one also at potentials higher than 
fs 
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Figure 13. The percentage of active sites left was calculated by dividing the real current density by the current 
density extrapolated from the Tafel slope. Data for the plot is taken from a polarisation curve recorded in an 
electrolyte containing 2M NaCl + 3M NaCl0, at pH 2 (Figure 9). 


The higher slopes of the polarisation curves at potentials above E., could be an effect of a 
reduction in the number of active sites. If E., as earlier mentioned, is assumed to be related to 
oxidation of ruthenium, then the oxidation could be the reason for the deactivation. The oxidised 
sites may be less catalytically active for chloride and water oxidation. The reduction in the 
number of active sites was approximated from the polarisation curves in Figure 9, by 
extrapolating the constant Tafel slope found for potentials below E,, and assuming the slope to 
express the current density for which no deactivation of sites had taken place. The percentage of 
active sites left was calculated by dividing the real current density by the current density 
extrapolated from the Tafel slope. The result of the calculation, based on the polarisation curve 
recorded in an electrolyte of concentration 2M NaCl + 3M NaClO, at pH 2, is shown in Figure 
13. The oxidation would, according to Figure 13, be potential dependent, perhaps because some 
of the active sites would be more sensitive to potential increases while other would require higher 


potentials to oxidise. If the chloride oxidation would have the same mechanism at potentials 
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higher than E.,, the current density would increase at the active sites left and thereby increase the 
potential. Further work would be necessary to verify the hypothesis of deactivation as the reason 
for the bend to higher Tafel slopes at E,,. 


4.3 The impact of difterent chlorate-electrolyte parameters on hydrogen 
evolution on iron 

The demand for operating the chlorate process at varying current loads requires increased 

understanding of how the cathode behaves in a wide current-density range under different 

electrolyte conditions. Therefore cathodic polarisation curves were recorded for iron at various 

electrolyte compositions. Note that when cathode potentials are discussed a decreased potential 


means going to more negative values, i.e. increasing the overpotential. 


4.3.1 Chromate and hypochlorite concentrations 

Figure 14 illustrates the impact of chromate and hypochlorite concentrations on the cathodic 
polarisation curve for iron in chlorate electrolyte. As discussed in 4.1.3 the most evident effect of 
an increased chromate concentration is seen at -0.85 to -1.1 V, where the limiting current density, 
due to poor supply of H’, appears and the buffering properties of chromate become important. 
At current densities higher than the limiting current density the consequence of increasing the 
chromate content from 3 g/L Na,Cr,O, to 9 g/Lis only a minor decrease in cathodic potential 
(less than 20 mV). The chromate film has been shown to increase in thickness with increasing 


chromate concentration in the electrolyte [68], which may impact the rate of hydrogen evolution. 
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Figure 14. Polarisation curves on a pure iron RDE in chlorate electrolyte (550 g/L NaClO, 110 g/L NaC) 
at pH 6.5, 70 °C, rotation rate 3000 rpm, with (a) 3 g/L Na,Cr,0, (b) 9 g/L Na,Cr,0, (¢) 3 g/L 
Na,Cr,O, and ~1 g/L NaClo. 
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Hypochlorite added to the electrolyte particularly affects the limiting current density, by 
increasing it (Figure 14). At current densities lower than ~10° Am” the presence of hypochlorite 
increases the cathode potential. This is possibly due to the chromate film not totally hindering 
hypochlorite reduction. Hypochlorite reduction is limited by mass transport at higher current 
densities, and the increase in limiting current density seen in Figure 14 may be a mixed limiting 
current due to limited supply of H* and transport-limited hypochlorite. Similar to chromate, 
hypochlorite acts as a buffer through reaction 5 which would supply H* to the hydrogen 


evolution reaction and increase the limiting current density for reaction 20. 


4.3.2 Chloride and chlorate concentrations 

On the chlorate anode high concentrations of sodium chlorate (>600 g/L) increase the potential 
at high current densities (> 3 10° Am”) [17]. To investigate whether a similar effect of increased 
ionic strength could appear at the cathode, the sodium chlorate concentration was varied between 
450 g/L and 650 g/L, keeping the sodium chloride concentration constant at 110 g/L. The 
polarisation curves from these measurements (displayed in Paper II) show that, similarly to the 
anode, the increase in chlorate concentration had a negative effect on the cathode potential. In 
the area where hydrogen evolution from water (reaction 2) is dominating (~5 10'— 3 10° Am”) 
an increase of the sodium chlorate concentration from 450 to 650 g/L gave around 30 mV 


decrease in cathodic potential. 


To compare the impact of chloride concentration polarisation curves were recorded for 5M 
(292 g/L) NaCl and 5M (532 g/L) NaClO, respectively. The chloride solution gave a slightly 
lower cathode potential for water reduction, by approximately 10-30 mV, compared to the pure 


chlorate electrolyte. 


4.3.3 Temperature 

In Figure 15 polarisation curves on an iron cathode in chlorate electrolyte at four different 
temperatures ate displayed. At low current densities where hydrogen is evolved from H” 
reduction (<~3-10' Am”) the temperature had a minor influence on the potential, but in the 
current density region (~3kAm”) where industrial cells on full load are operated and hydrogen is 
evolved through water reduction, there was a cleat increase in cathode potential with higher 
temperature. This behaviour is expected since a higher temperature increases the reaction rate. 
Plotting the potential, at constant current density, as function of temperature gives an almost 
straight line. For a current density of 1 kAm” the potential increased with 1.9 mV/°C, while for 
3kAm” the potential increased with 1.6 mV/°C. As mentioned in section 1.2.2 70-80 °C is 
considered to be the optimum temperature [6] for the chlorate process, since both lower and 
higher temperatures would increase the oxygen-forming side reactions. Tilak and Chen [6] 
proposed that a higher temperature would not only increase the rate of the electrode reactions, 
but also increase the rate of the oxygen-forming side reactions. They propose that a lower 
temperature would decrease the rate of chlorate formation through reaction6 and high 
concentrations of hypochlorite and hypochlorous acid would be built up through reactions 4 and 
5. The hypochlorous acid and the hypochlorite would then react to form oxygen. In Paper II it 
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was shown that the potential for chloride oxidation on the anode (reaction 3) decreases with 
increased temperature by 1 mV/°C at 1kAm” and by 2mV/°C at 3kAm™. Increasing the 
temperature by 10°C at 3 kAm™* would consequently lower the total cell potential with by at least 
~35 mV, which corresponds to approximately 1% of the cell potential (normally ~3 V), and 


would of course affect the iR-losses as well. 
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Figure 15. Polarisation curves on a pure iron RDE in chlorate electrolyte (550 g/L NaClO, 110 g/L NaC/, 
3 g/L Na,Cr,O,) at pH 6.5, rotation rate 3000 rpm; (0) 61 °C, (A) 70 TC, (m) 83 TC (A) 92 TC. 


4.4 Hydrogen evolution on corroded steel electtodes 

The steel cathodes in industrial cells have electrolyte impurities precipitated on the surface and 
are usually corroded after having lost their cathodic protection during production stops. These 
are factors that influence the catalytic activity of the electrode. In Figure 16 polarisation curves in 
chlorate electrolyte on corroded steel electrodes punched from industrial cathode plates are 
compared with polarisation curves on non-corroded steel and pure iron. The corroded steel 
electrodes had been operated (and thus corroded) in a chlorate plant and then washed with water 


before being used in the measurements of this study. 


Whereas the pure iron electrode behaved almost in the same way as the non-corroded steel 
electrode (which validates the use of pure iron in as model material for the industrial steel 
electrodes), the activity for hydrogen evolution increases on the corroded steel surface in the 
whole current-density range. However the largest increase is found at current densities higher 
than 50 A m”, where the overpotential decreases by around 100 mV. This may be compared with 
results of Cornell e¢ a/ [10], in which an iron electrode, corroded in chlorate electrolyte, obtained 
a lowered potential for hydrogen evolution compared to the non-corroded iron. Cornell e¢ ad. 
compated polarisation curves for iron electrodes corroded at open circuit with non-corroded iron 


electrodes. The apparent increase in activity for hydrogen evolution of their corroded electrodes 
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could be due to a catalysing effect of oxides or an increase in surface area, but in the light of later 
results [26], the apparent activation effect [10] may also be due to reduction of chlorate. The 
activity for this side reaction is favoured by the presence of oxides on iron electrodes [10,11] and 
the chromate film has to be built up properly to avoid confusion between increased activity for 
hydrogen evolution and an increased current due to side reactions. On corroded steel electrodes a 
high current efficiency for hydrogen evolution was not achieved immediately, but needed around 
1 hour of cathodic polarisation in chlorate electrolyte with 3 g/L Na,Cr,O, at 3 kAm” to reach a 
constant level of ~95 % [26]. Therefore, the industrially corroded electrodes were given a 
protecting chromate film at constant current density for 1 hour in chromate-containing chlorate 


electrolyte. 


Two polarisation curves were recorded for the corroded steel electrodes, one at pH 4.5 and 
another at pH 6.5. For pH 6.5 (industrial pH) a single reaction seems to dominate, since an 
almost constant Tafel slope is found for the whole current-density range. Increasing the H™ 
concentration by lowering the pH to 4.5 results in an increased potential at lower current 
densities (< 2-10? Am”), whereas at higher current densities (>5 10° Am”) the curve coincides 
with the curve for pH 6.5. This indicates that for pH 6.5 the only reaction is hydrogen evolved 
from water (reaction 2), while for pH 4.5 the two different reactions for hydrogen evolution 
(hydrogen formed from H* and from water) may be distinguished. It appears as if the corroded 
surface activates the reduction of water (reaction 2) more than the reduction of H” (reaction 20). 
Alternatively, H™ reduction might be somewhat suppressed on the corroded surface and the 
higher activity displayed for water reduction could also be an effect of increased surface area due 
to corrosion. Further work is needed in order to investigate the contribution of increased surface 


area and the catalytic effect of the various corrosion products. 
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Figure 16. Polarisation curves in chlorate electrolyte (550 g/L. NaClO, 110 g/L NaCl, 3 g/L Na,Cr,0,), 


70°C, rotation rate 3000 rpm; (a) pure iron RDE, pH 6.5, (b) polished steel RDE, pH 6.5 , (c) corroded steel 
RDE, pH 6.5, (d) corroded steel RDE, pH 4.5. 
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Since no H* reduction appeared to take place on corroded steel electrodes, in pH 6.5 electrolyte, 
the large potential step at the limiting current density for H* reduction would not have to be 
taken into particular consideration when using those electrodes. This may however be important 
for other cathode materials when electricity prices are high and the process occasionally is 
operated at lower loads. Then the buffering capacity of the electrolyte species must be taken into 


account to avoid moving the potential into a range where the cathodic protection may be lost. 


4.5 Activation of hydrogen evolution and inhibiting effects in the presence 
of Y(III) 

It is desirable to decrease the high overpotential of the chlorate cathode and replace the toxic 
Cr(VI) of the electrolyte. One approach would be to in-situ apply a film on the cathode that 
catalyses the hydrogen evolution while at the same time hindering parasitic reactions from taking 
place. It is known that a film of Y(OH), has hindering properties towards cathodic oxygen 
reduction [40,41,46] and some studies indicate that the addition of Y(III) to an electrolyte also 
activates hydrogen evolution [40,41]. It is likely that the Y(OH), film hinders other cathodic 
reactions besides oxygen reduction (e.g. hypochlorite reduction), though no such studies have 


been found in the open literature. 


The Y(OH), film may be formed in-situ on the cathode by dissolving Y°** ions in the electrolyte. 
When cathodic hydrogen evolution takes place, the diffusion layer at the cathode surface 
becomes alkaline (see reactions 2 and 21) and the dissolved Y** ions precipitate with OH™ 


forming a hydroxide film on the alkaline cathode surface according to reaction 26, below. 
Y** +30H < YO), (26) 


Since Y(OH), precipitates at a pH of around 7 [69], the electrolyte has to be of lower pH to keep 
the Y** ions dissolved. 


The effect of addition of yttrium(II]) ions on hydrogen evolution on an iron electrode was 
investigated with focus on a better understanding of the electrochemical properties of the yttrium 
hydroxide film. In particular its ability to inhibit certain reactions and the possible activation of 
hydrogen evolution at current densities relevant to industrial electrolysis was of interest. Since 
this was an introductory study, whose purpose was to understand the properties of the yttrium 
hydroxide film, the system was simplified by using an electrolyte of lower temperature and lower 
ionic strength than in chlorate electrolyte, 0.5 M NaCl at 25 °C. At these conditions there was 
also reference data available to compate the results with [40,41]. The Y™ ions were added to the 
electrolyte as the salt YCIl,. 


4.5.1 Introductory results showing the effects of Y(III) 
In Figure 17 the effect of adding 10 mM Y** to a NaCl electrolyte is illustrated. The polarisation 
curves were recorded from high to low current densities. With no addition of Y** the polarisation 


curve has an almost straight slope at higher current densities (>4 Am”), where the electrode 
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reaction is hydrogen evolution. At current densities lower than 4 A m”, a sharp potential increase 
appears. This increase is related to the reduction of hypochlorite, generated during the 
experiment by the counter reaction, chloride oxidation. The steep slope indicates a limiting 


current density for hypochlorite reduction. 


To clearly illustrate the effect of Y°* addition to the NaCl electrolyte Figure 17 has been divided 
into three regions. Splitting the figure into these regions is only an aid in elucidating the different 
effects of Y** visible in this particular figure. With different electrolyte parameters the regions 
may be shifted or additional effects may be seen. In Region I, no major effect of Y** addition is 
seen, while in Region II the hydrogen-evolving reaction was activated significantly by Y°* addition, 
i.e. the overpotential decreased by around 200 mV. In Region III hypochlorite reduction was 
hindered by the addition of Y°* and the hydrogen evolution was still activated. The polarisation 
cutve keeps its straight slope from region II into region II, indicating that with Y°* present, the 
dominating electrode reaction throughout the whole polarisation curve is hydrogen evolution. 
Yttrium has the same oxidation state, Y(III), throughout the polarisation curve. The only other 
oxidation state, Y(0) requires much lower potentials (more negative potentials) to form [70]. The 
catalytic and inhibiting effects of Y(III) addition are further discussed below. 


SEM images with EDX shown in Paper IV, Figure 2, indicate that a film of Y(OH), is formed at 
the electrode surface when it is cathodically polarised in Y°*-containing electrolyte at 50 A m”, ice. 
at a current density where activation of hydrogen evolution occurs. The EDX spectra of the SEM 
image showed that the yttrium-oxygen atomic ratio in the film was 0.3, which corresponds well to 
the ratio in a dry Y(OH), film. Film drying is a problem, since when dry, the film easily detached 
from the electrode surface and only flakes of yttrium hydroxide could be observed in SEM. 
Studies of fresh films using an optical microscope indicated a uniform, gel-like hydrous film 
covering the whole electrode surface. After a few minutes in air, optical microscope photos 
showed that the film gradually crackled as the water vaporised, which also happened in the SEM 
at low pressure. This illustrates the difficulty of studying the film ex situ, but in-situ 
measurements would also be complicated due to gas evolution and requirements on sufficient 
mass transport. Optical microscope pictures of an electrode operated at the higher current 
density of 5000 A m*, where no activation of hydrogen evolution could be seen in Figure 17, 
showed no film. Nor SEM images and the EDX analysis detected significant amounts of yttrium 
for an electrode operated at these current densities. This may be due to the vigorous hydrogen 


evolution not allowing the film to attach or grow thick enough to be detectable. 


An yttrium-containing film was also observed in SEM by Tran e¢ a/ [40,41] who performed 
experiments on iron and gold in 0.5 M NaCl electrolyte with yttrium added as the nitrate salt, 


Y(NO))3. 
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Figure 17. Polarisation curves on iron in 0.5 M NaCl electrolyte with and without Y (LI). When Y (UI) was 
added, its concentration was 10 mM and the total Cl concentration 0.5 M, pH ~6. Yttrium was added as YC1,. 


The polarisation curve was recorded from high to low current densities, i.e. in anodic direction. 


4.5.2 Activation of hydrogen evolution 

The catalytic effect of Y°* in a chloride electrolyte on the overpotential for hydrogen evolution 
on iron (seen in Figure 17) is also illustrated in Figure 18 where Y** concentrations of 5 mM and 
higher may be seen to activate hydrogen evolution. The concentration was varied between 1 and 
100 mM Y** and the results compared with the polarisation curve recorded in yttrium-free 
electrolyte. A low Y°* concentration, 1 mM, did not activate hydrogen evolution. For a slightly 
higher concentration, 5 mM Y”*, the activation occurred in two steps as the current density was 
decreased. Increasing the time of polarisation at each current level from 15 s to 60 s did not have 
any effect on the 5 mM Y~* curve, which indicates that the two-step activation was not a transient 
behaviour. Concentrations of 10-100 mM Y** gave a single-step activation of ~200 mV. For 
these higher concentrations (10 -100 mM) the decrease in overpotential for hydrogen evolution 
was independent of concentration in the current density range 0.5 A m* — 10° Am”*. The 
current-density range for activation was however dependent on the Y(ITJ) concentration, a higher 
Y(ID) concentration extending the catalytic effect to a higher current density. Tran et a/. [40,41] 
and Hsu and Yen [71] carried out their experiments with Y(NO;),; addition to a NaCl electrolyte 
by starting at open-circuit potential and sweeping towards more cathodic potentials. They 
explained the lowered overpotential as a catalytic effect on hydrogen evolution caused by yttrium- 
water complexes formed in the electrolyte bulk, see reaction 27. Water in these complexes was 
assumed to have a higher reactivity towards reduction, compared to free water molecules, due to 
weakening of the YOH™H bond. 


6) 
Y(H,0)>* +3e° > Y(H,0)>*, rae + 30H (27) 
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Tran ¢ al. [40,41] explained the lack of activation at higher current densities as a mass-transport 
limitation of Y(H,O),** to the electrode surface. This was supported by the fact that this 
limitation appeared at higher current density with increasing Y** concentration. However, 
according to the yttrium-water-complex hypothesis the degree of activation should increase with 
increasing Y(H,O),** concentration. In the nitrate-free and deaerated polarisation curves shown 
in Figure 18, the activation of the hydrogen evolution reaction is independent of Y™* 
concentration in the range 10 mM-100 mM Y**, which implies that the catalytic effect needs 
another explanation. The suggestion is that the activation relates to the yttrtum-water complexes 
within the film rather than the Y(III)-ion complexes in the bulk. It is likely that the film formed 
in 1 mM Y(ID) electrolyte is thinner than the film formed at higher concentrations. The fact that 
an Y(III)-ion concentration of 1 mM is not enough to activate the hydrogen evolution reaction 
implies that the film thickness may be of importance (Figure 18). The lack of activation at higher 
current densities may, as proposed above, be due to film detachment and hindered re-formation 
during vigorous hydrogen evolution. Tran ef a/ mentioned that they saw a gradual detachment of 
the yttrtum hydroxide film when the cathodic current was increased above the point at which the 
activation effect disappeared [40]. If the detachment rate is higher than the re-formation rate no 
activation would be seen, and since the re-formation rate would be dependent on the Y** 
concentration, this might explain why the loss of activation depends on Y** concentration. 
However, it is possible that there is a very thin film at high current densities where hydrogen 
evolution is not activated. 


E/V vs Ag/AgCl 


— 
N 


-1.4 


“1.6 on = a5 == ghey == aera 
10 10 10 10 
ic/A m? 


Figure 18. Polarisation curves on iron in electrolytes of different Y?* concentration (0, 1, 5, 10, 30 and 100 mM 

Y’*). Y?* was added as YCI, and the total CI concentration, adjusted by NaCl addition, was 0.5 M for all 
Yy. by 

polarisation curves. The polarisation curves were recorded from high to low current densities, i.e. in the anodic 


direction. 
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4.5.3 Inhibition of cathodic reactions in presence of Y(III) 

The inhibiting effect of REM hydroxide films on oxygen reduction is well known. The results of 
this study show a hindering of other reactions such as hypochlorite reduction (reaction 12), 
proton reduction (reaction 21) and nitrate reduction (reaction 28, below) as well when Y(IIJ) is 


present in the electrolyte. 
NO, +H,O0+2e — NO, +20H™ (28) 


The effect of yttrium on hypochlorite reduction may be seen in both Figure 17 and 18, where the 
YC1, addition almost completely prevented the reaction. Hypochlorite was generated on the 
anode while measuring the polarisation curve and the limiting current density for its reduction 
was easily identified for the yttrium-free electrolyte at ~4 A m”’, when the polarisation curve was 
recorded from high to low current densities (Figure 17 and 18). Note that a concentration of 
1 mM Y(IJ) was high enough to hinder hypochlorite reduction, whereas it was too low to obtain 
the catalytic effect on hydrogen evolution, see Figure 18. It is possible that the film formed in 
electrolyte of low Y(III) concentration is thinner and that a thin film does not exhibit the same 
catalytic properties as a thicker film. 


Figure 19 displays polarisation curves measured in the presence of Y(IJ) at varying pH values. 
The limiting current densities for proton reduction, clearly seen in yttrium-free electrolyte in 
Figure 4, are not seen in the polarisation curves for yttrium-containing electrolyte for pH 3 and 
3.5 presented in Figure 19. The electrolyte pH had to be as low as 2.5 before the limiting current 
density for proton reduction, seen in yttrium-free electrolyte, appeared and then at a current 
density somewhat lower than for yttrium-free electrolyte. The lack of limiting currents at pH 3 
and 3.5 in yttrium-containing electrolyte (Figure 19) indicates the presence of an Y(OH), film on 
the electrode surface, hindering protons and hypochlorite from being reduced. With an YC) 
concentration of 30 mM and a K,, value for reaction 26 of 10 [69], Y(OH), precipitates at pH 
~7.2. It may seem remarkable that the yttrium hydroxide film was present even at a bulk pH as 
low as 3 and at low current densities, when the surface pH most probably was close to the bulk 
pH. However, this suggests that the yttrium-hydroxide film formed at higher current densities, 
when the pH close to the electrode surface was high, did not dissolve as the current density was 
lowered. At a bulk pH lower than 3, the limiting current density for proton reduction appeared as 


the surface pH became low enough to dissolve the yttrium hydroxide at the electrode surface. 
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Figure 19. Polarisation curves on iron in NaCl with 30 mM YCI, at different pH values. The polarisation 


curves were recorded in the anodic (€—) direction. 


Experiments in NaNO, solution showed that nitrate was reduced on an iron electrode in the 
absence of Y(III), and that the presence of Y(III) could inhibit nitrate reduction. However, the 
effect of Y(IIJ) addition on nitrate reduction is more complex than its effect on hypochlorite 
reduction and proton reduction, and depends highly on the direction the polarisation curve is 
recorded in. The results of this study show that care must be taken when studying the effect of 
yttrium on hydrogen evolution in nitrate-containing electrolyte to avoid the impact of nitrate 
reduction. 


4.5.4 Yttrium(III) in chlorate production 

The yttrtum hydroxide film apparently has the ability to both activate the water reduction and 
hinder other cathodic reactions. The inhibiting properties are necessary for keeping the high 
current efficiency for hydrogen evolution when substituting Cr(VI) in the chlorate process. The 
activating effect would of course be attractive in terms of decreased overpotential and thus 


decreased energy consumption. 


The above experiments were made in 0.5 M NaCl electrolyte, and it had to be investigated 
whether the addition of Y°* would have the same effect in chlorate electrolyte (550 g/L NaClO, 
+ 110 g/L NaCl, 70°C). However, it turned out that Y°* precipitated immediately when added to 
this electrolyte. Lowering the pH dissolved the precipitation. This would however not be an 
option in the industrial process, since it has to have a pH of around 6-7 to obtain a sufficient rate 


of chlorate formation (reaction 6). 


In the polarisation experiments the RDE was rotated at a speed of 3000 rpm, which gives a 


considerably higher mass transport than in industrial cells. It was found that a stationary cathode 
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did not allow the yttrium hydroxide film to form on the surface. Instead yttrium hydroxide 
precipitated at a distance from the electrode, probably due to the thick diffusion layer of OH 
which increased pH further out from the electrode surface. Mass transport is obviously important 


for obtaining an yttrium hydroxide film on the cathode. 
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5. CONCLUSIONS 


The objective of this work was to identify possible improvements in chlorate electrolysis, which 


eventually may reduce the consumption of energy in the chlorate process. 


5.1 The critical anode potential 

The impact on E,, of different electrolyte parameters was investigated; it was found that E,, 
depends linearly on the logarithm of chloride concentration at pH 2, with a slope of -90 mV/dec 
Cl. A high chloride concentration is still beneficial in terms of a decreased anode potential, which 
outweights the negative effect of a decrease in F,. FE, also decreases with an increased 
temperature. As in the case of influence of chloride, the negative effect on FE, is compensated by 
the decreased potential which means that 7, actually increases with increased temperature. 
Therefore, in terms of adjusting electrolyte parameters the best strategy to avoid exceeding E,, is 


to try to obtain the lowest possible anode potential. 


It is likely that the mechanism for chloride oxidation is the same for potentials below E., as well 
as for potentials above E,,. The reason for the higher slope of the polarisation curve could then 
be a potential-dependent deactivation of the active sites. Deactivation of active ruthenium sites 


could occur if ruthenium in a higher oxidation state were inactive for chloride oxidation. 


In the lab cells used in this work it is relatively easy to measure the anode potential vs a reference 
electrode and then to note when the potential reaches a certain value, defined as the critical 
potential. However, in the actual industrial process it is much more complicated to monitor the 
anode potential. Not only the need for reference electrodes within the cell, but also for instance 
uneven current distribution and ohmic losses in current collectors and electrolyte makes it very 
difficult to obtain a reliable value of the potential. A more applicable method is to monitor the 
oxygen concentration in the cell gas (already done in chlorate plants), as increased oxygen 
evolution is an indication of the potential exceeding E,. The current efficiency for chloride 
oxidation has its maximum at around E,, which means that it would be desirable to operate the 
anode at a potential close to but still below E,,. However, an increased concentration of oxygen in 
the cell gas does not necessarily have to be due to FE, being exceeded, since there are other 


factors that also affect the evolution of oxygen. 


To make the DSA less sensitive to operation at high currents stabilisation of the ruthenium in the 
DSA would be an option. For instance, iridtum-ruthenium based DSAs have shown a higher E,, 
and a less pronounced bending of the polarisation curve at E.,, than the ruthenitum-based DSA 


[18]. 


cr 


5.2 The impact of butfers 

Chlorate electrolyte contains buffering species such as hypochlorite and chromate. When the 
chlorate process is operated at full load (~3 kA m”) their buffering capacities do not influence 
the electrode reactions. However when electricity prices are high and the process is occasionally 


operated at lower loads they should be considered. 
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The influence of chromate buffer on oxygen evolution on a DSA (in pure NaClO, electrolyte) as 
well as on the cathodic reaction hydrogen evolution on iron (in chlorate electrolyte) was 
investigated. It was found that the important impact of the chromate buffer was associated with 
its ability to increase the limiting current densities for OH oxidation and H”™ reduction. For 
oxygen evolution 3 g/L Na,Cr,O, was found to increase the limiting current density for OH 


oxidation by about a decade, but was still far below the current density at full-load operation. 


When lowering the load and operating close to the limiting current density only a small current 
change may cause a large potential step on the cathode as well as on the anode. For a cathode, 
this may mean that the electrode loses its cathodic protection. For a new steel cathode the 
potential step was evident, but for corroded steel electrodes H* reduction appeared not to take 
place and thus no potential step was seen. Therefore, when using the old steel electrodes of 
today’s process, no particular care must be taken in presence of a buffer. However, when using 
other materials for cathodes the potential step might have to be considered. For the DSA anode 
the amount of oxygen in the cell gas would most likely increase significantly as the overpotential 


for oxygen evolution would suddenly decrease at the potential step. 


5.3 The cathode overpotential 

It was investigated whether it was possible to adjust the electrolyte parameters in order to 
minimise the cathode overpotential. However, it could be concluded that none of the 
investigated electrolyte parameters (pH, temperature, mass transport, the concentrations of 
chloride, chromate and chlorate as well as the presence of hypochlorite) had any major effects on 
the chlorate cathode potential at full-load current densities, where water reduction was 
dominating. Although the electrolyte conditions were varied to unrealistic values their impact was 


never larger than 50 mV, mostly significantly smaller. 


Certainly, there is more voltage to gain from changing the cathode material and/or structure than 
from modifying the electrolyte composition. This is indicated when comparing the results of this 
study with polarisation measurements on cathodes containing ruthenium, showing considerably 
lowered overpotentials [72,73]. The importance of the electrode is further shown by the 
experiments on steel corroded from operation in a chlorate plant, which exhibits significantly 
higher activity for hydrogen evolution than polished steel or iron. It is likely that the composition 
at the corroded electrode surface activates the cathode reaction and decreases the overpotential, 


probably in combination with an increased surface area of the electrode. 


5.4 Modelling 

A model was developed to illustrate the complex interplay between a pH-dependent electrode 
reaction (oxygen or hydrogen evolution), mass transport and the buffering due to addition of 
chromate. It was found that the chromate buffering took place in a thin reaction layer (in the 
order of nanometers) at the electrode surface. In the reaction layer neither the water dissociation 
reaction (reaction 18) nor the chromate buffering (HCrO, + OH  CrO,? +H,O or HCrO, @ 
CrO,” +H") was in equilibrium. The consequence of this is that it is important to have the 
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reaction rates for these reactions as input data to the model and not to simulate the reactions as if 
they were in equilibrium. The reaction rates for chromate buffering were not found in the 
literature, but could be estimated by comparing simulated polarisation curves with experimental 
curves. It also is important to have a high resolution at the electrode surface to capture the 


concentration profiles in the very tin reaction layer. 


5.5 Activation of hydrogen evolution and inhibition of side reactions by 
adding Y (III) to the electrolyte 

The addition of Y(IJ) ions to a 0.5 M NaCl electrolyte resulted in the formation of an yttrium 
hydroxide film on the cathode during hydrogen evolution. It was found that the hydrous, gel-like 
Y(OH), film formed on the iron surface inhibits the reduction of protons, nitrate ions and of 
hypochlorite ions. At certain conditions the film also catalyses hydrogen evolution from the 
reduction of water. The reactant of the catalysed water reduction is most likely water molecules 
coordinated to Y(III) within the yttrium hydroxide film. 


Two forms of film may be distinguished. A film formed at conditions expected to favour a 
relatively thin film, i.e. a low concentration of Y(III) or a high current density when extensive gas 
evolution disturbs the film formation, hinders the reduction of ions but the film does not activate 
water reduction. At higher Y(IID) concentration and lower current densities the film formed has 
inhibiting as well as catalytic properties. Loss of activation at high current densities may be a 


problem in electrolysis applications. 


The fact that the film inhibits reduction of hypochlorite while decreasing the overpotential for 
hydrogen evolution makes yttrtum(III) to a promising candidate for replacing chromium(VI) in 
the chlorate process of today. 


Unfortunately, when adding Y(IJ) to chlorate electrolyte having a higher ionic strength than the 
electrolyte in this work, yttrium precipitates immediately, most likely as Y(OH), in the bulk. 
Another problem might be the mass transport in industrial cells, which has to be good enough 
for developing a thin diffusion layer of OH. Thicker diffusion layers may lead to precipitation of 


Y(OH), at a distance from the electrode and no film formation on the surface. 


Even though yttrium salts may not be used in the chlorate process, this work has supplied new 
knowledge regarding inhibiting and activating films. It shows that it may be possible to find an 
alternative to chromate, which besides the inhibiting effects also catalyses hydrogen evolution. 
Hopefully, with this knowledge alternatives with similar properties, though more suitable for the 
chlorate process, will be found. These alternatives should have the ability to in a film situ form on 
the cathode. In the search for a cathode film it may be kept in mind that the thickness of the film 


and its water content could be factors affecting its catalytic properties. 
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5.6 Overall conclusions 

In this work the role of the electrolyte composition has been investigated in order to minimise 
the energy consumption. If changing the electrolyte it has to be kept in mind it may cause effects 
in other stages of the process, and the electrolysis cannot be optimised alone. It turned out that 
the effect of the electrolyte parameters on the electrode reactions was relatively small, and to 
minimise the energy consumption to a larger extent the electrode materials should be further 


looked upon. 


The anode overpotential is kept low as long as the DSA contains the active material ruthenium 
and as long as the critical potential is not exceeded. Although some efforts may be done to 
decrease the anode potential, so that E,. is not reached, stabilisation of the anode is suggested in 


case the process occasionally is operated under extreme conditions. 


To decrease the cathode overpotential, either a new activated cathode material has to be found or 
a catalytic film should be applied in-situ on the cathode surface. This work showed that it may be 
possible to find alternatives to the chromate film used today. It would be interesting to find out 
whether other metal ions than Y(IIJ) could be added to the electrolyte in order to form hydrous- 
hydroxides on the cathode, and whether they in that case would both inhibit side reactions and 


be activating towards hydrogen evolution. 


The role of chromate as a buffer is most important for keeping pH in the chlorate cell neutral in 
order to obtain a high rate of the chlorate forming reaction. The impact on the electrode 
reactions of a buffer is most likely minor at full load operation. On the cathode, hydrogen is 
evolved through water reduction, which at high overpotentials is independent of pH. On the 
anode the chloride oxidation is pH dependent only at very low pH values (below 2) [24]. If the 
electrolyte pH at the anode surface is that low, chromate might buffer through reaction 17, which 
perhaps prevents the pH to decrease further. When a substitute for chromate eventually is found 
it has to be taken into account that the electrolyte has to be buffered to a pH around 6-7. 
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ABSTRACT 


GSLD anodes have been developed for obtaining suitable size anodes for use in high amperage cells in the 
production of chlorates and perchlorates. The performance characteristics of the anodes in the preparation 
of chlorates and perchlorates are described. The use of the GSLD anode in other inorganic preparations like 

bromates , iodates and periodates is also included. 


In recent years the quest for the development of indestructible anodes either as a substitute for costlier anodes or to 
increase the life of anodes in electrochemical processes has intensified. Increasing interest in the scientific 
development of inert and insoluble anodes provided a healthy atmosphere meriting considerable research effort 
both in the improvement of existing anodes and in the development of new anodes. The complex nature of the 
evaluation problem stems from the number of variables involved, such as electrode life, operating conditions of the 
cell, and replacement costs. Graphite and platinum are widely well-known anodes in electrochemical processes 
and, less frequently, materials like magnetite, lead, and lead-silver or antimony-silver alloy are employed. But the 
recent researches on the indestructible or inert anodes are largely centered around the development of: 

(a) platinum or its alloy coated over titanium and 

(b) coatings of oxides of certain metals on suitable substrates. 

The main requirements for an oxide anode are: 

(a) the possibility of forming ions of different valences to provide for high electrical conductivity 

(b) a high anodic potential at evolution of oxygen 

(c) absence of rectifying contacts at the boundary of oxide-metal current lead, and 

(d) chemically inert. 

The high cost of platinum has prompted several attempts to replace this metal by cheaper material. In the last two 
decades interest in the use of lead dioxide as anode in the place of platinum for the preparation of inorganic and 
organic electrochemicals(1) has been very much in evidence as seen by the considerable amount of work carried 
out to obtain lead dioxide deposits in a form suitable for anodes in the production of chlorates and perchlorates. 
The successful development of a suitable GSLD anode for commercial scale operations in chlorates and 
perchlorates has been engaging the attention of the Central Electrochemical Research Institute. This paper reviews 
the developmental work on this project. Earlier attempts to prepare the lead dioxide electrodes as well as the 
difficulties encountered by previous workers have been reviewed earlier by Narasimham and Udupa(2-6). Recently 
, Carr and Hampson(5) reviewed the studies on the electrodeposition of lead laying emphasis on the kinetics of 
electrodeposition. 


Preparation of GSLD Anode 


A survey of the literature shows a continuous interest in the preparation of lead dioxide anodes beginning in 1934. 
Lead dioxide satisfies the major requirements given above for the oxide anode. Angel and Mellquist(6) reported the 
deposition of lead dioxide from lead tartrate bath. Though electrolysis of almost all soluble salts of lead(5, 7-10) 
gives lead dioxide deposit under suitable conditions on the anode, the lead nitrate bath is preferred since it may be 
readily controlled over long plating periods and also due to the high quality of deposit obtained from the bath over 
a wide range of operating conditions. Beta_PbO2, which has an oxygen overpotential higher than alpha_PbO2, is 
obtained from the nitrate bath. Japanese workers(11-16) used this nitrate bath extensively for depositing lead 


dioxide on nickel or mild steel substrate. When lead nitrate alone is used , a dendrite form of lead is also deposited 
on the cathodes resulting in a shorting of the electrodes. Even though a diaphragm cell has been suggested(17) to 
prevent lead deposition on the cathode, the addition of copper salt to the extent of 2 - 3% to the bath for preventing 
the deposition of lead is by far the most important contribution(12) in the field of electrodeposition of lead dioxide. 
The copper, being more electronegative than lead in the electronegative series, deposits preferentially on the 
cathode. Grigger et al.(18)and Schumacher et al.(19) reported the formation of lead dioxide from the nitrate bath on 
tantalum or platinum-clad tantalum. 


Although much work had been done as described above, the preparation of lead dioxide involved certain 
disadvantages. In the process developed by the Japanese workers(11-16), massive lead dioxide electrodes were 
prepared by depositing lead dioxide up to 1 CM thick or more, then removing the same from the substrate, and 
finally cutting the deposit into suitable shapes with either an alundum or carborundum grinding stone. This 
operation needs special care as the deposit is brittle as well as very hard. The conventional clamp current-contacts 
produces local heating and hence suitable modifications have to be made. 


The successful electrodeposition of lead dioxide from lead-copper nitrate bath on graphite substrate carried out 
simultaneously by the authors(2, 20, 21) and by Gibson((22, 23) in the U.S. obviates the difficulties experienced by 
earlier workers. While Gibson used a nonionic surface active agent in the bath, Narasimham and Udupa employed 
rotation for the cylindrical rods and to-and-fro motion for the plates during deposition to inhibit gas bubbles from 
sticking to the surface, thereby avoiding pinholes and pitting in the coating. Although hydrodynamic factors, such 
as the decrease in the thickness of the diffusion layer and also the easy transport of ions to the interphase, do exist 
during the movement of the electrode, the important aspect in this case happens to be the dislodging of gas bubbles 
adhering to the surface of the electrode. Similarly, the use of surfactant lowers the interfacial tension, thereby 
enabling the easy release of gas bubbles from the anode surface. The electrodes thus developed have the following 
advantages: 

a) a thin coating of PbO2 is sufficient(3.5MM) 

b) the graphite provides mechanical strength and is completely protected against anodic attack 

c) electrical contact can conveniently be made to anode 

d) preparation of such anodes for large scale production does not present undue difficulties. 


Cell assembly for oxide deposition differed with the size and shape of the anodes required to be coated. The 
electrolyte contained 325-350 g/L lead nitrate and 25-30 g/L copper nitrate, with an initial pH between 4 & 4.5. 
During electrolysis the pH became acidic due to the production of nitric acid and was maintained at 1-1.5 by 
adjusting the flow rate of the electrolyte. The acid produced was neutralised outside the cell by the addition of lead 
carbonate or lead monoxide and copper carbonate. Deposition was carried out at current densities of 3-5 A/dMA2 
and at a temperature of 58-65C. It is most important to have precleaning operations for the graphite anode prior to 
deposition, which consist in electrolyzing a 10% (W/V) sodium hydroxide solution with the graphite as anode for 
30 min, dipping the anode in 10% (V/V) nitric acid for 10 min, and finally washing it thoroughly with distilled 
water. 

Different rods and plates of GSLD were prepared with different thickness of deposited PbO2 the thickness of the 
deposit depending on the process in which the GSLD is to be used. 1.5 to 2.5mm for chlorate production while the 
thickness must be more than 3.5mm for the production of perchlorates. 

The addition of different surface active agents to avoid pinholes has been described previously (13, 14, 25-27). In 
the course of the study on measurements of stress in electrodeposited lead dioxide(28), the authors found the 
addition of quaternary ammonium surfactant not only lowered the stress but also helped in obtaining a pore-free 
deposit on stationary graphite even at higher current densities(29) . An example of q.a.surfactant is Cetyl 
Trimethylammonium bromide also called Hexadecyltrimethylammonium Bromide. Use 2-3 grams per liter. 


Applications of GSLD Anodes 
Sodium chlorate 


A 200A cell with GSLD anode and stainless steel(30) or mild steel(31) cathode was operated continuously; the 
electrolyte being a solution containing 220g/L sodium chloride and 180-240g/L sodium chlorate with 1N HCl to 
maintain the pH between 6.4 and 6.8. Though this composition is not critical, but on cyclic use, the solution 
attained this composition after two or three runs. Table II gives the operating conditions of the cell. The anodes 
give satisfactory service for 34 months with 50% of the anodes still in good condition. A current efficiency of 70- 


80% was obtained while depleting the chloride concentration of electrolyte from 250 to 100g/l. The energy 
consumption varied from 6.0 to 6.4 kWhr (d.c.)/kg of sodium chlorate(30). When the mild steel was used as 
container-cum-cathode the anode could be used for 12 months(31) at higher current density, thereby showing 
almost the same quantity of production per anode. 


Table I. eS conditions of chlorate cells using GSLD anode 
200A cell 800A cell 
Chara Cell with SS__|| Cell with mild steel || Cell with SS_ || Cell with mild steel 
cathode cathode cathode cathode 
Cell Voltage(V) 3.2 3.2-3.3 3.4-3.7 3.7-4.2 
Anode current density(A/dm‘2) ||3.4 5.2-5.7 4.9 105 


— —— 6.0-6.4 6.8-7.2 70-76 8.5-9.0 
Na chlorate) 


Based on the above results, scaling up of the cells to 800A was done for the production of sodium chlorate using 
GSLD (7.5cm diam. X 60cm long) anodes(32). Two cells were operated continuously, one cell with a concrete 
container and stainless steel cathode and the other with a mild steel container-cum-cathode. The performance of 
the cells employing the operating conditions given in table II confirmed the results obtained with 200A cells. The 
chloride content could be brought down to less than 5g/L in the cell with the stainless steel cathode. No perchlorate 
formation was observed even at such low chloride concentration. The recent trend in preparation of chlorate is in 
the use of 30% Iridium-Platinum coated Titanium anodes. Considerable improvements in the efficiency of the 
electrolytic production of sodium chlorate are claimed for a process developed by Krebs(33, 34). Major differences 
with usual practice lie in the anodes and in the use of higher current densities (30 A/dm/2)and higher temperatures 
(> 60C) than current procedures. The consumption of activated alloy is reported to be 400-500mg/ton of chlorate. 
The advantage claimed with these anodes is the reduction in the power consumption, viz., 4800-5400 kWhr/ton 
chlorate(34) as against 6000-6500 kWhr/ton in the existing processes. However, at present the preparation of this 
anode in India is dependent on the import of all the raw materials. 


An electrolytic process for the preparation of sodium chlorate liquor of high concentration (630-660g/L Chlorate, 
with 5-10g/L chloride) suitable for the in situ production of chlorine dioxide for textile or paper industries, was 
developed by employing a GSLD anode and stainless steel cathode(35). The high concentration of sodium chlorate 
could be attained by saturating the cell liquor with solid sodium chloride during electrolysis with a current 
efficiency of 55-65% and an energy consumption of 8.8-11.5 kWhr (d.c.)/Kg of sodium chlorate. However, the 
advantage of this method is that the cell effluent can be directly used for the production of chlorine dioxide without 
processing the liquor for getting solid sodium chlorate and this is possible only with the lead dioxide anode (and 
perhaps Pt-Ir coating the Titanium anode), not with any other conventional anodes. 


Potassium chlorate 


Potassium chlorate, which is mainly used in the manufacture of matches, was prepared by the electrolytic oxidation 
of potassium chloride in the 800A cell using GSLD anodes and stainless steel cathode(36). The cell was operated 
at an anode current density of 5A/dm/2, a temperature of 55-60 C, and a pH of 6.0-7.0. A current efficiency of 82- 
85% was obtained with the energy consumption of 6.3-6.5 kWhr (d.c)/kg of chlorate. Efficiency in the production 
of potassium chlorate higher than the production of sodium chlorate may be attributed to 

1) The operation of the cell at higher temperature and consequent lowering of voltage by 0.1 to 0.2V and 

2) The conversion of less chloride to chlorate in view of solubility factors. 


A 5000A cell(37), which can be considered as a prototype commercial cell, was operated for about 150 days with a 
GSLD anode employing an anode current density of 15-17 A/dm/2 and a temperature of 50 to 60C. The cell 
voltage was 3.5 to 3.7V. The higher anode current density has the advantage of using a smaller cell with less initial 
investment in graphite. The cell effluent, being clear and free from suspended impurities, could be processed 
further without filtration and pure potassium chlorate (<99%) was obtained by recrystallization. 

Another process (38) using a GSLD anode for the production of potassium chlorate was developed on a 800A cell 
(37) which consisted of the oxidation of sodium chloride to sodium chlorate using a mixed electrolyte consisting of 
sodium chloride, sodium chlorate,and potassium chlorate in the cell. Potassium chlorate was precipitated by adding 
solid potassium chloride. The chloride and chlorate concentrations in the electrolyte were maintained between 5 
and 1M/liter, respectively, in the feed electrolyte and vice versa in the effluent. The advantage of this method is 
that a higher concentration of sodium chlorate in liquor can be obtained in the cell which can be reacted with solid 
potassium chloride to precipitate the potassium chlorate, and the solution, after filtering off potassium chlorate, can 
be directly used as feed liquor. The novelty of this process is in the working out of the suitable range of 
compositions of feed and effluent liquor. 


Advantages of GSLD anodes in chlorate production: 


It has been experimentally proved that GSLD anodes gave the advantage of a life longer than the treated graphite 
anodes in the chlorate production (consumption of treated graphite is taken as 25-30Kg/ton of chlorate). Small 
dimensional change of the graphite anodes by the coating of PbO2 does not call for much alteration in the design 
of the existing cells in industry. With GSLD anodes the cell effluent is clear and hence processing can be carried 
out without filtration. It is also possible to employ a higher current density which in turn helps in using a smaller 
cell with less initial investment in graphite. 


Perchlorates 
Oxidation of sodium chlorate to sodium perchlorate 


Due to increasing demand for ammonium perchlorate in rocketry, attention was given to the replacement of costly 
platinum with GSLD anode in the production of perchlorate. At present, as metal oxide-coated titanium electrodes 
(like DSA) are not suitable, GSLD anodes are the only alternative to platinum for the production of perchlorate. On 
the basis of results obtained on laboratory scale (39, 40), two cells of 75A and one of 400A were operated for the 
production of perchlorate usig the GSLD anode (7.5cm dia. X 30cm long with a deposit of 5mm thick) (41). Six 
anodes were used in the 400A cell and only one anode in the 75A cell. A saturated solution of sodium chlorate 
containing NaF (2g/Liter), added to increase the oxygen overvoltage of the anode (13) and also to increase the 
current efficiency of the process, was electrolyzed using an anode current density of 15 to 25A/dm/2, temperature 
of 40 to 45C, and pH between 6 and 7. The current efficiency was 70 to 75% with an energy consumption of 3 to 
3.3kWhr(dc)/kg of sodium perchlorate. The presence of even small quantities of chromate in the electrolyte 
affected the current efficiency of the formation of perchlorate at lead dioxide (current efficiency of only 42%), 
thereby confirming the results of Sugino and Yamashita (42) and Schumacher et al (19). It was pointed out that an 
insoluble film of lead chromate might be forming on the surface of lead dioxide and thereby hindering the 
formation of perchlorate. It was found that the thickness of the deposit has a definite effect on the life of the anode 
and experiments showed that a thickness of 3.5 to 5mm was needed in the preparation of perchlorate. 


Direct oxidation of sodium chloride to sodium perchlorate 


The methods so far in vogue for the electrolytic preparation of perchlorates involve two steps; the first stage being 
the oxidation of chloride to chlorate using graphite (44) or magnetite (45) or lead dioxide anodes (30-32), and the 
second stage being the oxidation of chlorate to perchlorate using Platinum (46-49) or lead dioxide (18, 19, 39, 40). 
In between these two stages , the electrolyte has to be processed to isolate the sodium chlorate and recover the 
unconverted sodium chloride. 

Sugino(11) reported the direct oxidation of of chloride to perchlorate using a lead dioxide anode having two 
discrete electrochemical stages wherein the temperatures of the electrolysis were different and the addition of 
sodium fluoride was made after all the chloride was converted to chlorate. Udupa et al (50, 52) found that GSLD 
anode could be used for the preparing of perchlorate directly from sodium chloride in one cell without recourse to 
processing in between to isolate chlorate. 


Large scale trials have been carried out (52) with two cells of 75A and 400A capacity. The cells were run 
continuously at an anode current density of 20A/dm/2 and a temperature of 45 to 50C. Six GSLD rods (7.5cm dia. 
X 30cm long with 4 to 5mm thick coating of PbO2) were used as anodes in the 400A cell and one rod was used in 
the 75A cell. The electrolyte was a saturated solution of sodium chloride containing NaF (2g/L). The loss due to 
evaporation was made up with 
further additions of sodium chloride solution in such 
a way that the final cell liquor concentration would 
Perchlorate be 650-700g/liter sodium perchlorate. The graph 
shows the variation of the concentrations of chloride, 
chlorate, and perchlorate with duration of the 
Chloride electrolysis. The GSLD anode could be used for 
more than 450 days of continuous electrolysis in this 
process. A typical prototype commercial cell of 
5000A was designed and operated continuously for 9 
months at the optimum conditions (24). A current 
efficiency of 55-62% with energy consumption of 
12.8 to 14.5kWhr/(d.c.)Kg sodium perchlorate was 
obtained. 
The novelty of this process is the oxidation of 
chloride to perchlorate in the same cell without 
alteration of operating conditions or recourse to 
intermediate processing. In contemplating the direct 
oxidation of sodium chloride to sodium perchlorate, 
300 600 900 1200 1500 none of the commonly used anodes, (graphite, 
Quantity of electricity in amper hours magnetite, or platinum) can be used as a single 
anode material and GSLD is the natural and 
economic choice at present. The addition of sodium fluoride can be made either at the beginning of the process or 
after the conversion of chloride(52). 
Sodium perchlorate liquor obtained by both the above methods and having less than 10g/liter sodium chlorate was 
used for the double decomposition with either potassium chloride or ammonium chloride to give potassium 
perchlorate or ammonium perchlorate, respectively, and both products conformed to the required specifications 
(24). 
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Bromates, iodates and periodates 


Based on the resultant conditions of laboratory experiments (53), one 75A cell was run with a GSLD anode for the 
production of bromates employing an anode current density of 16-20A/dm/2 and a temperature of 55-60C. A 
current efficiency of 90-95% was obtained with an energy consumption of 4.0-4.5kWhr/(d.c.)Kg sodium bromate. 
By treating highly soluble sodium bromate liquor with potassium bromide, potassium bromate could be made. 

The electrochemical preparation of sodium iodate from iodine was studied using a GSLD anode and a nylon cloth- 
wrapped stainless steel cathode (54). Based on laboratory scale experiments, one 250A cell was run and a current 
efficiency of 73-77% was obtained corresponding to an energy consumption of 3.0-3.4kWhr (d.c.)/Kg sodium 
iodate. 

In the oxidation of iodic acid to periodic acid (55), a GSLD anode with rough surface or prepolarized surface of 
lead dioxide gave better efficiency. 


Conclusions 


Electrodeposited lead dioxide shows the promise of developing a high efficiency as an inert and insoluble anode in 
electrochemical processes and, at present, it is the only alternative anode to platinum for the production of 
perchlorates. Since the current-carrying capacity of GSLD is critical in view of the difference in the coefficients of 
graphite and lead dioxide, the proper choice of graphite plate or rod has to be made for depositing lead dioxide 
depending on its subsequent use. The deposition of lead dioxide on other substrates like titanium will have a better 
future. 
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Electrochemical Behavior of the Oxide-Coated Metal 
Anodes (OCMA) 


ABSTRACT 


Polarization measurement and an accelerated life test of the oxide-coated titantum anodes in 
relatively dilute solutions of NaCl and in HC1O4 solution were conducted. The OCTA failed 
at potentials higher than 1.3V vs. SCE, probably due to anodic oxidation of RuO2 and 
passivation of Ti substrate. An accelerated life test based on those results has been 
investigated to estimate the OCTA. The polarizing current decreases quickly when the OCTA 
becomes inactive, and the service life of material is evaluated by the time-to-failure from the 
start-up. 


F. Hine, M. Yasuda, T. Noda, T. Yoshida, and J. Okuda 
Nagoya Institute of Technology, Nagoya 466, Japan 


A number of the oxide-coated titantum anodes (OCTA) consisting of RUO2 and Ti02 are being used because of 
durability and low chlorine overvoltage in chlor-alkali cells. But eventually the OCTA becomes inactive and a part of 
the oxide drops out (arrow in Fig. | Low oxygen overvoltage is another problem for this oxide anode in chlorine 
cells. 


The OCTA is stable and its chlorine overvoltage is preferably low in concentrated NaCl solutions even at high 
current densities, whereas it is attacked gradually and the anode potential becomes high in dilute NaCl solutions. 


Since the OCTA has come into the market in early 1970's, many articles on its preparation, modification, physico- 
chemical properties, electrochemical characteristics and applications have been published. Degradation and 
deactivation of its unique material have also been discussed. With those articles and patents, degradation of the 
OCTA in chlor-alkali cells can be classified into three types: (i) coating dissolution, (ii) substrate attack, and (iii) 
substrate oxidation leading to electrical insulation, as stated by Warren et al., who have studied the Pt-Ir alloy coated 
anodes for chlorate cells (1.2). 


Extensive studies on the OCTA as well as the solid Ru metal anodes in sulfuric acid solution and solid polymer 
electrolyte have been conducted as a part of new developments in high-performance water electrolysis. Low oxygen 
overvoltage of those materials is a reason. However, dissolution and/or degradation of the anode material at high 
potential ranges, and hence at high current densities, is a problem (3). 


Experiment of the OCTA under the operating conditions of chlorine cells are time-consuming, about one year or 
more for only one run. Consequently, this Paper deals mainly with an accelerated life test and its procedure for the 
OCTA. The procedure is simple and requires minimum labor even for a prolonged period. The test specimen of the 
OCTA is electrolyzed in a mixed solution of HC1O4 and NaCl or in HC104 SIngle solution under a constant terminal 
voltage, and the current is recorded until the test specimen breaks down. The concept is based on gradual degradation 


of the active material due to oxygen evolution. 
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Experiments 


Test specimen:—Titanium sheet of 5 mm wide, about 150 mm long, and 0.5 mm thick was pickled with 10% oxalic 
acid at about 80°C for about 3 hr, rinsed with water, and dried. One end of the strip (1 cm2 area) was painted with a 
HC1 acidified butanol solution of ruthenium chloride and tetrabutyl titanate. Specimens prepared at lower than 350° 
C gave weak coating, on the other hand, the OCTA became inactive when it was heated at higher temperatures than 
550°C. But the service lifetime was almost independent of the fire temperature in the range 350°-550°C, and the time 
of heating in the range from 5 min to 10 hr. Consequently, most specimens in this work were prepared at 400C in an 
electric furnace for 10 min. 


Since the anode life depends on the thickness of the oxide layer, coating procedure was repeated four times to obtain 
an adequate specimen of 2.5-3.0 microns thick. 


Type 12 OCTA (Rw/Ti mole ratio = 0.5) was mostly examined, where the type number refers to the mole ratio of Ru 
to Ti (see the previous report 4). Type 10 (Ru02 only) was used as reference in some cases, whereas its material was 
relatively weak compared to the mixed oxide such as Type 12. 


Life test:—Six to twelve specimens were positioned parallel to a common graphite cathode plate in a large plastic cell 
of about 12 liters. A schematic diagram of the circuit for the accelerated life test is shown in Fig. 2. The terminal 
voltage of each specimen is first adjusted by respective variable resistance to maintain an adequate current load of an 
individual anode specimen, and the voltage is kept constant thereafter. The current under constant voltage is recorded 
until it changes significantly as shown in Fig. 3. Since the OCTA is strong, the current remains for many hours or 
days or months depending on the oxide material and the conditions of experiment, but the current decreases 
gradually, then quickly at the end of life. It is termed the "time-to-failure" or TTF. For example, Specimen A in Fig. 3 
failed 3 hr earlier than Specimen B. 
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The re:ationship between the TTF and the current 
density is shown in Fig. 5. The TTF shortens when the 
current density increases, i.e., we have 


log(TTF, min] = 5.94~— 2.03 log[i,A/dm*] [1] 


The electrolytic solution consisted of 2M HC104 and NaCl in various concentrations. Single solutions of NaCl and 
HC104 were also examined. All solutions were prepared with extra pure chemicals and doubly distilled water. The 
solution was circulated by a sealed pump to keep the solution composition uniform. The solution pH was also 
controlled. The electrolytic gas containing chlorine, hydrogen, and some oxygen was scrubbed with caustic soda 
solution and washed with water prior to purge in the atmosphere. 


Preliminary experiment showed that no significant effect of the solution temperature on the TTF was found in the 
range 30°-70°C. For convenience sake, the temperature was not controlled, but the solution warmed at 35°-40°C 


during experiment due to the joule heat of electrolysis. 


Polarization measurements:—The polarization me*, surement of the OCTA was carried out in a separate glass cell 
about 500 cm3 in volume. The countered-trode was a Pt foil of about 5 cm2 area. The potential was referred to a 
saturated calomel electrode (SCE)1 and the IR drop between the working anode and the Luggin probe was calibrated 
by the current interruption technique. Preparation of the specimen and the solution for the polarization measurement 
was essentially the same as of the life test. Experiment was carried out at 40°C in most cases. 


Current efficiency measurements:—The OCTA specimen was covered by a glass hood located at the center of a glass 
cell approximately 500 cm3 in volune to receive the anode gas. The counter cathode was positioned at a corner of the 
cell. The anode gas was brought to a conventional gas analyzer. It was confirmed that the anode gas was a mixture of 
chlorine and oxygen depending on the solution composition, the oxide material, and the operating conditions such as 

current density. The current efficiencies for chlorine and oxygen were thus obtained. The current efficiencies were 


not affected much by the solution temperature (40°-70°C). 


Results and Discussion 


Figure 4 shows the TTF of the OCTA in the mixed solutions of 2M HC1O4 and NaCl in various concentrations. Since 
the results deviated, the experiment was repeated several times, especially in dilute or free of NaCl solutions. It 
required a skill for preparation of the oxide coating to obtain reproducible results. The anode overvoltage of uncertain 
specimen became high after a relatively short period of electrolysis. C formation proceeds rather than chlorine 
evolution, and it degrades the OCTA. The TTF increases with the increase of the NaCl concentration, as shown in 
Fig. 4. It also shows that the larger the current density the shorter the TTF. At 100 A/dm2, none of the specimens 
examined failed after 1000 hr in the solution containing 1.5M NaCl. 


Assume that extrapolation of the curve in Fig. 4 is applicable to more concentrated NaCl solutions. 4M NaCl, for 
example, the TTF is estimated to be 3.5 years at 100 A/dm2, or 2.5 years even at 200A/dm2 This is why we need to 
conduct an accelerated life test of the OCTA in weak NaCl solutions under relatively high current densities. 


This experimental equation shows that the service lifetime of the OCTA is not a linear function of the ampere-hours, 
but the oxide coating is attacked seriously at high current densities. 


Figure 6 shows the current efficiency vs. current density curves in NaCl solutions of various concentrations. The 
ordinate of the left-hand side shows the chlorine current efficiency. The anode gas contained only chlorine and 
oxygen, and the total current efficiency was confirmed to be 100% with two gases. Consequently, the oxygen current 
efficiency is represented to be (100-C.E. for Ch)% as shown by the ordinate of the right-hand side. The chlorine 
current efficiency was low in dilute NaCl solution at low current densities, whereas the current efficiency was more 
than 98% in wide range of the current density when the NaCl concentration was higher than 3M. In 0.5M NaCl, for 
example, the chlorine current efficiency was some 80%. The chlorine current efficiency in alkaline solutions was 
found to decrease considerably whereas oxygen formation stimulated. 


The polarization curves of the OCTA in various solutions are shown in Fig. 7. In concentrated NaCl solutions, the 
anode potential at relatively low current densities are low, but the anode potential rises quickly when the current 
density becomes high, for instance, at more than 300 A/dm2. These behaviors have been pointed out by some authors 
(5, 6). Such a current density at a given potential, at 1.25V vs. SCE for example, is proportional to the NaCl 
concentration. The top line shows the polarization curve in plain HC1O4 solution where only oxygen forms. The 
polarization curve for the oxygen electrode process differs from that in solutions containing chloride of some extent 
because the chloride ions may occupy the active sites on the OCTA for the oxygen electrode process, retard charge 
transfer of water molecule to oxygen, and the overvoltage for oxygen formation thus increases. In dilute NaCl 
solutions, 0.1M NaCl for example, the OCTA polarizes significantly even at low current densities such as 10 A/dm2, 
and the oxygen formation reaction rate is comparable to the chlorine formation reaction. 


Figure 8 shows the partial polarization curves for both chlorine and oxygen formation reactions in acidified 0.5M 
NaCl at 70°C. The over-all polarization was measured by the regular manner, using the galvano-static method. The 
gas volume, both chlorine and oxygen, was measured in parallel to determine the current efficiency, and the total 
current density was divided into the partial current densities for chlorine and oxygen. The partial polarization curves 
in this figure were thus obtained. The Tafel slope of the oxygen polarization curve is larger than that of the chloring 
curve especially at low current densities. 
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1. Introduction 


Lead dioxide is an important electrode material due to 


its stability under aggressive conditions (such as acidity 


of the electrolyte and high anode potentials), high 
electronic conductivity and low cost of material. Two 
major areas of applications of lead dioxide are lead- 
acid batteries and electrosynthesis. Lead dioxide 
exhibits different morphological forms of which the 
orthorhombic «-form and the tetragonal f-form have 
been extensively studied. Methods of preparation 
of these two forms of lead dioxide as well as their 
characteristics have been reviewed [1, 2]. 

Generally, the preferred form of this electrode 
material in lead-acid batteries, as well as for electro- 
synthesis applications, is the B-form. In spite of the 
fact that a-PbO, is superior to B-PbO, both in elec- 
tronic conductivity [1] as well as electrochemical stab- 
ility [3], no study appears to have been made to eval- 
uate the suitability of a-PbO, as an electrode material. 
In this paper we report our results on the preparation 
of an a-PbO, electrode coated onto a titanium sub- 
strate (4-PbO, (Ti)) and its use as an insoluble anode 
for the electro-oxidation of sodium chlorate to sodium 
perchlorate. 


2. Experimental details 


Both a-PbO,(Ti) electrodes and B-PbO,(Ti) electrodes 
were prepared for comparative studies. The B-PbO, 
was electrolytically deposited on a platinized titanium 
surface as reported earlier [4] from an acidic lead 
nitrate and copper nitrate bath in the absence of any 
surface active agent. The a-PbO,(Ti) electrode was 
prepared by anodic electrodeposition under the follow- 
ing conditions: (i) electrolyte, potassium hydroxide 
solution (4M) saturated with lead acetate and filtered; 


(ii) bath temperature, ambient (25 + 5°C); (iii) , 


cathode material, low-carbon steel] (area about 20 
times larger than that of the anode); (iv) anode, plat- 
inized titanium strip (area about 8cm7); (v) stirring, 
mild stirring using a magnetic stirrer; (vi) anode cur- 
rent density, initially S0OmAcm~? for two minutes, 
then decreased to 10OmAcm ? for a few hours until the 
required thickness was obtained. 

In order to characterize and evaluate the perfor- 
mance of the «-PbO, (Ti) electrode in comparison with 
the f-PbO,(Ti) electrode, powder X-ray diffraction 
studies, steady-state galvanostatic anodic polarization 
curves in sodium chlorate solutions and instantaneous 
current efficiency measurements for perchlorate 
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production by a gas analysis technique were carried 
out. 

The analytical procedures, electrochemical cell, 
electrical circuit and the procedure for recording 
steady-state galvanostatic anodic polarization curves 
and current efficiency measurements were as reported 
previously [5]. 


3. Results and discussion 
3.1. Preparation of a-PbO,(Ti) electrode 


The conditions for preparation of the «-PbO, (Ti) elec- 
trode (see Section 2, Experimental details) were arrived 
at as a result of deposition of a-PbO, on_platinized 
titanium substrates from alkaline ne 
of different compositions with different current den- 
sities and bath temperatures etc. The «-PbO, (Ti) elec- 
trode consisting of a 1.5mm _ thick PbO, layer 
prepared under these favourable conditions was simi- 
lar in appearance to the B-PbO,(Ti) electrode and the 
adherence to the substrate, as well as the coherence 
within the coating, were good. The a-lead dioxide 
layer did not peel off when the electrodes were used for 
anodic perchlorate synthesis, in contrast to reports in 
the literature [6]. A mild stirring of the alkaline plum- 
bite solution was found to be essential during the PbO, 
coating process, since, in the absence of such a stirring 
formation took place of a loosely bound reddish 
brown oxide of lead which subsequently became 
detached from the anode. As the solubility of lead 
acetate in potassium hydroxide (4M) 1s only about 
40g1 ' a fairly large quantity of the electrolyte (one 
liter for 8cm? of electrode) was required to deposit a 
1.5mm thick «PbO, coating to minimize the depletion 
of plumbite tons during the coating operation. When 
the electrolysis was prolonged to almost complete 
depletion of plumbite ion in solution, the ¢-PbO, coat- 
ing, already present on the anode, was found to 
be partially converted to reddish brown oxide, render- 
ing the electrode unsuitable for electrosynthetic 
applications. 

The current efficiency for the deposition of the 
a-PbO, is lower than that for the deposition of the 
B-PbO, (60% for the a-PbO, and 95% for the B-PbO,). 
As a result, it requires a longer time to deposit the 
a-PbO, than the time required for depositing the 
f-PbO, of comparable thickness. Nervertheless, this is 
not a major disadvantage since the electrode is 
prepared only once for use as an insoluble anode, for 
a duration of several months. 
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Fig. |. Instantaneous current efficiency for anodic chlorate oxidation on (1) «-PbO,(Ti) electrode; (2) B-PbO,(Ti) electrode as a function 
of anode current density in a solution of (a) 1M sodium chlorate; (b) 3.2M sodium chlorate; (c) 6.5M sodium chlorate at 60 + 2°C and 


pH6.5 + 0.2. 


The use of low carbon steel as cathode material on 
which the overvoltage for the hydrogen evolution 
reaction is low, is expected to reduce the losses of 
plumbite ion due to cathodic reduction, in addition to 
a reduction in cell voltage during electrolysis. 


3.2. Characterization of a-PbO,(Ti) electrode 


X-ray diffractograms of powdered samples of «-PbO, 
(freshly prepared as well as from an electrode used as 
an insoluble anode) revealed that the samples did not 
contain any form of PbO, other than the a-form. This 
is in contrast to B-PbO, prepared from an acidic 
nitrate bath which contains the a-form as a minor 
component [4, 7]. 

Current efficiency data obtained with an «-PbO,(Ti) 
anode and a f-PbO,(Ti) anode in sodium chlorate 
solutions of 1M, 3.2M and 6.5M concentrations are 
presented in Fig. 1. The corresponding steady-state 
galvanostatic anodic polarization curves are shown in 
Fig. 2. 

It may be seen from Fig. 1, that the current effic- 
iency for perchlorate synthesis is higher on the 


a-PbO,(Ti) electrode than on the f-PbO,(Ti) elec- 
trode in all the three electrolyte concentrations 
studied. The polarization curves (Fig. 2) are non- 
linear due to the interference by the oxygen evolution 
reaction and by ohmic drop in the electrolyte [5]. It 
may be seen from the polarization curves that the 
anode potential is less at the «-PbO,(Ti) electrode than 
at the B-PbO,(Ti) electrode, which is an additional 
advantage with «-PbO,(Ti) insoluble anodes when 
used in perchlorate cells. A study of the literature on 
the subject reveals that the oxygen evolution reaction 
takes place at lower anode potentials than the anodic 
oxidation of chlorate ion to perchlorate ion [8] while 
the overpotential for oxygen evolution is less on 
a-PbO, than on B-PbO, [3]. These facts explain the 
present results, viz. the increase in current efficiency 
and the decrease in anode potentials for anodic oxi- 
dation of chlorate ion to perchlorate ion on «-PbO,(Ti) 
electrodes as compared to B-PbO,(Ti) electrodes, as 
due to either an electrocatalysis of the anodic oxi- 
dation of chlorate and/or electro-retardation of anodic 
oxygen evolution on «-PbO,(Ti) electrode. 
Continuous electrolysis of sodium chlorate starting 
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Fig. 2. Anodic galvanostatic steady-state polarization curves for (1) «-PbO,(Ti) electrode and (2) B-PbO, (Ti) electrode in a solution of (a) 
1M sodium chlorate; (b) 3.2 M sodium chlorate; (c) 6.5 M sodium chlorate, at 60 + 2°C and pH6.5 + 0.2. ‘SSCE’, Calomel electrode with 


saturated sodium chloride. 
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with 6.5M solution and. reaching about 1M con- 
centration at the end of the electrolysis (Fig. 3) 
revealed that the a-PbO,(Ti) electrode performed 
marginally better than the B-PbO,(Ti) electrode with 
regard to cumulative current efficiency. Thus the aver- 
age cumulative current efficiency obtained by estimat- 
ing the initial and final concentrations of chlorate ion 
for two electrolytic runs with each type of anode was 
63.5% at the a-PbO,(Ti) electrode and 58.8% at the 
B-PbO,(T1) electrode. 

The rate of anodic oxidation of chlorate ion to 
perchlorate ion increases with an increase in ionic 
strength of the electrolyte at a constant concentration 
of chlorate ion [5]. Therefore, the current efficiency, 
when the chlorate concentration dropped to 1M 
during continuous electrolysis in the electrolyte of 
ionic strength of 6.5M, was higher (Fig. 3) com- 
pared to the current efficiency in | M sodium chlorate 
(Fig. 1(a)). The difference in current efficiencies for the 
a-PbO,(Ti) electrode and the f-PbO,(Ti) electrode 
was also not substantial in the electrolyte of high ionic 
strength (Fig. 3). 

In conclusion it may be stated that chemical, mech- 
anical and electrochemical stability of an «-PbO,(Ti) 
electrode is as good as that of a 8-PbO,(Ti) electrode. 


Fig. 3. Instantaneous current efficiency 
for anodic chlorate oxidation dunng 
continuous electrolysis of a solution of 
sodium chlorate (initial concentration 
6.5M; concentration at the end of elec- 
trolysis 1M) at 60 + 2°C, pH6.5 + 0.2 
and anode current density 0.5Acm~? 
on (1) a-PbO,(Ti) electrode and (2) 
B-PbO,(Ti) electrode. 
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Additional advantages in using an a-PbO,(Ti) elec- 
trode are increased current efficiency and-decreased 
overpotential for anodic oxidation of chlorate ion to 
perchlorate ion. 
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Preparation, Properties and Application of the Lead Peroxide Electrode 
Manufactured by a New Method 


By Kiichiro SUGINO 


(Received December 19, 1949) 


This contribution is the abstract of our pa- 
pers on “Preparation, Properties and Application 
of the Electrodeposited Lead Peroxide Anode, 
Part 2-13” already published in Japanese in 
the Journal of the Hlectrochemical Society of 
Japan, (Part 2, 8, 7, 10, 11, 12), the Journal 
of the Chemical Society of Japan (Part 6, 7, 8) 
and the Journal of the Society of Chemical 
Industry, Japan (Part 4, 5, 18). 

Our lend peroxide electrode newly prepared 
consists entirely of pure lead peroxide PbO, and 
has the shape of a rectangular piece or of a hol- 
low cylinder with a bottom. It can be used as an 
insoluble anode for the electrolysis of aqueous 
solutions containing such anions as Cl~, Br, 
I-, F-, ClO-, ClO;-, ClO,-, SO.-~, NOs7, 
CO;~~, C,H30,~, etc. It has a high oxygen 
overvoltage comparable to that of platinum. 
So it can also be used as an anode for elec- 
trolytic oxidation in place of platinum. 
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layer could be deposited electrolytically from 
neutral lead nitrate solution upon the inner 
surface of iron or nickel cylinder which acts 
as anode. An example of the electrolysis was 
as follows:  electrolyte—24.1% lead nitrate 
solution ; anode—iron cylinder with surface 
polished inside, length 1,000 mm., inside diame- 
ter 252mm., thickness 9mm., weight 60kg., 
available surface area 78.85 dm*.; cathode— 
copper rod (diameter 45mm.); mean current 
—549 amp.; anodic current density (D4)—6.96 
amp./dm*.; voltage—10.7 v.; temp.—79.7° ; 
flow velocity of electrolyte—121./min.; dura- 
tion of electrolysis-—47 hrs. 

During the electrolysis, pH of the electrolyte 
and the concentration of Pb*++ must be main- 
tained as constant as possible by running the 
electrolyte at constant velocity and neutralizing 
the increasing acidity by Pb(OH),. The ap- 
paratus is shown in Fig. 1. 


Electrolyte 


Ko) 


Fig. 1.—1, Iron cylinder; 2, lead peroxide layer deposited; 3, neutralization tank; 4, heating tank. 


1 
Preparation of the Lead Peroxide 
Electrode 


Two different methods were established by 
the authors. 
(a) Methed 1.°>—Compact lead peroxide 


() K, Sugino, K. Kawamichi, T. Osuga and 8. 
Kitahara, Part 9 of this series (unpublished). A 


In an example, the lead peroxide deposited 
was 8-10 mm. thick. At first, two cylinders of 
300mm. in length were cut from the mother 
cylinder, then by cutting the iron part of the 
cylinder lengthwise, a lead peroxide cylinder 
of suitable strength and compactness as well as 
of @ smooth outer surface was obtained (dia., 


part of this research was reported in Part 2 of 
this series, . 
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250mm.; length, 300mm.). The lead peroxide 
cylinder was then separated into sixteen parts 
by cutting it again lengthwise. One part of the 
lead peroxide thus obtained has the shape of 
a rectangular piece shown in Fig. 2. Its di- 


Fig. 2. 


‘mensions are as follows: length—800 mm. x 45 
mm.; thickness—8~10 mm. 

(b) Method 2.—If the outer surface of 
the metal cylinder was used as anode in 
the above method, the deposition of lead 
peroxide was very brittle and easily breakable 
due to the difference of expansion coefficient 
between the metal and the oxide. It proved 
later, however, that a compact and strong 
layer could be obtained by a similar method 
to (1) even on the outer surface of cylin- 
drical anode if a soft and non-metallic 
conducter was used as anode surface of electro- 
deposition under suitable conditions. 

For example, compact lead peroxide layer 
was deposited from the neutral lead nitrate 
solution to a considerable thickness on the 
outer surface of a rotating rod whose surface 
was consisted of paraffine-graphite mixture. 
The electrolytic apparatus is shown in Fig. 3. 

By taking out the rod by a suitable method, 


PCO, 
Fig. 3—1, Paraffine-graphite mixture; 
2, lead peroxide deposited. 


@) XK, Sugino and Y. Shibazaki, J. Electrochem. 
Soc. Japan, 16, 9, 10 (1948), (Part 10, 11). 
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a hollow cylinder ofjleadgperoxide 
with sufficient strength and com- 
pactness was obtained. It has 
the same shape as the magnetite 
anode commonly used as is shown 
in Fig. 4. 

It can be therefore readily 
used for the electrolytic bath for 
chlorate. An example of the 
electrodeposition was as follows. 
Conditions of electrodeposition: 
electrolyte—Pb(NOs), 880~380g. 
/1., Cu(NOs3), 10~80 g./1., NaClO, 
60~80g./1.; Da—Zamp./dm?.; vol- 
tage—5~6 v.; temp.—27~81°, 
acidity —0.01~0.08 N.; neutraliza- 
tion reagent—PbCO; (electrolyte 
is not flowed); duration of elec- 
trolysis— 28 hrs.; lead peroxide electrode ob- 
tained: Jength—550mm.; thickness—6.5mm.; 
diameter (outer)—54 mm.; diameter (inner)— 
41mm.; weight—4.8 kg. 


Fig. 4. 


Application of the Lead Peroxide 
Electrode 


A. As an Insoluble Anode 


Electrolytic Production of Potassium 
Chlorate.“—From the standpoints of conduc-, 
tivity and durability, our lead peroxide elec- 
trode appears to be superior to graphite or 
magnetite as anode material for chlorate pro- 
duction. This electrode is a good conductor 
carrying the current of above 20 amperes per 
square decimeter of the surface. In addition, 
it is almost perfectly insoluble, practically no 
decrease of weight being perceptible during the 
course of electrolysis of sodium chloride solu- 
tion. Our experiments showed that this elec- 
trode was a most suitable materia] as anode 
for chlorate production. An example of the 
preparation of potassium chlorate was as fol- 
Jows. Conditions of electrolysis: cathode— 
Fe; electrolyte—KCl 32 g./100 ce. solution, 0.2 
g. Na,Cr,07 added, slightly acidified with HCl 
during the electrolysis; D4—20amp./dm?.; 
voltage—8.8~4.0 v.;  temp.—60~80°. After 
88.0 amp. hr. was passed, 20.85g. of KCIO; 
(crystal obtained at 15°, 19.02 g.) was formed. 
Current efficiency, 81%. KC10, was not pro- 
duced at all. 


B. As Anodes for the Electrolytic 
Oxidation 
(a) Electrolytic Preduction of Sodium 


(3) K. Sugino and M. Yamashita, J. Hlectro- 
chem. Soc, Japan, 16, 123 (1948), (Part 12). 
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Perchlorate.“’—Since the oxygen overvoltage 
of lead peroxide is thought to be comparable 
to that of platinum, it is easily conceivable 
that it can be used for the electrolytic oxi- 
dation of sodium chlorate. So far, however, the 
lead peroxide anode formerly used has been a 
thin film electrolytically formed on the surface 
of a lead plate and proved to be useless for 
perchlorate production as the lead dissolves 
readily. But our lead peroxide electrode was 
found to be perfectly insoluble when it was 
used for the same purpose. So the authors have 
carried out fundamental and semicommercial 
experimenta for the electrolytic preparation of 
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direct process for the electrolytic production of 
sodium perchlorate. By the use of our lead 
peroxide anode, it is easily conceivable that 
the electrolytic preparation of sodium perchlor- 
ate is performed by a single electrolysis of 
sodium chloride solution. The results showed 
that with a current efficiency of about 60%, 
almost pure sodium perchlorate (purity being 
above 99.4-99.9 %) was easily obtained directly 
from sodium chloride. The conditions of elec- 
trolysis were as follows: electrolyte—saturat- 
ed sodium chloride solution; anodic current 
density (D4)—15~20 amp./dm?.; temp.—Cl—- 
C103 60~65° (initial stage of electrolysis), ClOs 


sodinm perchlorate with this anode. Main -—»Cl0, 80~85° (final stage of electrolysis). 
results obtained are shown in Table 1. Main resylts obtained are shown in Table 2. 
Table L 
Cathodic Reaction 
Current Mean 
Expt. current NaF, Temp., percentage Current 
No. Cathode density, g./l. Pane voltage, °C, NaClO, + efficiency, % 
amp./dm?. Mp./ ts ¥: NaClO,, % 
ce 20 0 80 4.4 29~30 99.91 40.9 
2 Ua a 2 , 4.5 a 99.60 82.9 
3 a Ud 2.5 a 4.8 35 98.40 81.8 
4 a 26 2 55 5.1 d0~52 99.53 72,2 


Electrolyte: Saturated sodium chlorate solution (20°), Anodic current density (D4): 20amp./dm?, 


Table 2 
: Current, After electrolysis Reaction 
Quantit: Vv . ; Current 
oltage. quantity ee ~ ercentage. + 

Cathode of NaCl Oy.” consumed, NaCl, NaCl0,, NaClOy €10,+Ci0, ee 

» & amp. hr. g. g. g. % a 

18-8 stain- = , 2 

lees steel 40 3.9~5.5 250.5 0 0.0218 83.77 99.97 58.5 

g a 3.9~5.4 237 0 0.0352 83.75 99.95 61.9 

a a 3.9~5.3 222.5 0 0.3600 83.38 99.51 65.9 

Or plating iron ” 4.0~5.5 231 0 0.4610 = 83.26 99.37 63.4 
As is clear from the table, an addition of 2 As the two different electrolytic processes 


g./1. of sodium fluoride was found to have a 
very marked effect in increasing the current 
efficiency. Thus, in Expts. 2 and 3, the result is 
about the same as the case of platinum anode. 
Expt. 4 was a semi-commercial experiment, using 
600 ampere cell. With a current efficiency of 
72%, the reaction proceeded to 99.5%. 

(b) Direct Electrolytic Production of So- 
dium Perchlorate from Sodium Chloride. 
—The authors established a new simple and 


(4) K, Sugino and M, Yamashita, J. Electro- 
chem, Soc, Japan, 16, 61 (1947), (Part 3). S. Kita- 
hara and T. Osuga, J. Electrochem. Soc. Japan, 10, 
409 (1942), (Part 2). A part of this research was 
reported in the earliest paper of this series: Y. 
Kato, K. Sugino, K. Koizumi and S§. Kitahara, 
sieiesecleneat Journal, Japan, 6,45 (1941), (in En- 
glish). ; 


(5) Reference (4), (Part 3). 


(Cl > ClOs, ClO; —» ClO4) seemed to take place 
successively, a small amount of hydrochloric 
acid was added from time to time during the 
primary stage in order to maintain the electro- 
lyte slightly acidic, and when the chlorate forma- 
tion was almost completed, a small amount 
(2 g./1.) of sodium fluoride was added at a time 
for increasing the current efficiency of electro- 
lytic oxidation. 

(ec) Electrolytic Preparation of Ammo- 
nium Persulfate® (Hydrogen Peroxide).— 

(6) K. Sugino, J. Mizuguchi, M. Yamashita 
and K. Odo, J. Soc. Chem. Ind. Japan, W, 34, 36 
(1948), (Part 4, 5). K. Sugino, J. Mizuguchi and 
M. Yamashita, J. Chem. Soc. Japan, 87, 108 (1946), 
(Part 6). K. Sugino and M, Yamashita, J. Chem. 
Soc. Japan, 87, 110 (1946); J. Electrochem. Soc. 
Japan, 18, 120 (1948), (Part 7). K. Odo, J. Chem. 
Soc. Japan, 67, 129 (1948), (Part 8). 
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Electrolytic preparation of ammonium per- 
sulfate has also only been successfully accom- 
plished by the use of platinum anode. Trials 
of electrolytic formation of persulfate by the 
anodes other than platinum (PbO. Mn0O,, Fe;0,, 
graphite etc.) were already undertaken in vain 
by a few authors.” The authors have there- 
fore tried the application of our new lead pe- 
roxide electrode for this purpose. 

Preliminary experiments have been conducted 
in the same conditions as in the case of 
platinum anode. The conditions of electrolysis 
were as follows: cathode—Pb; anolyte and 
catholyte—a mixture of 28% (NH,).SO, and 
80% H,SO,; Da—50 amp./dm*.; porcelain 
diaphragm was used; addition agent—none. 

Though the formation cf ammonium persul- 
fate was definitely observed in each experiment, 
it? Maximum concentration in anolyte never 
exceed 2-3 %, which was followed by a gradual 
decrease by the prolonged electrolysis, the total 
current efficiency being also only a few percent 
as already reported by another author.“) Upon 
examining the electrolytic conditions specially 
suited for lead peroxide anode, the following 
ones were found as such: 


(1) Lowering of the anodic current density 
to about 10 amp./dm*, 
(2) Selection of a suitable composition of 


electrolyte: 10~20% gulfuric acid solu- 

tion saturated with ammonium sulfate. 

(8) Addition of hydrofluoric acid to anolyte: 

10~—60 g./1. 

(4) Increase of current concentration, if de- 
sired. 

The addition of 50~60 g./l. of hydrofluoric 
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the industrial preparation of aramonium per- 
sulfate. 

Furthermore, the plan of the flow dingram 
of the new process of the preparation of con- 
centrated hydrogen peroxide by this electrolytic 
method was established and a semi-commercial 
experiment has been conducted and completed 
successfully by Assist. Prof. J. Mizuguchi. But 
the results are omitted in this paper. 


Oxygen Overvoliage of Lead Peroxide 
Anode in Sulfuric Acid and its 
Variation in the Presence 
of HEY 


Oxygen overvoltage of lead peroxide anode 
in sulfuric acid solution (1N and 30%) was 
measured at various current densities by the 
direct method and the values obtained were 
compared with that of the smooth platinum 
ancde.1%") The oxygen overvoltage of lead 
peroxide was found to be somewhat lower than 
that of platinum at a definite current density 
(for example, 0.16 v. lower at lamp./dm*.). 
The overvoliage (zv¥) is shown in Fig. 5 
against the logarithm of the anodic current 
density (Da). 

The variation of overvoltage with current 
density could also be expressed by the usual 
equation, 


wz =ar+d lg I 
(from 10 milliamp./dm‘*. to Lamp./dm%.), 


and the value of 6 of lead peroxide and 
platinum was found to be 0.18 and 0.18 respec 
tively at ordinary temperatures. The inferiority 


Table 3 
9 = mas o 

ee a 82 a oe < PS2aq SA wy BO Beg BBs 

mw of Be ~ a Bag Ow 3 og so of fo &¢ Omen 

an @h - B Po Tam a= Temp, Zhe =§; aR ite 4 ene 

od sh ae gb +@6 so 8 og Sor &s” oy.5 2a aes 

e *a $2 Po §BRo “RS ’ eee <'" eau" as $49 

82 37 FE eG a BS RO PESOS mas 
I 100 4 40 10 5,0-3.4 30 6 15.92 16.58 62.3 4.76 =» 4.33 
2 150 3 20 il 4.6-4.8 28-29 3 23.76 17.80 62.0 4.81 + 4.60 
3 800 3 10 IL 4.7-4.9 30-32 18 48.62 17.08 63.5 4.61 -» 4.72 


Oathode—Pb; anolyte—98% H,SO, 10 g./100ce., (NHy)250, 58 g./100cce., HF 5~6 g./100ce.; 
catholyte—saturated ammonium sulfate solution, Porcelain diaphragm was used. 


acid to anolyte was of a specially marked effect: 
about 20% ammonium persulfate solution could 
be obtained with a current efficiency of about 
60% as is seen from Table 8. This result of- 
fers a possibility of the use of this anode for 


(7) Skirrow and Stein, Trana, 4m, Electrochem. 
Soc, 88, 209 (1920), 
®) EK. Matsuda, This Bulletin, 2, 331 (19387). 


(9) K. Sugino, T. Tomoneri and M, Takahashi, 
J, Soc, Chem, Ind. Japan, 68, 75 (1949), (Part 13). 

(10) Oxygen overvoltage at platinum anode has 
been found to be higher than that at lead per- 
oxide anode by several investigators, (ior example, 
E. Miller, 2 Elektrochem., 10 61 (1904). 

(11) A few authors recorded a higher value of 
overvoltage of lead peroxide than that of platinum 
(E, Maller, Z. Hiektrochem., 11, 865 (1905); Tautusi, 
Bull. Hlectrotech, Lab. Japan, 6, 91 (1942)). 
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Overvoltage x%, v. 


0.5 n 


1.0 2.0 3.0 4.0 5.0 
log D4 xX 10-9 amp./em?, 

Fig. 5.—Overvoltage of lead peroxide and 
platinum in H,SO,U..4) at 30°C.: Curve 1, 
PbO, Curve 2, Pt.: at Ds=1 milliamp./cm2. 
PbO, 0.86 v., Pt 0,99 v.; at By=10 milliamp,/ 
em*, PbO, LOOv., pt LI6v. 


of the current efficiency of electorolytic oxi- 
dation process at lead peroxide anode may be 
due mostly to the above difference of overvol- 
tage at definite current density. 

The variation of overvoltage of lead peroxide 
due to the addition of various amount of 
hydrofluoric acid was also measured.‘?) The 
result obtained is shown in Fig. 6. 

It was found that the overvoltage increased 
in a linear manner with the logarithm of the 
concentration of hydrofluoric acid added. This 
relation may be expressed by the following 
equation. 


vw = 1.10 + 0.04 log Cire (mol./1.) at 
lamp./dm?. (Cyr =0.05~5 mol./1.) 


The study of the rate at which the potential 
of the anode falls after the polarising current 
being switched off has been also made by the 
authors using a modified Bearth circuit, and 
it was found that the plot of the potential 
against the logarithm of the time was a 
straight line and the discontinuity could not be 
found in that curve on the contrary of Isgaris- 
chew’s observation. 

In conclusion, the author wishes to express 
his sincere thanks to Dr. Y. Kato, a professor 
emeritus of Tokyo Institute of Technology, 
for his kind advice and encouragement in the 
initial stage of this research. The author also 
extends his thanks to the Nippon Carbide 
Industries Company Inc. and Mr. Okumura, 
President of the said company, for the conve- 
niences and funds furnished to this research, 
and to Mr, K. Kawamichi, Director of the 
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(A) 


Overvoliage x¥ 


we 
> 


0.0 1.0 2.0 3.0 4.0 
log Dax 10-8 amp./cm?, 
Curve 1, 10¢. HF; Curve 2, lg. HE, 
Curve 3, 0.l1g. HF; Curve 4, without AF. 


(B) 


1.2 


_ 
_ 


Overvoltage ri‘, v. 
5 
oS 
oO 


0.1 1.0 10 
logys Cur g./100 ec, 

Curve 1, 10x 10—*amp./em”.; Curve 2, 5x 
10-5 amp./em%; Curve 3, 2x10-3amp./em?; 
Curve 4, 1x 1L0-"amp,/em?. 

Fig. 6,—The variation of overvoltage of lead 


oxide anode in H,80,(1.4)} due to the addi- 
tion of yarious amount of HF. 


same company, for his kindness and collabora- 
tion for the industrial production of this 
electrode. Thanks are also due to his col- 
laborators, specially to Mr. T. Osuga of the 
game company, Assist. Prof. J. Mizuguchi and 
Mr. M. Yemashita of Tokyo Institute of 
Technology, Prof. Dr. T. Tomonari and Assist. 
Prof. Y. Shibazaki of the Yokohama Institute 
of Technology who gave earnest and valuable 
assistance and collaboration in the investi- 
gations. A part of the cost of this study 
was defrayed from the Scientific Research 


(12) It has already been noted that the pre- 
sence of fluoride ion in the electrolyte increases 
anodic overvoltage (E. Mauer, Z. anorg. Chem., 
48, 112 (1908); Z Elektrochem., 13, 257 (1907); N. 
Isgarischew, Z. Elektrochem., 8), 188 (1924)). 
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Expenditure Grant from the Ministry of 
Education as well as from the funds of the 
Nippon Match Industrial Co., Ltd., to which 
thanks are due. 
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Military requirements and development work by 
he rocket industry looking toward a smokeless 
propellant with improved performance have led to 
greatly increased demand for ammonium 
perchlorate. This article describes an existing 
large-scale modern plant for its production, 
including details of the process, instrumentation, 
and operating variables. Preliminary experimental 
work on solubility, safety considerations, and 


large-scale 
continuous 
production of 


ith the advent of World War II, 
military interest in rocket power 


double-base and composite propellants. 
otassium perchlorate was utilized as a 

solid oxidizer in composite propellants. 
his oxidizer created a smoke 


HISTORY 


he steady increase in the con- 
sumption of ammonium perchlorate 
in rockets is indicative of its 
advantages as a solid oxidizer in 
eheebecn a Ammonium 
as been used as a solid 


ammonium perchlorate with eacs 
o make explosives. He was granted a 
British patent in 1897 (4). It was the 
use of ammonium 
as an explosive that 
attention this 
Numerous use_ patents! 
have been filed since this early 
repored 
) 


potential 


reported in Germany in 1901 (9). 
number of inventors (2, 3, 5, 6, 12), 


patents deal with the reactions of 
ammonium chloride ammonium 


ammonia 
drochloric acid and sodium per- 
lorate. It is interesting to note that 
his is the only process patent issued 
during the 33-year period between 


materials of construction is also discussed. 


AMMONIUM PERCHLORATE 


problem, thus disclosing launching 
sites and presenting a serious problem 
or jet-assisted take-off (JATO) from 
aircraft carriers. 
Development work by the rocket 
industry indicated that by substituting 
ammonium for potassium perchlorate 
he smoke problem could be eliminated 
ith improved performance. Improved 
performance with ammonium _per- 
hlorate resulted from the generation of 
a greater volume of gas and from the 
lower average molecular weight of the 
exhaust products. 


he propellant industry required 
material. Western Electrochemical 
Company started production of 


ammonium perchlorate on a very 
limited scale in 1943. Vick Chemical 
Company built a plant in 1943 at 
Greensboro, North Carolina, and 
Electric Reduction Company of Canada) 
as in production during World War 
I. In 1948, Western Electrochemical 
Company built a pilot plant at 
Henderson, Nevada. 

he large-scale production of a highly 
purified product of uniform particle 
size to give predictable and 
ontrollable burning characteristics was 
essential to the continued development 
of composite propellants; this was the 
problem presented to the perchlorate 
industry. Therefore, development work 
had to proceed simultaneously with 
production even though the methods of 
manufacture left much to be desired. 
Chemical engineering studies indicated 
he need for new information. 

n April, 1951, Western Electro- 
hemical Company, acting as prime 
ontractor for the Government, initiated 
a program leading to the design and 
onstruction of an ammonium 
perchlorate plant with a capacity many 
imes greater than any previous plant. 
Some descriptive material was 
presented on this installation in 1955 


Chemistry 
The previously cited patents {2, 3, 5, 6, 
12) all covered the reactions of an 
ammonium salt with sodium _per- 
chlorate and the methods of separating 
he ammonium perchlorate and sodium 
salt formed. These salts react readily 
ith sodium perchlorate in solution. 
Using the chloride as an example, the 
reaction may _ be _ represented 
stoichiometrically as follows: 
NaClO4 + NH4C1-»NH,4ClO,4 + NaCl 
(1) 
This was the reaction utilized prior to 
he contemplated large-scale produc- 
ion in 1951. The choice of this par- 
icular salt to contribute the ammon- 
jum ion is based on the problem of 
separating the reaction products. It 
soon became apparent that ammonium 
chloride and sodium perchlorate were 
not available in sufficient quantity; 
new capacity, would have to be built 
o supply--iliese raw materials. The 
supply of sodium perchlorate was 
assured through the expansion of the 
sodium chlorate-sodium perchlorate 
electrochemical facilities at Hender- 
son, Nevada. The production of am- 
monium chloride, per se, was elimi- 
nated by utilizing the following chemi- 
cal reaction: 
NH3 + HCl + NaCl0,4 -> NH4C10, + 
NaCl (2) 
It is this reaction that is the basis of the 
present commercial production of 
ammonium perchlorate (13). 
Mutual Solubility 
Since relatively pure ammonium 
perchlorate product was desired, some 
data on the separation of the reaction 
products were necessary. The mutual 
solubility of ammonium perchlorate 
and sodium chloride was determined. 
These data are presented in Figure 1. 
An examination of Figure 1 indicates 
hat the variation of the solubility of 


system is somewhat less than that of the 
salt by itself and varies only slightly 
ith temperature. The solubility of am- 
monium perchlorate, of course, is tem- 
perature dependent. Therefore, a crop o 
ammonium perchlorate crystals can be 
obtained by cooling. After these crystals 
are removed, the mother liquor can be 
evaporated at an elevated temperature 
and a stoichiometric amount of sodium 
hloride crystallized. Evaporation of the 
mother liquor to remove sodium 
hloride increases the concentration o 
ammonium perchlorate in the mother 
liquor. This concentrated liquor can be 
recycled to complete the continuous 
reaction and crystallization process. 
Safety 
A re-evaluation of the hazards involved 
in the manufacture, storage, and 
ransportation of ammonium perchlorate 
as a necessary part of the design o 
his large production unit. It was known 
hat ammonium perchlorate presented a 
ire and explosive hazard and was 
susceptible to ignition or detonation b 
impact or by thermal shock (8), but an 
examination of the literature indicated 
hat not all investigators were in 
agreement as to the properties o 
ammonium perchlorate. Consequently, a 
limited amount of experimental work 
as performed on the sensitivity, 
hermal decomposition, , and impact 
sensitivity. 
"Minimum primer sensitive" tests were 
conducted utilizing an apparatus 
described by Cook and Talbot (7) which 
hey used to determine the sensitivity o 
nitrate-hydrocarbon 
mixtures. A similar test, known as the 
"Small Lead Cylinder Test," is used b 
he U. S. Bureau of Mines (8). 
solid lead cylinder V/i in. in diam. 
and 3 in. high was supported on a rigid 
steel support. A steel plate 3 in. X 3 in. 


‘A in. was centered on top of tha lead 
ylinder. A cylindrical cardboard cart- 
ridge, V/t in. in diam. and 4 in. high, 
illed loosely with ammonium 
perchlorate and containing electric 
detonators of various strengths, was 
placed on the in. 


(1). This article deals with some of the 

ore technical aspects of designing a 
arge-scale plant for the production of 
mmonium perchlorate. 


steel plate and detonated. The brisance 
effect was indicated by the degree to 
hich the lead cylinder was depressed. 
he sensitivity was determined by the 
size of the detonator required to 
initiate an explosion. 
he effect of increasing moisture 
ontent on sensitivity is presented in 
able 1 and visually in Figure 2. 
Cylinder No. 32 is the standard. Cyl- 
inder No. 4 illustrates the effect pro- 
duced when the equivalent of 10 grams 
of mercury fulminate is detonated in 
potassium chloride. Cylinders 6, 7, and 
13 represent depression when detonat- 
ing ammonium perchlorate containing 
0.02, 1.0, and 6.0 wt. per cent mois- 
ure, respectively. Cylinders No. 7, 8, 
12, and 13 indicate no significant de- 
pression when compared to the stand- 
ard detonator and the dry material. 
hese detonation experiments, along 
ith the thermal decomposition and 
impact sensitivity tests, led to forma- 
ion of the following guiding principles 


1. The impact sensitivity of high purity 


am 
comparable to that of most high 
explosives. 
2. Metallic contamination increases the 
sen 
perchlorate (i.e., certain metallic 
perchlorates are extremely 
sensitive). 
3. Ammonium perchlorate is thermally 
stable below 150° C. 

. Contact of organic material with 
am 
constitutes a fire and explosive 
hazard. 
5. The handling of solutions and wet 
solid ammonium perchlorate is not 
hazardous, but the drying processes 
present predominantly a fire, and 
possibly an explosive, hazard. 

hese principles were incorporated 
into the design of the plant. The 
handling and drying of the solid prod- 
ct were placed in two isolated units 
ith duplicate equipment. The drying 
buildings contained a complete auto- 
matic deluge system and were sepa- 
rated according to specified quantity- 
distance tables. 

revious experience during pilot plant 
operations had indicated the type of 
packing and lubrication that would 


sodium chloride with temperature in 
his 


give safe operation. Wet dust collec- 
ion systems and the selection o 
equipment that would give a minimum 
of dusting were added safety features 
incorporated into the design. 
Considerable research was done on the 
effect of feed stream impurities on the 
safety of the reaction. 

aterials of Construction 
Simultaneously with the researches o 
mutual solubility and safety, a cor- 
rosion testing program was initiated. 
he results of a number of total im- 
mersion tests are given in Table 2. On 
he basis of these tests and experience, 
he materials of construction were 
hosen. All welded piping and medium 
size vessels were to be 347 stainless. 

en delivery of large equipment was 
a problem because of the 347 stainless, 

compromise was made _ on heat- 
reated 316 stainless. The sections o 
he plant that would be in contact with 
excess hydrochloric acid were 
onstructed of glass lined steel or 
Hastelloy C. 


A simplified flow diagram of the plant 
is presented in Figure 3. The process is 
haracterized by four steps:. 
1. Reaction of ammonia, hydrochloric 
acid, and sodium perchlorate. 
2. Fractional crystallization o 
ammonium perchlorate. 
3. Centrifugation of the ammonium 
perchlorate. 

Fractional crystallization of by- 
product sodium chloride. 
5. Drying, blending, and packaging o 
ammonium perchlorate. 
Substantially all water entering the 
system must be removed from the 
sodium chloride crystallize; however, 
sufficient water must be present orig- 
inally in the ammonium perchlorate 
rystallizer to prevent the crystalliza- 
ion of any sodium chloride. There 
must be good control over the water 
entering the system; this is accom- 
plished at the heart of the process, 
namely, the reactor system. 


Table 2.—Corrosion Rales (80° C.) 


Corrosion rate (80° C.) 


Table 5 Typical Size 
Typical Typical lots Distribution 


product | retained) 
specification 


N 
ico) 
nD 


pi [es 
w 
[e-) 


Aluminium 
* Rate at 60° C. in saturated NH4CI0, + NaCl 
solution 


Reactor System 


The reactor system consists of two stages operated continuously and controlled automatically. The first stage consists of a 1,000-gal. glass 
lined reactor while the second stage consists of a 750-gal. glass" lined reactor. This reactor system contained a large part of the 
instrumentation in the plant. A simplified instrumentation diagram is . presented in Figure 4. 


All feed streams are ratio controlled. ! The discharge from the first stage reactor is continuously monitored for pH. The pH controller on this 
stream resets the controller on the hydrochloric acid stream; this it can do only within narrow limits, since this controller is on ratio control. 
The discharge from the second stage reactor is also on pH control with a secondary ammonia stream being fed into this vessel. If the pH drops 
too low, all the feed streams to the reactor are stopped, the feed to the crystallizer is stopped, and the reactor charge is automatically recycled 
until the pH is corrected manually or auto-matically. The temperature of the reactors is controlled at 90°C by mixing steam and water in the 
vessel-jackets. All controllers have high and low alarms which are audible and visible. The instruments are grouped into a console control 
panel and the whole reaction system, along with the crystallizers, is under "push button" control at this point. 


AMMONIUM PERCHLORATE CRYSTALLIZER 


Since the reactor system is a constant volume 'system, the feed rate to the ammonium perchlorate crystallizer is constant. This stainless steel 
crys-tallizer is operated continuously, cooling the reactor effluent from 90° C. to 35° C. by vacuum evaporative cooling. The feed liquor is 
mixed continuously with a large amount of circulating mother liquor and the resulting mixture is passed into a vaporizer, where the solution 
supersaturates. The solution then flows upward through a dense bed of crystals, relieving its supersaturation on the crystal suspension. A slurry 
containing the desired size distribution is removed continuously. 


AMMONIUM PERCHLORATE CENTRIFUGATION 


The slurry is fed to a centrifuge . where mother liquor is removed continuously and the crystals are washed. The washed crystals are 
discharged directly into a tank of saturated ammonium perchlorate solution. This saturated solution serves to reduce the chloride concentration 
of the solids and as a transfer medium for the ammonium perchlorate to the drying operation located some distance away. The wash water, 
mother liquor, and crystallizer overflow are collected together and pumped to the sodium chloride crystallizer. 


SODIUM CHLORIDE CRYSTALLIZER 


Concentration of the mother liquor, which is depleted in ammonium perchlorate, is accomplished in a vacuum evaporator with an external heat 
exchanger. This crystallizer works on the same principle as the ammonium perchlorate crystallizer; however, no attention is paid to particle 
size other than to secure a particle size that will centrifuge and wash easily. The sodium chloride slurry from the crystallizer is also fed 
continuously to a centrifuge. 


SODIUM CHLORIDE CENTRIFUGE 


The solids discharged from this centrifuge can be recovered as a solid or dissolved and pumped to waste. At present the solids are dissolved. The 
wash water and mother liquor from the centrifuge are mixed in a surge tank with the crystallizer overflow. The solution from this surge tank- 
is rich in perchlorate and consequently is pumped to the reactor system as recycle. Loss of mother liquor with the sodium chloride solids 
discharged at this point can lower the over-all chemical efficiency. The washed sodium chloride discharged from the continuous centrifuge 
averages better than 99.0 per cent pure. 


Operating Variables 


Since a recycle stream rich in chloride has been added, a certain water content or balance must be maintained to prevent any sodium chloride 
from separating out in the ammonium perchlorate crystallization. The quantity of water necessary is a function of the temperature of operation 
of the crystallizers, the mutual solubilities of the salts, the amount of water entering the whole plant cycle, and the composition and quantity of 
the recycle stream. 
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Fig. 6. Effect of sodium chloride crystollizer 
temperature on reactor thermodynamics. 
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Fig. 5. Effect of ammonium perchiorate crys- 
tallizer temperoture on recycle and evapora- 
tion loads. 
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Fig. 4. Reoctor instrumentation. 


TEMPERATURE LEVELS OF OPERATION 


Since all of the water entering the system must be evaporated, it is desirable to keep water additions to a minimum. If the crystallizer were 
cooled to a low temperature, the quantity of recycle saturated with chloride would be low; however, it would be necessary to add larger 
quantities of water to prevent crystallization of sodium chloride, since the solubility of the sodium chloride decreases slightly with temperature. 
Allowing the tempera ture of the ammonium perchlorate crystallizer to approach that of the sodium chloride crystallizer would increase the 
quantity of recycle appreciably. This larger stream would be saturated with sodium chloride and large quantities of water would be necessary 
to suppress its solubility. These considerations indicate that an optimum temperature for the ammonium perchlorate crystallizer in relation to 
the sodium chloride crystallizer may exist so that a minimum quantity of evaporation would be necessary. However, calculations indicate that 
this optimum is a function of the degree of saturation approached with respect to each unsaturated component in each crystallizer. If an exit 
composition of 34.0 g. NaCl/100 g. of water from the ammonium perchlorate crystallizer is set as a limit, and the exit stream from the sodium 
chloride crystallizer is to be undersaturated by the same amount with regard to ammonium perchlorate, the water evaporation curve is flat. 
Figure 5 illustrates the effect of the ammonium perchlorate crystallizer temperature on the recycle and evaporative loads. A temperature of 35° 
C. was selected for ammonium perchlorate crystallization, since this was the lowest temperature feasible without refrigeration. 


Table 3 illustrates the effect of the operating temperature of the sodium chloride crystallizer on the evaporation load and recycle loads. An 
examination of these data indicates that lowering the temperature of the salt crystallizer is not critical if the perchlorate crystallizer is 
maintained at a sufficiently low temperature, but that raising the temperature of the perchlorate crystallizer and lowering the temperature of the 
salt crystalizer simultaneously do increase the evaporation load and can increase the recycle load appreciably. Since the perchlorate crystallizer 
temperature is limited by cooling water conditions, the lower temperature level is fixed. Table 3 also indicates that the higher the temperature 
of operation of the sodium chloride crystallizer, the less water is to be evaporated and the less the amount of recycle; however, the corrosive 
nature of this solution places an upper temperature limitation on this unit operation. The original design was for a temperature of 80 C. Severe 
corrosion of the 316 heat exchanger on the sodium chloride crystallizer has necessitated the lowering of this temperature. 


REACTOR 

Since recycle is returned to the reactor (See Figure 3), the temperature and quantity of this recycle influence the reactor heat balance. The 
effect of the recycle on the reactor operating conditions is presented in Figure 6. An examination indicates that the exothermic heat of reaction 
liberated, combined with the recycle stream, maintains the reactor effluent above the saturation temperature. 


Startup 

The startup of the plant went smoothly, owing to considerable advance preparation and planning. All instruments were calibrated and put into 
operation prior to startup. All vessels, pumps, centrifuges, and crys-tallizers were also tested before startup. 

Product was discharged from the ammonium perchlorate centrifuge within three days after startup. This first product did not meet the 
specifications with regard to particle size, v but the operation of the full-scale continuous automatic reactor system was successfully 
demonstrated. Within several months, operating personnel had turned out product of the desired characteristics for solid propellant fuel. 


Characteristics of Product 

Since buming rates and stability are of prime importance to rocket engineers, the product specifications are very rigid with regard to chemical 
purity and particle size. Tables 4 and 5 present data illustrating the characteristics of the product consistently produced from this plant; these 
data are typical assays of some lots. Emphasis is placed on the 99.9 per cent purity and the extremely low moisture content. Product has also 
been made to meet other particle size specifications. 


Acknowledgment 

The complete development, design, and construction of this plant represent the combined efforts of a number of individuals. The authors 
appreciate the contributions made by the operating staff of American Potash & Chemical Corporation, and the permission of the Department of 
the Navy to publish this article on the installation which is part of the United States Naval Industrial Reserve. 


Literature Cited 

1. Anon., "Making a Hazardous Chemical: Ammonium Perchlorate," Chem. Engr., 62 (12) 334-337 (1955). 

2. Aanensen, D., Brit. Patent 121,727 (October 30, 1919). 

3. Alvisi, U., Ger. Patent 103,993 (June 10,1898). 

4. Carlson, O. F., Brit. Patent 10,362 (July 3, 1897). 

5. Carlson, O. F,, U. S. Patent 985,724 (February 28, 1911). 

6. Carlson, O. F., Swed. Patent 44,704 (September 25, 1916). 

7. Cook, M. A., and Talbot, Er L, Ind. & Engr. Chem., 43, 1098 (1951). 8.- Davis, T. L, "Chemistry of Powder and Explosives," New York. 
John Wiley & Sons, Inc. (1956). 

9. Kershaw, J. B., "Die Elecfrolytische Chloratindustrie," 29, 67-69 (1905). 

10. Kirk, R. E., and OJhmer, D. F., "Encyclopedia of Chemical Technology," New York, Interscience Encyclopedia, Inc. (1949). 
11. Longe, N.'A., "Handbook of Chemistry,"Sandusky Handbook Publishers, (1946). 

12. Long, R. A., U.S. Patent 1,453,984 (May 1, 1923). 

13. Schumacher, J. C, U. S. Patent 2,739,873 (March 27, 1956). 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


Chemical Engineering Progress Nov. 1961 


The manufacture of Perchlorates (I) 


A production revolution in solid propellants began shortly after World War II with the advent of composite 
propellants employing a plastic fuel binder and an inorganic perchlorate salt. Potassium perchlorate was the first 
salt used, but now ammonium perchlorate dominates the field as the oxidizer in high performance solid propellants. 
lithium perchlorate is theoretically superior to ammonium perchlorate in performance characteristics by virtue of its 
higher density, greater thermal stability, and higher available oxygen content, but it is still in the preliminary 
development stage in the solid propellant industry. 


Manufacture 


The four major domestic producers of perchlorates all employ the same basic manufacturing 
method. Sodium perchlorate, an intermediate perchlorate salt, is made exclusively by an 
electrochemical method—the anodic oxidation of sodium chlorate (1). The common industrial 
practice has been to produce the ammonium, potassium, or lithium salt by double decomposition, 
followed by separation of the reaction products by fractional crystallization. 


The following shows the general scheme of commercial preparation: 


Electrochemical Oxidation of Sodium Chlorate: 
NaC103 + H20 + 2 Faradays -» NaC104 +H2 
Double Decomposition: 

NaC104 + NH4C1 -» NH4C104 + NaCl 
NaC104 + KC1 -» KC104 +NaCl 

NaC104 + LiCl -» LiC104 + NaCl 


There are a number of other methods of manufacturing metal perchlorates; however, none has 
attained commercial status. A few of these Other preparative methods are: 


1. Thermal "self-oxidation" of chlorate (2). 2NaC103 -» NaC104 + NaCl + 02 

2. Direct chemical oxidation of sodium chlorate with persulfates, ozone, etc. (3). 

3. Reaction with strong mineralacids (4). H2S04 + 3NaC103 -» NaC104 + 2C102 + Na2S04 + 
H20 

4. Electrolytic production of perchloric acid (5). HC1 + 4H20 + 8 Faradays -» HC104 + 4H2 


The thermal "self-oxidation" method has not been adopted commercially because yields are low, 
by-products are difficult to separate, and the reaction is potentially explosive. 

Direct chemical oxidation has received some attention in the literature, but yields are low and 
reactant costs are too high to be competitive with the electrochemical method. 

Reaction of the chlorate with a strong mineral acid results in a theoretical yield of only 38.3 per 
cent. By absorbing the chlorine dioxide off-gas in caustic, the theoretical yield can be increased 
to 57.4 per cent. However, this increase is still not competitive with electrochemical oxidation. 
The fourth method, neutralization of perchloric acid with the base of the desired salt, is not 
economical since the price of perchloric acid is about twice as high as the present market price of 
ammonium perchlorate. It is frequently used in laboratory preparations of perchlorates because 
fractional crystallization is eliminated. 

Thus, the most significant reason for the popularity of the electrochemical method of perchlorate 
production is the economics of the process. The starting material, sodium chlorate, is also made 
electrochemically, resulting in an integrated process for chlorate and perchlorate production. 


Ammonium Perchlorate 


The double decomposition reaction previously shown indicates that the chloride salt of potassium 


and ammonium is used in the manufacture of ammonium perchlorate; however, the 
ammonium ion has 
been introduced in 
various processes in 
the form of the 
sulfate and nitrate 
salts as well. Both 
economic and 
technical factors 
enter into the 
selection of the 
ammonium salt. Of 
primary importance 
is the requirement 
for the fractional 
separation of a high 
purity product (6). 
Figure 1 shows the 
three-component 
Grams NH, 00, /100 grams HO system ammonium 
Figure 1. Solubility diagram of three-component system, ammonium perchlorate, | perchlorate, sodium 
sodium chloride, and water. chloride, and water 


which results from 
the reaction of sodium perchlorate and ammonium chloride. This system is well suited to 
fractional crystallization. To illustrate the fractional crystallization, a typical crystallization path 
is included in the solubility diagram (Figure 1). Starting at point "a" the aqueous solution of the 
reactant products, sodium chloride and ammonium perchlorate, is cooled, resulting in the 
crystallization of ammonium perchlorate. The mother liquor of a composition represented by 
point "b" is then evaporated to composition "a" If the evaporation is carried out under vacuum, 
sodium chloride crystallizes out of the mother liquor to a composition "d." Thus, a crop of 
sodium chloride crystals is removed proportional to the length of the line segment "cd." A small 
amount of water is added to the mother liquor to return to the starting composition "a"; re- 
actants are then added and the cycle is repeated. There is little danger of sodium chloride co- 
precipitating with ammonium perchlorate in this process because of the flat solubility isotherm of 
sodium chloride. 
Ammonium nitrate can also be used as a reactant to form the system ammonium perchlorate- 
sodium nitrate-water; however, sodium nitrate does not exhibit the temperature independency of 
sodium chloride so care must be taken to prevent the co-precipitation of sodium nitrate and 
ammonium perchlorate. Another disadvantage is that the nitrate ion is foreign to the reactant, 
sodium perchlorate, whereas the chloride ion may be present as an impurity in the sodium 
perchlorate feed. Economic considerations also support the selection of ammonium chloride in 
preference to the nitrate. Although sodium nitrate is a more valuable by-product than sodium 
chloride, a market which would accept the inevitable contamination with ammonium perchlorate 
would have to be located or developed. Sodium chloride, on the other hand, can be recycled to 
sodium chlorate cells. 
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Process flow system 


A simplified process flow diagram 
of the 50 ton per day ammonium 
perchlorate plant operated by 
American Potash & Chemical 
Corp. at Henderson, Nevada, is 
presented in Figure 2 (7). 
Anhydrous ammonia, hydrochloric 
acid, and an aqueous solution of 
sodium perchlorate are 


vibrating pon dryer 
No 
crystolkzer 


continuously ratioed to the reactor 
operating above the saturation 


NHG0, ; 
product temperature of ammonium 
Figure 2. Flow diagram of S50 ton per day ammonium perchlorate plant perchlorate. Reactor effluent feeds 


a continuous vacuum-cooled 
crystal-lizer. A slurry of ammonium perchlorate crystals from the crystallizer is centrifuged and 
washed, and the wet crystals are discharged to a reslurry tank. Mother liquor, along with the 
centrifuge wash tails, is then continuously concentrated in an evaporator to precipitate sodium 
chloride and maintain the water balance. Mother liquor from the evaporator, depleted in sodium 
chloride and ammonium per-chlorate, is then returned to the reactor to complete the cycle. The 
reslurried ammonium perchlorate crystals are pumped to the drying facilities and the crystals are 
centrifuged, washed, and flash-dried to a surface moisture content of less than 0.01 per cent. 
Before being packaged, the crystals are screened to remove any that are oversized or undersized 
and then blended. Rejects from the screens are returned with the centrifuge mother liquor to be 
recrystallized. 
Because the process is cyclic, impurities tend to build up. Therefore, a continuous blowdown 
stream is taken at the point in the process where the impurity concentration is at a maximum. 
Major impurities enter the plant via the sodium perchlorate feed to the reactor. This feed contains 
low concentrations of chlorate, chromate, sulfate, calcium, and magnesium ions. Calcium and 
magnesium salts and sulfate can be held to low build-up rates by extensive use of condensate for 
centrifuge wash and are removed periodically by soda ash and barium treatment. 
In practice it has been found that the sodium 
chlorate concentration in the ammonium 
perchlorate crystallizer must be held below 
two grams per liter to prevent exceeding the 
sodium chlorate specification in the finished 
product. This has been found true regardless of 
the extent of washing in the centrifuges 
because a small amount of chlorate is retained 
within the crystal. 
U. S. Patent No. 1,327,985, issued January 13, 
1920, explains that the addition of small 
quantities of sodium chlorate in amounts 
ranging from 0.005 to 1.0 per cent by weight 
makes ammonium perchlorate more sensitive 
to shock. If the moisture content increases for 
any reason, ammonium chlorate, an extremely 
0 ‘ unstable compound, is formed and the 
Sample temperature (°C) sensitivity is further increased. For this reason, 

F igure 3. A thermogram of pure am- | @™monium perchlorate-sodium chlorate 

monium perchlorate (A); ammonium | Compositions have not attained commercial 

perchlorate containing 0.06% sodium | acceptance as explosives. Thermal sensitivity 

chlorate (B); and 0.1% sodium chio- | The effect of chlorate on the thermal 

rate (C). sensitivity of ammonium perchlorate has been 

examined by DTA (differential thermal 

analysis). Curve A in Figure 3 shows a thermogram of pure ammonium perchlorate. It is 


characterized by an endotherm starting at 240°C corresponding to a phase change from 
orthorhombic to cubic, followed by a decomposition exotherm at 275°C during which 29 per 
cent of the ammonium perchlorate is de-composed. A second exotherm occurs at 475°C, during 
which all remaining ammonium perchlorate is decomposed. Curve B is a thermogram of 
ammonium perchlorate containing 0.06 per cent sodium chlorate. It is seen that the first exotherm 
is much more pronounced. At 0.1 per cent sodium chlorate (Curve C), the heat generated during 
the first decomposition step is sufficient to trigger the second decomposition step. 

Although calcium and magnesium, as chlorides or sulfates, do not appear to affect the stability of 
ammonium perchlorate, low concentrations of hy-drated and hygroscopic salts of calcium and 
magnesium are necessary to minimize caking. Pure ammonium perchlorate is not hygroscopic 
but, like many other crystalline products, will cake, causing processing problems for the 
propellant manufacturer. The caking tendency can be greatly reduced by the addition of an anti- 
caking agent, tricalcium phosphate. 
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The manufacture of Perchlorates (II) 


Discussion of equilibrium moisture content, crystallization operation, Potassium Perchlorate and Lithium 
Perchlorate 


A problem not usually encountered in other inorganic salts is that when ammonium perchlorate 
crystallizes out of an aqueous solution, it invariably contains a small amount of included moisture. 
This included water presents a drying problem because time must be allowed for some of the 
included water to reach the surface of the crystal. 


Equilibrium moisture content 


Figure 1 illustrates the time dependency of drying ammonium perchlorate. It is noted that the 
ultimate equilibrium moisture content is related to the initial total moisture content. 


TAblOueNiociure conlennor Iso, as would be expected, the rate of approach to 
Ammonium Perchlorate crystals. 


equilibrium is a function of the drying temperature. There is 
; ; ins considerable proof that the moisture content does not 

oe dae a ee approach an equilibrium surface moisture, but that the final 

+ 48 mesh {0.132% equilibrium is determined by the extent of included moisture. 

-48+150 mesh _ |l0.085% It would be expected that the moisture content is proportional 

-150 + 325 mesh _ |/0.064% 

Composite Sample//0.101% 


o the specific surface area of the crystals. This would 
certainly apply to a material which contained no internal 
oisture. However, ammonium perchlorate crystals show the 
opposite trend (Table 1). 


Caking, then, results not from storage in a high humidity environment, but from the slow release 
of moisture from the interior of the crystals. This could be reduced by prolonged drying before 
packaging, but this would necessitate handling large quantities of ammonium perchlorate at 
elevated temperatures, thereby increasing the hazards of the drying process. The solution to the 
problem is partially obtained by packing ammonium per-ehlorate with bags of desiccant to absorb 
the moisture as it is released. 


Table 2. Physical properties of perchlorates. .~ Soi 
AVAIL. SPECIFIC Denstry Decomp. Exxaust Propuctrs 
OXYGEN IMPULSE Cost (Ibs/ Temp. EXCLUSIVE OF 

MATERIAL (%) (lb-sec/Tb ) ($/Ib) ft) (°C) OxycEen CoMPoOuUNDS 


NH,C10, 54.7 . Over 200 0.80 122 275 N, and HCl 


KC10, 46.2 Under 200 0.15 157 510 .- Solid KCl 
LiCl0, 60.1 Approx. 250 Approx. 152 440 Solid LiCl 
1.25° 
° Developmental quantities. This cost would be substan 
tially reduced in the event of large scale production. 


Crystallization operation 


By far the most critical unit operation in the plant is the crystallization of ammonium per chlorate. 
Operating problems in centrifuging, drying, screening, and blending can usually be traced to 
improper control of the crystallizer. For example, a low bed density and low crystallizer 
circulation rate cause a fine crystal size distribution and, consequently, a high reject rate and 
overloaded downstream equipment. Propellant manufacturers desire firm, well-rounded, single 
crystals. 


% lolol moisture 
Time Drying temperature 
ae 


thours) 10% 5 
009} 0.09) 0o248 
oos ooT2 arlro 

0o78 ooOT2 O62 
OO76 oore OISsT 


Time (hours) 


Time dependency of drying ammonium per- 


igure 2. A photomicrograph of ammonium perchlorate 


Figure 2 is a photomicrograph of ammonium perchlorate crystals. The rounding is the result of 
mild attrition in the crystallizer; the fractured crystals are produced in centrifuging, drying, and 
blending. Careful selection of equipment is necessary to minimize crystal fracture. 
Unfortunately, ammonium perchlorate is a relatively fragile crystal and the drying step must 
reduce the moisture content to a very low value without agglomeration. Thus, some crystal 
fracture is tolerated to eliminate crystal agglomeration. 

Ammonium perchlorate is dimorphous; the transition between the two crystalline forms, 
orthorhombic and cubic, occurs at 240°C. Deflagration occurs at about 475°C with evolution of 
light. At higher temperatures, the decomposition is explosive. Although it would appear from 
these figures that ammonium perchlorate can be dried in complete safety with conventional 
equipment and with little regard for temperature, the thermal sensitivity is affected by small 
quantities of impurities. Also, the decomposition appears to be auto-catalytic so that 
decomposition products tend to accelerate the reaction. For these reasons, the dryer should have 
low hold-up and a temperature not exceeding 150°C. High velocities of dry air are used to 
compensate for these unfavorable drying conditions. 


Potassium Perchlorate 


Potassium perchlorate is also manufactured by the general double decomposition process. A few 

process modifications are necessary because of potassium perchlorate's physical and chemical 

properties. 
As indicated in Figure 3, the very low 
solubility of potassium perchlorate in 
aqueous solution permits almost complete 
recovery of perchlorate from the mother 
liquor by refrigeration to 0°C. In practice, 
potassium perchlorate is prepared by the 
addition of a hot, concentrated solution of 
chemical grade TRONA potassium chloride 
in slight excess to a sodium perchlorate 
solution. Crystallization is accomplished by 
batch cooling. The slurry is filtered and the 
cake washed to remove chlorides. The 
potassium perchlorate cake is discharged 
directed to a rotary driver where the total 
moisture content is reduced to less than 
0.05 per cent. The mother liquor containing 
chloride, perchlorate, chlorate, sodium, and 
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potassium ions is sent to an evaporator for 
sodium chloride removal and then used in 
subsequent batches for crystallizer feed 
make-up. Gradual impurity build-up 
necessitates discarding the mother liquor. Potassium perchlorate is more stable than ammonium 
perchlorate. Unless mixed with combustible substances, it does not tend to ignite or explode. 
Thus, potassium perchlorate may be dried at much higher temperatures. (Decomposition only 
becomes noticeable at 455°C.) 


Grams NoCt per 100 grams HO 


Figure 3. Solubility of potassiurn perchiorate in aqueous solutions. 


Lithium Perchlorate 


Lithium perchlorate has not yet been produced in quantities comparable to potassium perchlorate 
and ammonium perchlorate. A review of its physical properties (Table 2) indicates it is superior to 
both potassium perchlorate and ammonium perchlorate as a propellant oxidizer in many respects. 
Table 2 illustrates the superior performance characteristics of lithium perchlorate. On a weight 
basis, it has a higher oxygen content than ammonium perchlorate, yet lithium perchlorate is more 
stable. The favorable oxygen content, oxygen balance, and stability are all attractive features of 
the lithium sale A disadvantage of lithium perchlorate as an oxidizer is that most exhaust products 
are solids, as are potassium perchlorate exhaust products; thus, performance gains are almost 
wiped out. There are additional factors to consider. Lithium perchlorate is extremely hygroscopic 
and exists as a trihydrate at room temperature. Traces of moisture in propellant mixesare 
intolerable, since moisture affects the aging properties and results in gassing in propellants 
containing aluminum powders or a polyurethane binder. 

In the event propellant manufacturers solve 
their lithium perchlorate problems and shift 
their present emphasis on ammonium 
perchlorate to lithium perchlorate, the 
existing perchlorate plants can be converted 
with minor modifications. As indicated in 
Figure 4, by cooling from 80°C to 20° Ca 
crop of lithium perchlorate crystals would 
be obtained; then sodium chloride could be 
recovered by concentration, as in the 
ammonium perchlorate process. 


Gragrs No! per 0 grams 1,0 


Grorms LICIQ, per OO groms 1,0 
A process has been developed for the Figure 4. A crop of lithium perchlorate crystals can be obtained by cooling 


preparation of lithium perchlorate based on Litem 80°C te 20°C. 

the reaction of ammonium perchlorate and lithium hydroxide. By boiling an aqueous solution of 
these reactants, ammonia is driven off. The resulting solution of Lithium perchlorate can be 
crystallized to yield the trihydrate, or the lithium perchlorate can be recovered by evaporating the 
solution to dryness. 


The literature (1) indicates that a process involving the anodic oxidation of lithium chloride using 
platinum anodes might be developed for the manufacture of lithium perchlorate. 


1. Izgaryshev, N. A., and Khachaturyan, M. G., Doklady Akad. Nauk., U.S.S.R., 56, 929-32 
(1947) and Doklady Akad. Nauk., U.S.S.R., 59, 1125-28 (1948). 
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Abstract 


Large scale application of ammonium-perchlorate in the composite rocket fuels 
defines this compound as an important strategic material. The high content of oxygen 
in ammonium-perchlorate (54.5% w/w) and the fact that during the thermal 
decomposition does not yield solid residue, determines its application as an 
exceptional and irreplaceable oxidative compound in the composite rocket fuels. The 
fraction of ammonium-perchlorate in the composite rocket fuels is usually around 70- 
75% w/w, while the energetic performances of the fuel are increased even for 50% 
compared to the conventional fuels. 

Based on these facts, and especially due to the specificity and needs of its own 
production process, in company ‘19. December’? AD, Podgorica, Montenegro, is 
initiated production of ammonium-perchlorate on a semi-industrial scale, with 
original solutions for the crystallization of ammonium-perchlorate, which is a key 
step in production of this compound. 

The core reaction in the process of crystallization is the reaction of double exchange: 


NaClO4 + NH,Cl = NHy4ClOg + NaCl 


First, the technological parameters of sodium-perchlorate production from sodium- 
chlorate by electrolytic reaction are investigated, followed by definition of key 
crystallization parameters in the system: NH4ClO, — NaCl — H2O. As a result of the 
crystallization, the product is obtained, which satisfies known and valid standards, 
especially from the point of granulation, crystal shape, moisture content and crystal 
packing density. 


Keywords: ammonium-perchlorate, electrolysis, crystallization, granulation, anti-hail 
rockets 
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1. Introduction 


Large scale application of ammonium-perchlorate in the composite rocket fuels 
defines this compound as an important strategic material. Improved energetic 
performances of these fuels compared to classical, as well as the casting technique 
during production of fuel elements, enable their application in space-programme 
rocket motors and long-range rockets missiles. 

The high content of oxygen in ammonium-perchlorate (54.5% w/w) and the fact that 
during the thermal decomposition does not yield solid residue, determines its 
application as an exceptional and irreplaceable oxidative compound in the composite 
rocket fuels. The fraction of ammonium-perchlorate in the composite rocket fuels is 
usually around 70-75% w/w, while the energetic performances of the fuel are 
increased even up to 50% compared to the conventional fuels. 

World production of ammonium-perchlorate is continuously increasing, and, although 
there are no precise data available at present, it is estimated in thousands of tonnes per 
year. 

Due to the specificity and needs of its own production process (anti-hail rockets 
reagent) and constant problems in supply, in company ‘19. December’’ AD, 
Podgorica, Montenegro, is initiated research project for production of ammonium- 
perchlorate (APC), which resulted in installation of a semi-industrial scale plant 
(capacity 30 ton/year). This was preceded by a many years research work in, first, 
laboratory and then pilot-scale conditions. 

The production on a semi-industrial or pilot scale is based on sodium-chlorate 
(NaClO3) as the basic raw material. Sodium-chlorate is submitted to electrolysis, 
where is converted to sodium-perchlorate (NaClO,), which is further, in 
crystallization, converted to ammonium-perchlorate (NH4C1O,) in the reaction of 
double exchange with ammonium-chloride (NH,Cl). 

By our knowledge, this is in the full accordance with the today world’s industrial 
practice for production of ammonium-perchlorate. 

Thus, the production of ammonium perchlorate is performed in two _ phases: 
electrolytic oxidation of sodium-chlorate to sodium perchlorate (electrolytic section), 
and crystallization of ammonium-perchlorate after reaction of double exchange 
(crystallization section). 


Figure 1: Pilot plant for production of ammonium-perchlorate (30 ton/year): Crystallizer and dryer 


Crystallization of Ammonium-Perchlorate from Solution of Electrolytically Produced Sodium-Perchlorate in a 
Pilot- Scale Plant 


2. The electrolytic section of ammonium-perchlorate production facility 


In the electrolytic section of the ammonium-perchlorate production facility, the sum 
reaction of sodium-chlorate oxidation to sodium-perchlorate is given with: 


NaClO3 + HO — NaClO4 te H2 \) 


which is the basic reaction of perchlorate electrolysis. 

Reaction of anodic oxidation of chlorate to perchlorate is possible only at high values 
of electrode potential (2-2.5 V). The standard electrode potential for equilibrium 
ClO4/C1O3 is 1.19 V, while the standard electrode potential of oxygen electrode is 
around 0.8 V. Thus, it is obvious that two reactions will occur on anode: 1. oxidation 
of water to oxygen, and 2. oxidation of chlorate to perchlorate. 

Consequently, it is necessary to determine the current in dependence from several 
parameters, which are common for these and similar systems, such as anode current 
density, concentration of salts in electrolyte (NaClO3, NaCl), presence of additives, 
temperature and pH of electrolyte. 

After detail analysis of these dependences, the electrolysis section of the plant is 
designed and installed, as shown on scheme bellow: 


Figure 1: Electrolytic section of the plant: 1. Vessel for electrolyte preparation; 2. Collection reservoir; 
3. Electrolytic cell; 4. Gas separator; 5. Cooler; 6. Dosing pump; 7. Circulation pump 


The electrolytic cell is the central part of production of ammonium-perchlorate, where 
the chlorate is oxidized to perchlorate on platinum anode. The electrolytic cell is of 
filled’ type (e.g. without the gas space), which excludes the possibility of 
explosion. It is constructed on such a way, that anode and cathode set can be easily 
installed from its lateral sides, using the **comb’’ system. 
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Figure 2: The electrolytic cell housing 


The anode set is composed of smooth platinum leaves, welded on a platinum support 
(carrier), on a distance that guarantees simple installation of cathode set from the 
opposite side, and which ensures the minimal distance anode-cathode, and thus, the 
acceptable voltage drop in electrolysis. The later is in direct relation to the electricity 
efficiency. 


Figure 3: The anode set in the electrolytic cell 


The cathode set is made by the same system, except that stainless steel is used instead 
of platinum. The gas separator provides constant ‘’fullness’’ of the electrolytic cell 
and continuous discharge of hydrogen from electrolysis. The collection reservoir 
enables connection with the electrolytic cell and the gas separator, thus generating a 
unity of the electrolytic system. The constant temperature regime is maintained by the 
removal of heat by water cooler. 
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3. Electrolysis working regime 


The validation of the technological parameters is performed on the above described 
section of the semi-industrial scale plant. In order to perform the electrolysis 
correctly, it is necessary to maintain the main parameters in defined ranges. Below are 
presented the values of some of the parameters in our system. 

The cell current-voltage characteristics are investigated at T=35°C and pH = 6.5, with 
the electrolyte composed of: 0.550 kg/dm? NaClO3, 0.100 kg/dm* NaClO, and 0.003 
kg/dm? Na3CryO7. 

The cell-voltage characteristics are presented on Figure 4. The results shown bellow 
are typical that are obtained in our system. 


6 - 
> 5,54 
~ 
oe 
8 5. 
g 
ro 
Oo 454 
4 T T T 1 
0 10 20 30 40 
Current density, i [A/dm?] 


Figure 4: Dependence of cell voltage (U;) from current density (i) 


The aqueous solution of sodium-chlorate is the electrolyte with average concentration 
1 kg NaClO3/kgH2O (~0.7 kg NaClO;/dm*, p=1.42 kg/d’). For the inhibition of the 
reduction of chlorate and perchlorate on cathode, sodium-dichromate is added to the 
electrolyte in concentration of 3 g/dm’. In this system, dichromate also acts as a 
buffer. 

With respect to pH, electrolysis is usually conducted at 6.5, and eventual deviations 
from this value are adjusted with the addition of HCl or NaOH. Moreover, 
electrolysis is conducted at temperature interval 35-40°C, which is enabled by water 
cooling. 

Finally, the mixing of the electrolyte is performed with the forced circulation 
(centrifugal pumps). In the electrolytic system, the mixing is enhanced also with so 
called ‘lifting effect’’, which is dependant on hydrogen release on the cathode. This 
enables sufficient electrolyte flow rates, even without use of the circulation pump. 
The electrolytic system works stable in the defined regime, with the cell current- 
voltage characteristics that enable cumulative electricity efficiency of 90 %, which is 
close to the maximal value that are achievable with these systems. The system 
otherwise operates at 2.6 KA/m”, with the current I=1300 A. 


A. Zivko Andrié 


4. The crystallization section of ammonium-perchlorate production facility 


As said earlier, the synthesis of ammonium-perchlorate is done in two phases: 1. 
electrochemical synthesis of NaClO, from NaClO3, and 2. conversion of NaClO, in 
NH,C10, according to: 


NaClO4 + NH,Cl = NH,ClOg + NaCl 


Thus, the reaction of double exchange yields NH4ClO, and NaCl, which need to be 
separated in the crystallization step. 

Before submitting to crystallization, the electrolytic solution in necessary to purify. 
The residual chlorate is eliminated by reduction with sodium-bisulphite (NaHSO3): 


3NaHSO;3 + NaClO3; — 3NaHSO, + NaCl 


The obtained sulphate precipitated as insoluble BaSO, using reaction with BaCl), 
while NaCl is left in the solution. 

The sodium bi-chromate (NazCr2O7) is eliminated by precipitating with BaCl, 
according to: 


2BaCl, + NaxCr.07 + H2x0 — 2BaCrO,4 + 2HCI + 2NaCl 


The obtained BaCrO, is separated from solution, after sufficient residence time, by 
decantation. 

By performing all these steps, the solution is purified and can be directed to the 
crystallization. 

The conditions of crystallization in system NH4ClO,- NaCl- H20 are given on Figure 
5 in a short version, which is also valid for both temperature and hydrodynamic 
regimes. This is because they all together create complete and unique technological 
design solution for crystallization of ammonium-perchlorate, which is the property of 
company ‘719. December’’ AD, Podgorica, Montenegro. 
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Figure 5: Experimental data for the joint solubility of NH4C1O, and NaCl in water 


The process equipment used in this section of the facility is typical and it is not 
needed to describe it in more detail. 
The scheme of the crystallization section of the facility is given in Figure 6: 

NH,Cl mother liquor — KCl 


NaClO, 
solution 


CR-1 


1.H,O 


2. ethylene-glycol — : H,0 
H2O mixture to cooling 
crystals 
H20 oe washing raw KCIO, 
washine y crystals to 
drying and 


raw APC crystals to 
drying, packaging and 
storage 


Figure 6: Crystallization section of the plant: CR-1-ammonium-perchlorate (APC) crystallizer: CR-2- 
potassium-perchlorate (KPC) crystallizer, F-1-Netzsch filter for separation of APC crystals: F-2- 
Netzsch filter for separation of KPC crystals; T-1: Mother liquor tank; CP-1, CP-2-centrifugal pumps: 
VP-1-vacuum pump 
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Crystallization is performed on such a way that the purified and heated electrolyte 
solution is mixed with the solution of NH,Cl. Concentration of NH4Cl is adjusted to 
give, after mixing the two solutions in crystallizer, the initial temperature of 
crystallization from 80-82°C. 

Due to the very rigorous requirements for crystalline ammonium-perchlorate in 
respect to the chemical composition, moisture and crystal packing density, this 
crystallization is necessary to perform under strictly defined temperature and 
hydrodynamic regime. 

With respect to temperature regime, it is primarily needed to maintain the 
supersaturations which are in accordance with supersaturation’s consumption through 
the crystal growth, and not on nucleation. Thus, it is obvious that it is necessary to 
cool as slow as possible in the beginning of the crystallization, and with the advance 
in the process increase the rate of cooling. 

Hydrodynamic regime in crystallization is defined with the geometry of the vessel, 
speed of rotation of the stirring device, the shape of the stirring device and the quality 
of the circulation pump, which ensures the necessary number of the crystallizer 
content exchanges. This regime is established to ensure the production of the crystals 
of spherical form (without the ledges, angles and kinks), with the required 
characteristics (i.e. crystal packing density), 
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Figure 7: Ammonium-perchlorate crystals (standard 200 p-fraction) 


The cooling of the suspension in the crystallizer is done in two stages: 1. in the 
interval from 80-40 °C, with the water as the cooling medium, and 2. in interval from 
40-10 °C, with the ethylene-glycol-water mixture. 

When the cooling is terminated, the suspension is filtrated in Netzsch filter, while the 
raw crystals of ammonium-perchlorate are transferred to the rotating vacuum drier, 
where are dried at 110 °C. The dried crystals are packed in bags with added silica-gel 
and stored at temperature 35-40 °C, for, at least, seven days. 
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The obtained product has relatively homogeneous granulometric composition, which 
is shown in Figure 8, for ten consecutive standard 200 p- batches: 
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Figure 8: Granulometric composition of ammonium-perchlorate 
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To construct Figure 8, we have used sieves with diameters of the opening (in um): 
425, 300, 210, 150, 106, 63 and ‘’bottom’’. The moisture is determined using the 
standard Karl-Fisher method, and for the standard 200 p-fraction is in the limits 0.04- 
0.07 %, while for the standard 400 u-fraction, this value is between 0.07-0.1 %. 
Finally, the mother liquor solution, left behind after filtration of NH4ClOu, is used for 
precipitation of potassium-perchlorate (KCIO,), since it contains 100-110 g/dm? of 
ammonium-perchlorate: 


NH,ClO4 +KCl — KCI1O4 + NH,Cl 


The obtained KCI1O, is separated in Netzsch filter, washed with cold water, dried at 
110 °C, packed and stored. 
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5. Conclusion 


The described facility is now for several years in full operation with the previously 
described parameters. The obtained ammonium-perchlorate is mostly spent by the 
producers of the anti-hail rockets, where the perchlorate is used for the production of 
both the anti-hail reagent (in average 50 % of APC in the pyrotechnical mixture) and 
propulsion composite fuel, which is installed into rocket motor of the anti-hail rocket. 
The quality of ammonium-perchlorate in both cases fully satisfies required conditions 
and yields fine results in the application. 

Our several-years experience in the production of perchlorates in this facility, is based 
on the large number of performed experiments and connected results. During 2004, 
the facility is reconstructed and significant change in the main parameters is made, 
especially in the crystallization. The complete attempt resulted in the new quality of 
the ammonium-perchlorate, and this time with such characteristics, that guarantee its 
application, even in other programmes. 

The final result of the whole experience with this facility is implemented in the new 
project of installation of modern factory for production of ammonium-perchlorate, 
with capacity of 500 ton/year, with full automation and process control, which 
realisation will be considered after the market and financial analysis. 
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CHLORIC ACID AND 
CHLORATES 


1. Chloric Acid 
Chlorates are salts of chloric acid [7790-93-4], HC1O3. 
1.1. Physical Properties. Aqueous chloric acid is a clear, colorless solu- 


tion stable when cold up to ca 40 wt% (1). Upon heating, chlorine [7782-50-5], Clo, 
and chlorine dioxide [10049-04-4], ClOz, may evolve. Concentration of chloric 
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Fig. 1. Solubility of chloric acid in water where A represents ice and chloric acid solu- 
tion; B, solution; C, chloric acid hydrate and solution; and D, a eutectic of ice and the 
hydrate (2). 


acid by evaporation may be carried to > 40% under reduced pressure. Decompo- 
sition at concentrations in excess of 40% is accompanied by evolution of chlorine 
and oxygen [7782-44-7] and the formation of perchloric acid [7601-90-3], HOCl,, 
in proportions approximating those shown in equation 1. 


8 HClO3 — 4 HCIO, + 2 H20 + 3 O2 + 2 Cly (1) 


Impurities such as chloride ion or other reducing agents generate chlorine diox- 
ide when the chloric acid solution is heated. Transition-metal ions do not affect 
the stability of pure chloric acid at room temperature. Thirty-five percent solu- 
tions of HC1O3 have been shown to be stable for 20 days at room temperature 
containing up to 1000 ppm Ni?', 800 ppm Zn”, 700 ppm Fe®", or 600 ppm 
Cr** (2). The solubility of chloric acid in water is shown in Figure 1. 

Chloric acid, a strong acid, has pK, = —2.7 (3). It is a strong oxidizing agent, 
Eo = 1.175 V with ClOg as the reduction product (4). The heat of formation is 
—99.2 kJ/mol ( — 23.7 kcal/mol) and the Gibbs free energy of formation is 
—3.3 kJ/mol ( — 0.79 kcal/mol) for both chloric acid and the chlorate ion (4). 

1.2. Chemical Properties. Chloric acid is a strong acid and an oxidizing 
agent. It reacts with metal oxides or hydroxides to form chlorate salts, and it is 
readily reduced to form chlorine dioxide. 


ClO; +2 Ht +e- —+ ClO, + HO (2) 


Titanium, Hastelloy (grades C22 and C276), and 316 stainless steel all exhibit 
corrosion rates of less than 0.08 mm/yr at room temperature in 35 wt% chloric 
acid solutions (2). 

1.3. Manufacture. Chloric acid is the precursor for generation of chlor- 
ine dioxide for pulp bleaching and other applications (see BLEACHING AGENTS), and 
is formed in situ by reaction of sodium chlorate [7775-09-9], NaClOs, and a strong 
acid, eg, 


H2SO. + 2 NaClO; —> NasSO4 + 2 HClO; (3) 
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Any chloride present in the solution is oxidized to chlorine by the chloric acid. 
4H? +2Cl +2 ClO; —+2 ClO2 + Cly + 2 H2O (4) 


In order to eliminate or reduce the sodium sulfate by-product of reaction (3), 
activity has focused on the direct manufacture of chloric acid. 

Emerging technologies for the commercial manufacture of chloric acid fall 
into three categories: (1) generation of high purity chloric acid by thermal decom- 
position of pure solutions of hypochlorous acid [7790-92-3], HC1O (5). 


5 HOC] — HCO; + 2 Cl, + 2 H20 (5) 


The chlorine generated as a by-product is recovered. Stable solutions of up to 
40% by weight chloric acid are generated by evaporative concentration. The 
chloric acid obtained is free of metal cations and chloride and sulfate anions; 
(2) generation of chloric acid by passing a solution of sodium chlorate through 
a cation ion-exchange resin (6,7). Electrochemical methods for producing chloric 
acid from sodium chlorate have also been developed (see ELECTROCHEMICAL 
PROCESSING). These include electrodialysis (qv) methods employing discrete 
anion and cation membrane separated compartments or bipolar membranes 
(8,9) (See MEMBRANE TECHNOLOGY). An alternative electrochemical process employs 
perfluorinated cation-exchange membrane bounded cell compartments to pro- 
duce high concentration chloric acid—sodium chlorate mixtures. The mixture is 
evaporated under vacuum to crystallize out sodium chlorate and produce a low 
sodium content chloric acid (10). All of the electrochemical routes to chloric acid 
produce sodium hydroxide, oxygen, and hydrogen as coproducts. The resulting 
HCI1O3 solution contains some dissolved sodium chlorate as well as the impurities 
that were present in the initial sodium chlorate solution; (3) and hypochlorous 
acid can be oxidatively electrolyzed to chloric acid (11,12). Chloric acid prepared 
by oxidizing HOCI is both metal- and chloride-ion free. It can be reduced to chlor- 
ine dioxide without the formation of solid by-products or chlorine. This reduction 
can be conducted electrochemically (7,13,14) or chemically. 

1.4. Shipment. Solutions of greater than 10 wt% chloric acid may be 
shipped using the label, “oxidizing substance, liquid, corrosive, n.o.s.,” and 
using identification number UN3098, packing group II. 

1.5. Health and Safety Factors. Chloric acid is a strong oxidizing 
agent and concentrated solutions ignite organic matter on contact. The acid must 
be stored apart from reducing agents and organic materials. Concentrated 
solutions are corrosive to the skin (1). It is a strong irritant by ingestion and 
inhalation (21). 

1.6. Uses. Chloric acid is formed in situ by reaction of sodium chlorate 
and a strong acid during chlorine dioxide production. Stoichiometric amounts 
of sodium salts are also formed as a by-product. The use of chlorine dioxide for 
pulp (qv) bleaching applications is growing and disposal of the by-product solids 
is a primary environmental concern. Use of chloric acid to generate chlorine diox- 
ide can eliminate this problem. A process for bleaching pulp which employs chlo- 
ric acid as the oxidizing agent, in the absence of a transition metal catalyst, has 
been reported (12). 
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Chloric acid also has found limited applications as a catalyst for the poly- 
merization of acrylonitrile (qv) [107-13-1], CsH3N, and in the oxidation of cyclo- 
hexanone [108-94-1], CgH19O (22) (see CyCLOHEXANOL AND CYCLOHEXANONE). 


2. Sodium and Potassium Chlorate 
2.1. Physical Properties. The physical properties of sodium chlorate 
[7775-09-9] and potassium chlorate [3811-04-9], KClO3, are summarized in 


Table 1 (23). The solubilities of these chlorates in water are given in Figure 2 
(24—26). 


Table 1. Physical Properties of Sodium and Potassium Chlorates 


Properties NaClO3 KClOs 
molecular weight 106.44 122.55 
crystal system cubic monoclinic 
mp, °C 248-260 356-368 
dec pt, °C 265 400 
density, g/mL 2.487% 2.338° 
n20 1.515 1.440 
affinity towards water hygroscopic nonhygroscopic 
enthalpy of fusion, AH¢us, kJ/mol® 21.3 
molar heat capacity, J/(mol - K)° 100° 99.8° 
standard enthalpy of formation, kJ/mol® 
crystals —365.8 —391 
ideal soln of unit activity —344.1 
standard entropy J/(mol - K)° crystals 123.4 143 
ideal solution of unit activity 22.3 
enthalpy of dissolution,° kJ/mol® 21.6 40.9 
“At 25°C. 
At 20°C. 


°To convert J to cal, divide by 4.184. 
“From 298 to 533 K. 
°1 mol of chlorate per 200 mol HO at 25°C. 
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Fig. 2. Aqueous solubility of A, sodium chlorate and B, potassium chlorate where bpa 
represents 122°C, the boiling point of a saturated solution of sodium chlorate is 122°C; 
bpg represents the boiling point, 104°C, of potassium chlorate solution. 
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Table 2. Electrical Conductivity of Aqueous Sodium 
Chlorate Solutions (ohm - m~*) 


Temperature 
Concentration, g/L 20°C 40°C 60°C 
100 6.2 8.9 11.8 
200 10.4 14.9 19.7 
300 13.4 18.9 25.0 
400 15.0 21.5 28.5 
500 15.7 22.7 30.3 
600 15.5 23.1 30.8 
750 21.7 29.7 


The electrical conductivity of a pure aqueous sodium chlorate solution is 
given in Table 2. Additional data are given (29). Table 3 summarizes the solubi- 
lity data for two aqueous chlorate—chloride systems (30-32). 

2.2. Chemical Properties. On thermal decomposition, both sodium and 
potassium chlorate salts produce the corresponding perchlorate, salt, and oxygen 
(34). Mixtures of potassium chlorate and metal oxide catalysts, especially man- 
ganese dioxide [1313-13-9], MnOzg, are employed as a laboratory source of oxy- 
gen. The evolution of oxygen starts at ~70°C and becomes rapid at 100°C, 
below the fusion point (85). The molten chlorates are powerful oxidizing agents. 
Mixtures of chlorates and organic materials have been employed as explosives. 
However, because of extreme shock sensitivity and unpredictability, such mix- 
tures are not classed as permissible explosives in the United States. Chlorates 
also form flammable and explosive mixtures with phosphorus, ammonium com- 
pounds, some metal compounds, and some metal salts (36). Chlorates in neutral 
and alkaline solutions at room temperature do not show oxidizing properties. 
Concentrated acidic solutions of chlorates are strong oxidants as a result of 
chloric acid formation and may also liberate chlorine dioxide gas. 

2.3. Manufacture. Most chlorate is manufactured by the electrolysis of 
sodium chloride solution in electrochemical cells without diaphragms. Potassium 
chloride can be electrolyzed for the direct production of potassium chlorate 


Table 3. Mass Ratio of Crystalline Chloride and Chlorate Salts in 
Equilibrium with an Aqueous Solution 


Solution system, kg/kg of water® 


Temperature, °C NaCl NaClO3 KCl KCI1O3 
—9.8 0.270 0.360 0.2466 0.0056 

10 0.249 0.499 0.3123 0.0144 

30 0.2125 0.706 0.3703 0.0321 

50 0.1785 0.958 0.4226 0.0635 

70 0.1495 1.238 0.4651 0.1162 

100 0.1245 1.85 0.518 0.2588 


“Densities of the NaClO3;—NaCl and KC1O3—KCI aqueous solutions are given in 
Ref. 33. 
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(37,38), but because sodium chlorate is so much more soluble (see Fig. 2), the pro- 
duction of the sodium salt is generally preferred. Potassium chlorate may be 
obtained from the sodium chlorate by a metathesis reaction with potassium 
chloride (39). 

The sodium chlorate manufacturing process can be divided into six steps: 
(1) brine treatment; (2) electrolysis; (3) crystallization and salt recovery; (4) chro- 
mium removal; (5) hydrogen purification and collection; and (6) electrical distri- 
bution. These steps are outlined in Figure 3. 

The production of sodium chlorate is very energy intensive requiring 
between 4950-6050 kW-h of electricity per metric ton of sodium chlorate pro- 
duced (40). More than 95% of the energy is used in the electrolysis step. Increases 
in energy cost have resulted in use of highly efficient noble metal coated titanium 
anodes and elimination of the less efficient graphite anodes (41). The by-product 
hydrogen generated from the cell is also recovered for its fuel value. Advances in 
electrical bus connection design have also been incorporated to reduce the cell-to- 
cell voltage drop. The use of noble metal anodes requires that hardness, ie, Ca?* 
and Mg”" ions, and metals be removed from the sodium chloride brine, hence the 
brine treatment technology that was originally developed for chlor-alkali indus- 
try has now become an integral part of sodium chlorate manufacture (see ALKALI 
AND CHLORINE PRODUCTS). Sodium chlorate manufacturing technology now incorpo- 
rates a low chloride—chlorate solution manufacture coupled with a chromium 
removal system, or the use of a crystallizer to produce crystal chlorate as the 
final project. 

Electrolysis. The overall chemical reaction is 


NaCl+3H,0 — NaClO; +3 He (6) 


The reaction in equation 6 requires six Faradays to produce one mole of chlorate. 
The reaction is endothermic, AH = 224 kcal/mol (53.5 kcal/mol) of chlorate or 
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Fig. 3. Schematic of the key steps in a sodium chlorate plant where (---) represents re- 
cycle streams and (— — —), process for solution product. Most plants produce crystalline 
product. 
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2.43 kW -h/kg. In practice, it takes about 5kW-h of energy to produce a kilo- 
gram of sodium chlorate. The remaining energy is lost to electrolyte solution 
resistance and heat. 

In the sodium chlorate cell, free chlorine is formed at the anode: 


2Cl — Cl +2e- (7) 


The Ep at 25°C is 1.36 V vs a normal hydrogen electrode (NHE). The chlorine 
reacts in the boundary layer and hydrolyzes to form HOCI and HCl 


Cl, + H,O < HOCI+ HCl (8) 


which reacts in the bulk electrolyte to form chlorate (42). Hypochlorous acid, 
HCIO, or hypochlorite ions can be converted to chlorate by two separate simulta- 
neous reactions: by the decomposition of hypochlorite ion and free hypochlorous 
acid (eq. 9) (43) and by the electrochemical formation of chlorate by the anodic 
oxidation of hypochlorite (eq. 10). 


2 HCIO + ClO~ — ClO; +2 Cl +2 H (9) 
6 ClO’ +3 H,O — ClO; +4Cl +150.+6H* +6e (10) 


The reaction described in equation 9 occurs at 100% current efficiency; current 
efficiency of that in equation 10 is only 66.7% (44,45). 

The most favorable conditions for equation 9 are temperature from 60—75°C 
and pH 5.8—7.0. The optimum pH depends on temperature. This reaction is quite 
slow and takes place in the bulk electrolyte rather than at or near the anode sur- 
face (46—48). Usually 2—5 g/L of sodium dichromate is added to the electrolysis 
solution. The dichromate forms a protective Cr2O3 film or diaphragm on the cath- 
ode surface, creating an adverse potential gradient that prevents the reduction of 
OCI; to Cl; ion (46). Dichromate also serves as a buffering agent, which tends 
to stabilize the pH of the solution (47,48). Chromate also suppresses corrosion of 
steel cathodes and inhibits Og evolution at the anode (49—53). 

There are other parallel electrochemical reactions that can occur at the 
electrodes within the cell, lowering the overall efficiency for ClO ;3 formation. 
Oxygen evolution accounts for about 1—3% loss in the current efficiency on 
noble metal-based electrodes in the pH range 5.5—6.5. 


2H,O — 02+4H* +4e~ (11) 


Where Eo at 25°C is 1.23 V vs NHE at pH = 0, and 0.876 V vs NHE at pH = 6. 
Oxidation of chlorates to perchlorate can also occur if the cell voltage increases 
above 6.5 V, or if the chloride concentration is depleted below about 80 g/L. 


ClO; +H,0 — ClO; +2H* +2e- (12) 


In addition to the electrochemical reactions, there are some undesirable nonelec- 
trolytic reactions that produce chlorine and oxygen gases, thus lowering the 
current efficiency (18). Oxygen generated from decomposition of hypochlorite 
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species in bulk accounts for about half of the oxygen involved. The decomposition 
of the hypochlorite species is catalyzed by low levels of ionic metal impurities, 
specifically Ni2+, Co?*, Ir?*, and Ir**. The current efficiency in the chlorate 
cell can be monitored by analyzing the exit gas stream and can be calculated 
by using the following formula: 


chlorate efficiency = (100 — 3 Wo — 2 Wo) /(100 — Wo — Woy) (18) 


where Wo = vol % of oxygen in exit gas and Wc = vol % of chlorine in the exit 
gas. The approximate energy consumption P in (kW-h)/t of a chlorate cell is a 
function of current efficiency CE expressed as a fraction and cell voltage V in 
volts 


1509V 
CE 


Current efficiency depends on operating characteristics, eg, pH, temperature, 
and cell design, and is generally in the 90-98% range. The cell voltage is a func- 
tion of electrode characteristics and electrolyte conductivity and can be expressed 
as 


(14) 


V = (thermodynamic decomposition voltage of the anode and the cathode) 
+ (anode overvoltage) + (cathode overvoltage) 


+ (ohmic drop between the anode and cathode resulting from 
the electrolyte/gas mixture) 
+ (ohmic drop in the electrical connections and hardware) 


Typical energy requirement and operating condition are summarized in Table 4. 


Table 4. Electrical Energy Requirement for a Chlorate Cell 
Using Steel Cathodes and Pt-Ir Anodes” 


current density, kA/m? 2-3 
current efficiency, % 94 
cell voltage components, V 
thermodynamic decomposition 1.71 
anode overvoltage 0.05 
cathode overvoltage 0.94 
ohmic drops” 0.80 
average cell voltage, V 3-3.50 
electrical energy requirement, kW -h/t* 5700 
operating conditions 
temperature, °C 80 
solution composition, g/L 
NaCl 150 
NaOCl 3-5 
NaClO; 450 
NagCr207 2-5 
“Ref. 54. 


>The gap is from 3 to 5 mm. 
“Per metric ton of chlorate formed. 
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Electrolyzer System. The basic criteria for electrolyzer system design 
is to minimize capital and operating costs. There are about a dozen electrolyzer 
system configurations being used for sodium chlorate manufacture. These 
combinations range from high capital/low operating cost to low capital/high 
operating cost (55-92). Electrolyzer systems have four basic components: an 
electrolysis zone, a reaction zone, a cooling zone, and a circulation zone. 

In the electrolysis zone, the electrochemical reactions take place. Two basic 
electrode configurations are used: (1) monopolar cells where the same cell voltage 
is applied to all anode/cathode combinations; and (2) bipolar cells where the same 
current passes through all electrodes (Fig. 4). To minimize the anodic oxidation 
of OCI’;, the solution must be quickly moved out of this zone to a reaction zone. 
Because the reaction to convert OCI” to ClO?” (eq. 9) is slow, a relatively large 
volume reaction zone is required to carry out the reaction. Moreover, because 
the energy supplied to the cell is about twice the energy required to carry out 
the reaction, a cooling zone is required. Then, a circulation zone and circulation 
mechanism are provided. 

Many combinations of these component zones have been designed. Some are 
shown in Figure 4. The combination range from all zones in one vessel to vessels 
for each zone. 

Brine Preparation. Rock salt and solar salt (see CHEMICALS FROM BRINE) can 
be used for preparing sodium chloride solution for electrolysis. These salts con- 
tain Ca, Mg, and other impurities that must be removed prior to electrolysis. 
Otherwise these impurities are deposited on electrodes and increase the energy 
requirements. The raw brine can be treated by addition of sodium carbonate and 
hydroxide to reduce calcium and magnesium levels to below 10 ppm. If further 
reduction in hardness is required, an ion-exchange resin can be used. A typical 
brine specification for the Huron chlorate cell design is given in Table 5. 

Hydrogen Purification and Recovery. Because the operation of the mod- 
ern chlorate cell is quite efficient, ie,CE = 90 — 98%, the hydrogen generated 
from the cell is quite pure and can be recovered for its fuel value. The hydrogen 
typically contains 2—3% chlorine and less than 2% oxygen by volume. If the cells 
are operated at lower than a normal pH of from 5.8—6.4, Cly concentration in the 
hydrogen can be higher. The chlor-alkali industry has developed an extensive 
hydrogen recovery technology, which has been transferred to chlorate technol- 
ogy. Typically the hydrogen recovery system includes a caustic scrubber to 
remove chlorine and a compressor or blower to send hydrogen gas to a fuel 
burner or boiler (93). 

Chlorate Recovery and Salt Removal. Prior to chlorate recovery, the 
residual hypochlorite in the electrolyzer liquor is destroyed by adding a reducing 
agent such as formate or urea (93,94). The liquor that contains sodium chlorate, 
chloride, sulfate, and dichromate is filtered to remove any insoluble particles. 
The liquor is concentrated by evaporation and sodium chloride is precipitated, 
filtered, and recycled back to the cell. The liquor is then cooled to yield sodium 
chlorate crystals, which are separated by centrifugation. The chromium contain- 
ing centrate is returned to the evaporator or cell feed. Since the feed brine con- 
tains sodium sulfate, the sodium sulfate can be removed from the system by 
purging a small amount of filtrate from the crystallizer (95-98). Alternatively, 
the sodium sulfate from the filtrate can be crystallized out by the method 
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Fig. 4. Sodium chlorate cell designs (a) the horizontal bipolar cells used by Huron hav- 
ing narrow gap vertical plates or horizontal mesh where (— — —) represents an insulating 
partition, DSA is dimensionally stabilized anode, and (b) the parallel plate monopolar 
cells and electrolyzer configurations used by Chemetics, Krebs, etc where (— — —) repre- 
sents a perforated plate; (c) the single vessel system used by DeNora, Huron, and OCC; 
(d) the double vessel system used by Krebs; and (e) the three vessel system used by Penn- 
walt, Ugine-Kuhlmann, and Kemanord. Materials of construction given in Table 5. 
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Table 5. Brine Specification for Huron Sodium 
Chlorate Cell® 


Maximum 
Component concentration, ppm 
Mn 0.01 
Ni 0.01 
Fe 1.0 
Al 1.0 
Ba 0.1 
Zn 0.01 
F 1.0 
cyanide 0.1 
total organics 3.0 
hardness as Ca 4.0° 
Na SO, 25.0° 
NaCl 200 to 315°? 


“Temperature is a maximum of 75°C. 

>For mild steel cathodes maximum hardness is 2 ppm. 
Somebrines contain up to 20 ppm. 

“Units are g/L. 

¢Value varies depending on application. 


described in reference 99. Recent advances in chlorine dioxide generation tech- 
nology require that the sodium chloride content be less than 5% of the solution of 
sodium chlorate concentration. Sodium chlorate recovered by crystallization 
meets this requirement. 

Chromium Removal System. Chlorate manufacturers must remove 
chromium from the chlorate solution as a result of environmental regulations. 
During crystallization of sodium chlorate, essentially all of the sodium dichro- 
mate is recycled back to the electrolyzer. Alternatively, hexavalent chromium, 
Cr®*, can be reduced and coprecipitated in an agitated reactor using a choice 
of reducing agents, eg, sodium sulfide, sulfite, thiosulfate, hydrosulfite, hydra- 
zine, etc. The product is chromium(III) oxide [1333-82-00], CrgO3 (100-108). Ion 
exchange and solvent extraction techniques have also been utilized for recycling 
chromium (109-111). The resulting precipitate is easily filtered using ceramic or 
Teflon filters without the use of precoats so that the filtered chromium oxide can 
be returned directly to the chlorate process without further treatment. Once in 
the chlorate cell, the chromium reoxidizes immediately to hexavalent sodium 
dichromate. Essentially no chromium ever leaves the system (112). Chromium 
levels of less than 1 ppm are achieved in the final chlorate product. 

2.4. Economic Aspects. North America, Western Europe, and Japan re- 
presented 94% of the total sodium chlorate consumption in 2002. The remaining 
6% was distributed among South America, other Asia, and the rest of the world. 

World operating capacity was 2.8x 10° t in 2002. North America and 
Canada represent 69% of this total. Western Europe follows at 25%, South 
America at 5%, Japan and other Asia at 1% (118). 

Table 6 lists U.S. and Canadian producers of sodium chlorate and their 
capacities (114). 
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Table 6. Sodium Chlorate Producers and 1998 Capacities, x 10° t® 


Producer Location Capacity” 
United States 

CXY Taft, La. 122 
Eka Nobel Columbus, Miss. 199 
Eka Nobel Moses Lake, Wash. 57 
Elf Atochem Portland, Ore. 53 
Georgia Gulf Plaquemine, La. 24 
Huron Tech Clairborne, Ala. 36 
Huron Tech Augusta, Ga 131 
Kerr McGee Hamilton, Miss. 130 
Sterling Pulp Chemicals Valdosta, Ga. 100 
Western Electrochemical Cedar City, Utah 6 
Total 858 
Canada 

Albchem Bruderheim, Alberta 715 
B.C. Chemicals Prince George, B.C. 71 
CXY Amherstburg, Ont. 48 
CXY Beauhamois, Que. 44 
CXY Brandon, Man. 103 
CXY Bruderheim, Alberta. 68 
CXY Nanaimo, B.C. 18 
Eka Nobel Canada Magog Que. 150 
Eka Nobel Canada Valleyfield, Que. 113 
PCI Chemicals Delhousie, N.B. 22 
St. Anne Chemical Nackawic, N.B. 10 
Sterling Pulp Chemicals Buckingham, Que. 120 
Sterling Pulp Chemicals Grand Prairie, Alberta 50 
Sterling Pulp Chemicals North Vancouver, B.C. 92 
Sterling Pulp Chemicals Saskatoon, Sask. 50 
Sterling Pulp Chemicals Thunder Bay, Ont. 50 
Total 1084 
Total, North America 1942 


“Ref. 114. 
Both solution and crystal material. Commercial production is by electrolysis of a 
sodium chloride solution. 


An estimated 1.87 x 10° t was used in North America in 2002 to generate 
chlorine dioxide for bleaching of chemical pulp. Of this total, 68% was used in 
the U.S. and 32% was used in Canada. This represented 99% of demand for 
sodium chlorate. 

EPA cluster rules are in favor of elemental-free-chlorine bleaching agents 
for pulp rather than total chlorine-free bleaching agents. Chlorine dioxide is gen- 
erated from sodium chlorate and is a substitute for chlorine gas in bleaching 
applications. Full implementation of the cluster rules was to be finalized in 
2001. The chlorate market is expected to level off and track a modest increase 
in demand after the full implementation. North American consumption is 
expected to grow at a rate of 0.9% in 2001-2006. Canada’s growth rate is 
expected at 0.8% (1138). 
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Western Europe uses less sodium chlorate for pulp bleaching and consump- 
tion in Japan is small. Japanese paper producers are expected to use elemental- 
chlorine-free bleaching agents by 2005 despite Japan’s weak economy. 

2.5. Product Specification. Sodium chlorate can be shipped either as 
solid crystals or preblended chlorate—chloride solution. A typical specification 
for technical-grade sodium chlorate is NaClO3, 99.5 wt% min; NaCl, 0.12 wt% 
max; moisture, 0.20 wt% max; and 5 ppm chromium. 

The crystalline sodium chlorate is usually dried in rotary driers to less than 
0.2 wt% moisture content and is loaded into shipping containers or stored in 
moisture-free bins or silos prior to packaging. For conventional chlorine dioxide 
generators, sodium chlorate is shipped as a solution containing: ca 200 g/L 
(15 wt%, 3.4 M) sodium chloride; ca 350 g/L (26 wt%, 3.3 M) sodium chlorate; 
and 130 ppm chromium. Alternatively, for newer chlorine dioxide generators, 
600 g/L sodium chlorate; 30 g/L sodium chloride; and less than 30 ppm chromium 
is used. 

2.6. Analytical Methods. Chlorate ion concentration is determined by 
reaction with a reducing agent. Ferrous sulfate is preferred for quality control 
(115), but other reagents, such as arsenious acid, stannous chloride, andpotas- 
sium iodide, have also been used (116). When ferrous sulfate is used, a measured 
excess of the reagent is added to a strong hydrochloric acid solution of the 
chlorate for reduction, after which the excess ferrous sulfate is titrated with 
an oxidant, usually potassium permanganate or potassium dichromate. 

2.7. Health and Safety Facters. Sodium chlorate is harmful if swal- 
lowed, inhaled, or absorbed through the skin. Symptoms of inhalation include 
burning sensation, coughing, wheezing, and laryngitis. Symptoms of ingestion 
include nausea, vomiting, abdominal pain, cyanasis, and diarrhea (117-119). 
Acute oral toxicity in laboratory animals for different species are in 1200— 
1800 mg/kg range. Lethal doses for children are 2 g and for adults are from 15 
to 30 g (200-400 mg/kg). Permissible exposure limit for total dust is 15 mg/m® 
and for respirator protection, 5 mg/m’. 

Sodium chlorate and potassium chlorate are human poisons by unspecified 
routes. They are moderately toxic by ingestion and intraperitoneal routes. They 
both damage red blood cells when ingested (21). 

Chlorates are strong oxidizing agents. Dry materials, such as cloth, leather, 
or paper, contaminated with chlorate may be ignited easily by heat or friction. 
Extreme care must be taken to ensure that chlorates do not come in contact 
with heat, organic materials, phosphorus, ammonium compounds, sulfur com- 
pounds, oils, greases or waxes, powdered metals, paint, metal salts (especially 
copper), and solvents. Chlorates should be stored separately from all flammable 
materials in a cool, dry, fireproof building. 

Flammable resistant clothing such as Nomex should be worn when working 
with chlorates. Clothing splashed with chlorate solution should be removed 
before it dries. Shoes and gloves should be rubberized. Leather (qv) should not 
be worn. Goggles, face shields, and dust respirators should be worn when neces- 
sary to protect against dust, splashing, or spillage. Workers should bathe before 
leaving the working area. 

Sodium chlorate does not burn if exposed to fire, but it decomposes to give 
off oxygen. Consequently only water is effective in the event of a spill or fire. 
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Table 7. Hazard Ratings for Sodium Chlorate 


Situation Nonfire® Fire® 
health (blue) 1 0 
flammability 0 0 
reactivity 2 2 
other oxy oxy 


“4=extreme, 3=high, 2=moderate, 1=slight, and 
0 = insignificant. 


Water cools and dilutes the sodium chlorate. Carbon dioxide, Halon, dry chemi- 
cal or dry powder types of fire extinguishers are ineffective. EPA classifies 
sodium chlorate waste as D001 (ignitable waste). The Clean Water Act lists 
sodium chlorate as a hazardous substance, which if discharged into or upon 
water, may require immediate response to mitigate danger to public health 
and welfare. Hazard ratings for sodium chlorate according to the National Fire 
Protection Association (NFPA) are shown in Table 7. 

2.8. Uses. The primary (99%) use of sodium chlorate is in the production 
of chlorine dioxide for bleaching in the pulp (qv) and paper industry (qv). 

Chemical wood (qv) pulp bleached with chlorine dioxide has superior 
brightness over pulps bleached using other reagents (see BLEACHING AGENTS). 
The strength of the cellulose (qv) fiber is not degraded; thus a whiter and stron- 
ger paper is obtained using chlorine dioxide. When chlorine dioxide is used in 
place of chlorine for bleaching pulp, the adsorbable organic halides (AOX), 
which include dioxins, are reduced by as much as 90%. However, chlorine dioxide 
cannot be shipped and is therefore generated by the pulp producers at the 
bleaching plant. 

The second most important use of sodium chlorate was as an intermediate 
in the production of other chlorates and of perchlorates. 

The agricultural use of sodium chlorate is as a herbicide, as a defoliant for 
cotton (qv). Magnesium chlorate is used as a desiccant for soybeans to remove the 
leaves prior to mechanical picking (see Drsiccanrts). 

Sodium chlorate is used in uranium mixing. This usage was expected to 
decline sharply. Minor uses of sodium chlorate include the preparation of certain 
dyes and the processing of textiles (qv) and furs. 

Potassium chlorate is used mainly in the manufacture of matches (qv) and 
pharmaceutical preparation. In pyrotechnics, chlorate salts may be mixed with 
certain organic compounds such as lactose to give a relatively cool flame, so that 
certain dyes may be incorporated in the mixture to give colored flares. 


3. Other Chlorates 


Barium chlorate monohydrate [10294-38-9], Ba(ClO3)2:H2O, has colorless mono- 
clinic crystals; mp or loss of water at 120°C; sp gr, 3.18; np”, 1.562; is prepared 
by the reaction of barium chloride [10361-37-2], BaCly, and sodium chlorate in 
solution. Barium chlorate precipitates on cooling and is purified by recrystalliz- 
ing. It is used in pyrotechnics. 
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Lithium chlorate [13453-71-9], LiClO3, has rhombic needles; mp 124-— 
129°C; decomposes on heating to 270°C. It is one of the most soluble salts 
known and it is very hygroscopic. LiClO3 is prepared by adding lithium chloride 
[7447-41-8] to sodium chlorate solution. Sodium chloride precipitates, the liquor 
is concentrated, and the lithium chlorate is filtered and dried. It has limited use 
in pyrotechnics. 
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PERCHLORIC ACID AND 
PERCHLORATES 


1. Introduction 


Perchloric acid [7601-90-3], HC1Oz, is one of the strongest of the mineral acids. 
The perchlorates are more stable than the other chlorine oxyanions, ie, chlorates, 
ClO~3; chlorites, ClO~,; or hypochlorites, OCI” (3) (see DICHLORINE MONOXIDE, 
HYPOCHLOROUS ACID, AND HYPOCHLORITES). Essentially, all of the commercial perchlo- 
rate compounds are prepared either directly or indirectly by electrochemical oxi- 
dation of chlorine compounds (4—8) (see CHLORINE; ELECTROCHEMICAL PROCESSING, 
INTRODUCTION). The perchlorates of practically all the electropositive metals are 
known, except for a few cations having low charges. 

The most outstanding property of the perchlorates is their oxidizing ability. 
On heating, these compounds decompose into chlorine, chlorides, and oxygen 
gas. Aqueous perchlorate solutions exhibit little or no oxidizing power when 
dilute or cold. However, hot concentrated perchloric acid is a powerful oxidizer 
and whenever it contacts oxidizable matter extreme caution is required. The 
acidified concentrated solutions of perchlorate salts must also be handled with 
caution. Ammonium perchlorate [7790-98-9] (AP) is one of the most important 
perchlorates owing to its high (54.5%) Oz content and the absence of residue 
on decomposition. These properties, along with a long shelf life, make it a useful 
rocket propellant (see EXPLOSIVES AND PROPELLANTS) (9). AP is a true explosive as 
demonstrated by the explosion at the PEPCON plant at Henderson, Nevada, 
in 1988 (10). 

Following early (1890s) work (11), France, Germany, Switzerland, and the 
United States began to produce perchlorates for use as propellants and explo- 
sives. Whereas total world production of perchlorates did not exceed 1800 t/yr 
until 1940, it increased dramatically during World War II to about 18,000 t/yr 
in order to supply the rocket and missile industries. Actual perchlorate produc- 
tion is difficult to determine in any given year, because AP is classified as a stra- 
tegic material. Future production is expected to depend mostly on space 
programs. 


2. Properties 


2.1. Chlorine Heptoxide. The anhydride of perchloric acid is chlorine 
heptoxide [10294-48-1], Cl,O7, also known as dichlorine heptoxide. It is obtained 
as a colorless oily liquid by dehydration of perchloric acid using a strong dehy- 
drating agent such as phosphorus pentoxide, P2O; (12,13): 


2 HC1O, + P2Os—->Cl,O7 + 2 HPO3 (1) 


The Cl,07 decomposes spontaneously on standing for a few days. The acid dehy- 
dration reaction requires a day for completion at —10°C and explosions can occur. 
Upon ozonation of chlorine or gaseous ClOg at 30°C, Cl,O7 is formed (13). 
Chlorine heptoxide is more stable than either chlorine monoxide or chlorine 
dioxide; however, the Cl2O7 detonates when heated or subjected to shock. It 
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melts at —91.5°C, boils at 80°C, has a molecular weight of 182.914, a heat of 
vaporization of 34.7 kJ/mol (8.29 kcal/mol), and, at 0°C, a vapor pressure of 
3.2 kPa (23.7 mm Hg) and a density of 1.86 g/mL (14,15). The infrared spectrum 
is consistent with the structure O3;ClIOCIO3 (16). Cl,O7 decomposes to chlorine 
and oxygen at low (0.2—10.7 kPa (1.5—80 mm Hg)) pressures and in a tempera- 
ture range of 100—120°C (17). It is soluble in benzene, slowly attacking the sol- 
vent with water to form perchloric acid; it also reacts with iodine to form iodine 
pentoxide and explodes on contact with a flame or by percussion. Reaction with 
olefins yields the impact-sensitive alkyl perchlorates (18). 

2.2. Perchloric Acid. Pure anhydrous perchloric acid, HC1O,, is quite 
unstable. In aqueous solution, however, HClO, is a familiar and useful reagent. 
The acid is the strongest simple acid and the perchlorate ion the least polarizable 
negative ion known. Perchloric acid is commonly obtained as an aqueous solu- 
tion, although the pure anhydrous compound can be prepared by vacuum distil- 
lation as a colorless liquid, which freezes at —112°C and boils at 16°C at 2.4 kPa 
(18 mm Hg) without decomposition. The pure acid cannot be distilled at ordinary 
pressures and explodes at 90°C after standing at room temperature for 10—30 
days. The aqueous solution can be concentrated by boiling at 101 kPa (1 atm) 
at 203°C, at which point an azeotropic solution is attained which contains 
72.4% HClO,. For purification by distillation, reduced pressure is needed 
below 200 mm to avoid partial decomposition to chlorine, chlorine oxides, and 
oxygen (19-24). 

A number of hydrates of perchloric acid, HC1O4-nH20, where n = 1, 2, 2.5, 3, 
and 3.5, are known. These are commonly referred to as the hydronium or oxo- 
nium perchlorates, Hz0*C1O 4, because of the analogy between the x-ray pat- 
terns of these species and ammonium perchlorate. Commercial 72% perchloric 
acid contains only slightly more water than the dihydrate (25). When cold or 
dilute, perchloric acid is a weak oxidizing agent. When hot and concentrated, 
however, its oxidizing power increases to the point that it can act explosively 
in the presence of a reducing agent (26). 

The combination of oxidizing effect, acidic strength, and high solubility of 
salts makes perchloric acid a valuable analytical reagent. It is often employed 
in studies where the absence of complex ions must be ensured. The value of 
wet ashing techniques, in which perchloric acid is used to destroy organics 
prior to elemental analysis for the determination of trace metals in organics, 
has been well established (see TRACE AND RESIDUE ANALYSIS). 

Perchloric acid can be prepared by the treatment of perchlorates with sul- 
furic acid followed by distillation. A modification of the procedure (21) involves 
the reaction of ammonium perchlorate with nitric and hydrochloric acids, and 
then concentration at 198—200°C to eliminate the unreacted acids by vacuum 
distillation: 


34 NH,Cl1O,4 + 36 HNO; + 8 HC]—-34 HClO, + 4 Cle + 35 N2gO + 73 H,O (2) 


The electrolytic oxidation of chlorate to perchloric acid is also feasible (27). 
Perchlorates are commonly prepared by electrolytic oxidation of chlorates: 
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H,0O—O +2H*+2e (3) 
HCI1O; + O' —-HCIO, (4) 


Electrochemical perchloric acid formation begins at 2.4 volts and reaches a max- 
imum at 2.8—2.9 volts; lowering the temperature to —20°C can accelerate the 
process significantly (28). 

When solid potassium chlorate is carefully heated, it can be transformed 
into perchlorate thermally: 


4 KC1O;—+3 KCl0, + KCl (5) 


2.3. Ammonium Perchlorate. Heats of formation for the metal per- 
chlorates are nearly the same as those for the corresponding chlorides, so that 
the reaction 


MC1O4—MCI + 2 Os (6) 


takes place with little net energy change. It is for this reason that the perchlo- 
rates, especially those of the light metals and ammonium ion, are favored as solid 
oxidizers for rocket propellants. 

Ammonium perchlorate is a colorless, crystalline compound having a den- 
sity of 1.95 g/mL and a molecular weight of 117.5. It is prepared by a double dis- 
placement reaction between sodium perchlorate and ammonium chloride, and is 
crystallized from water as the anhydrous salt. 

Because of the use of ammonium perchlorate as a solid oxidizer for rocket 
propellants, the thermal decomposition has been much studied (29-32). Three 
separate activation energies have been observed for AP decompositions: an acti- 
vation energy of 123.8 kJ/mol (29.6 kcal/mol) is found below 240°C; of 79.1 kJ/mol 
(18.9 kcal/mol) above 240°C; and finally, of 307.1 kJ/mol (73.4 kcal/mol) between 
400—440°C (33,34). Below 300°C, the equation 


4 NH,ClO4—2 Cle + 3 O2 + 8 H20 + 2 NoO (7) 


represents the primary products. Above 300°C, the proportion of nitric oxide 
increases; and above 350°C, the gas analysis suggests the following (32): 


10 NH,ClO,—2.5 Cly + 2.5 NOC] + HClO, + 1.5 HCl + 18.75 H,O + 1.75 No 
+ 6.375 O2 +2N2O (8) 


In commercial manufacture of ammonium perchlorate, sodium perchlorate 
can be the starting material. The ammonium ion can be contributed by such 
materials as ammonium chloride, sulfate, and nitrate, eg, the metathetical reac- 
tion of sodium perchlorate and ammonium chloride: 


NaClO, + NH,;Cl—-NH,Cl0, + NaCl (9) 
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In a modification of equation 9 (35), 
NH3 + HCl + NaClO,—>NH,C10, + NaCl (10) 


A newer approach developed for producing commercial quantities of high 
purity AP (8,36) involves the electrolytic conversion of chloric acid [7790-93-4] 
to perchloric acid, which is neutralized by using ammonia gas: 


HClO; + H,O—-HCI0, + He (11) 
HClO, + NH; -NH,Cl0, (12) 


The ammonium perchlorate solution is spray-dried to the desired crystal 
size at air temperatures below 150°C and crystal temperatures of about 110°C. 
This procedure provides a pure product having a controlled grain size. Prior 
mechanical and thermal treatment affects the isothermal decomposition of AP 
at 215—235°C (87). 

2.4. Alkali Metal Perchlorates. The anhydrous salts of the Group 1 
(IA) or alkali metal perchlorates are isomorphous with one another as well as 
with ammonium perchlorate. Crystal structures have been determined by optical 
and x-ray methods (38). With the exception of lithium perchlorate, the com- 
pounds all exhibit dimorphism when undergoing transitions from rhombic to 
cubic forms at characteristic temperatures (33,34). Potassium perchlorate 
[7778-74-7], KC1O4, the first such compound discovered, is used in pyrotechnics 
(qv) and has the highest percentage of oxygen (60.1%). 

The alkali metal perchlorates are either white or colorless, and have 
increasing solubility in water in the order of Na>Li>NH,>K>Rb>Cs. The 
high solubility of sodium perchlorate, NaClO,, makes this material useful as 
an intermediate for production of all other perchlorates by double metathesis 
reactions and controlled crystallization. 

2.5. Group 11 (IB) Perchlorates. Copper and silver perchlorates have 
been studied quite extensively. Copper(I) perchlorate [17031-33-3], CuClO4, and 
copper(II) perchlorate [13770-18-8], Cu(ClO4)s, form a number of complexes with 
ammonia, pyridine, and organic derivatives of these compounds. The copper per- 
chlorate is an effective burn-rate accelerator for solid propellants (39). 

The silver perchlorate [7783-93-9] salt, AgC]O4, is deliquescent and forms a 
light-sensitive monohydrate that can be dehydrated at 43°C and is soluble in a 
variety of organic solvents. Explosions of silver perchlorate have been reported 
(40—42). Gold forms organic perchlorate [42774-61-8] complexes as well as com- 
plexes with silver, eg, (CgHs)3sAgAu(CeFs5)oClOx4. 

2.6. Alkaline-Earth Perchlorates. Anhydrous alkaline-earth metal 
perchlorates can be prepared by heating ammonium perchlorate in the presence 
of the corresponding oxides or carbonates (43). The hydrates can be prepared by 
treatment of the metal oxides or various salts with aqueous perchloric acid (44). 
The alkaline-earth perchlorates are unusually soluble in organic solvents (44). 
The basic salts M(OH)C10,, where M is Mg, Ca, or Ba, have also been prepared 
and characterized (45). Beryllium perchlorate [39455-86-2], Be,O(ClO4)¢, has 
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been prepared by allowing the BeCl, salt and HC1O, to react or by heating BeCl, 
and HC1O,-H,0O at 60°C (46). The dihydrate forms. 

2.7. Group 12 (IIB) Perchlorates. The zinc perchlorate [13637-61-1], 
cadmium perchlorate [13760-37-7], mercury(I) perchlorate [13932-02-0], and 
mercury(II) perchlorate [7616-83-3] all exist. Cell potential measurements 
show that zinc and cadmium perchlorates are completely dissociated in concen- 
trations up to 0.1 molar in aqueous solutions (47—49). Mercurous perchlorate 
forms a tetrahydrate that can be readily converted to the dihydrate on heating 
to above 36°C (50). 

2.8. Group 13 (IIIA) Perchlorates. Perchlorate compounds of boron 
and aluminum are known. Boron perchlorates occur as double salts with alkali 
metal perchlorates, eg, cesium boron tetraperchlorate [83152-95-3], Cs(B(C1O4)4) 
(51). Aluminum perchlorate [14452-95-3], Al(ClO.4)3, forms a series of hydrates 
having 3, 6, 9, or 15 moles of water per mole of compound. The anhydrous salt 
is prepared from the trihydrate by drying under reduced pressure at 145—155°C 
over P,Os (52). 

2.9. Group 3 (IIIB) and Inner Transition-Metal Perchlorates. The 
rare-earth metal perchlorates of yttrium and lanthanum have been reported 
(53). Tetravalent cerium perchlorate [14338-93-3], Ce(ClO4)4, and uranium per- 
chlorate have also been identified (54). 

2.10. Group 14 (IVA) Perchlorates. Perchlorates containing organic 
carbon have been reported, as have diazonium perchlorates, oxonium perchlo- 
rates, and the perchlorate esters (55-57). Extreme caution must be used in work- 
ing with organic perchlorates; many decompose violently when heated, contacted 
with other reagents, or subjected to mechanical shock. The diazonium perchlo- 
rate of p-phenylenediamine, ClO4No(CgH4)N2ClO,4, was reported in 1910 to be 
the most explosive substance known (58). 

2.11. Group 4 (IVB) Perchlorates. Titanium tetraperchlorate [13498- 
15-2] sublimes at 70°C, decomposes on aging in a vacuum, and explodes when 
heated at atmospheric pressure to 130°C (59). 

2.12. Group 15 (VA) Perchlorates. Nitrogen perchlorates have been 
used as oxidizers in rocket propellants. Hydrazine perchlorate [13762-80-6], 
NH2NH3C10,, and hydrazine diperchlorate, CIO,NH3NH3C10,, have been inves- 
tigated as oxidizers for propellant systems (60). Anhydrous salts can be recrys- 
tallized from ethanol, where the monoperchlorate adduct melts at 137—138°C 
and begins to decompose at 145°C. Deflagration results with rapid heating; vio- 
lent detonation occurs with mechanical impact, shock, or friction. 

Nitronium perchlorate, NO2gC1Ox,, also called nitryl or nitroxyl perchlorate, 
is prepared by reaction of dinitrogen pentoxide and anhydrous perchloric acid. 
This nitrogen-containing perchlorate reacts vigorously with many organic 
compounds, explosively with some (61). Nitrosyl perchlorate [15605-28-4], 
NOCIO,, is found from Raman spectroscopy to be composed of NO* and ClO,~ 
ions in an orthorhombic crystal structure of density 2.169 g/mL (62-64). 
Reaction with water produces nitrogen oxides; reaction with methanol, nitro- 
methane. The NOCIO, is made by passing nitric oxide and nitrogen dioxide in 
72% perchloric acid. The anhydrous salt is obtained by partially drying the 
hydrate over P,O; in an atmosphere of nitrogen oxides followed by desiccation 
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in vacuum. Decomposition occurs at 100°C according to the following reaction: 


2 NOCIO,—-2 ClO2g + NoOs + 0.5 Oo (18) 


Phosphonium perchlorate, P(OH)4C1O4, can be formed as a crystalline pro- 
duct that melts at 46—-47°C. This compound is obtained by mixing phosphoric 
and perchloric acids (65). 

2.13. Group 5 (VB) Perchlorates. Vanadyl perchlorate [67632-69-3], 
VO(C104)3, has been prepared in the cold (—45 to 20°C) by the following reaction 
(66): 


VOCI; + 3 Clp0,—VO(C10,),+3 Cle (14) 


2.14. Group 16 (VIA) Perchlorates. A perchlorate compound per- 
chloryl sulfate [43059-05-8], SO4(ClO4)2 was produced by the low temperature 
electrolysis of a 12-N H2SO, and 3-N HC1O, solution. This compound is a strong 
oxidizer; reaction with toluene, acetone, benzene, or alcohol at room temperature 
produces an exothermic and explosive reaction. The SO,4(ClO,4)2 is soluble in 
Freon and CCl, without reaction (67). 

2.15. Group 6 (VIB) Perchlorates. Both divalent and trivalent chro- 
mium perchlorate compounds [13931-95-8; 13527-21-9] have been reported. 
Anhydrous chromy] perchlorate [60499-74-3] has been prepared in the cold: 


CrO2Cly + 2 ClpO,—2 Clp + CrO2(C10,), (15) 


Chromyl perchlorate has been suggested for a gas-generating system operating 
at —45°C (66). 

2.16. Group 17 (VIIA) Perchlorates. Fluorine perchlorate [37366-48- 
6], FC1Ox, is formed by action of elemental fluorine and 60—70% aqueous perchlo- 
ric acid solution (68). The compound is normally a gas. It melts at —167.5°C and 
boils at —15.9°C. It is extremely reactive and explosive in all states. 

The perchloryl fluoride [7616-94-6], FClOs, the acyl fluoride of perchloric 
acid, is a stable compound. Normally a gas having a melting point of —147.7°C 
and a boiling point of —46.7°C, it can be prepared by electrolysis of a saturated 
solution of sodium perchlorate in anhydrous hydrofluoric acid. Some of its uses 
are as an effective fluorinating agent, as an oxidant in rocket fuels, and as a gas- 
eous dielectric for transformers (69). 

2.17. Other Transition Element Perchlorates. Both divalent and tri- 
valent manganese perchlorate compounds [13770-16-6; 13498-03-8] are known. 
Perchlorates of Fe, Co, Ni, Rh, and Pd have been produced as colored crystals 
(70-72). 

The perchlorate ion, ClO 4, is considered to be noncoordinating in the pre- 
sence of water. When water is rigorously excluded, anhydrous complexes such as 
Ni(CH3CN),(ClO4)e, where n is 2, 4, or 6, can be prepared. Perchlorate complexes 
of Ni, Co, Cu, and Sn have been reported. In each case, however, an organic 
group such as CH3CN, CHs, or pyridyl is involved (73-76). 
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3.1. Perchloric Acid. Several techniques have been employed in the 
manufacture of perchloric acid, including thermal decomposition of chloric acid 
(77), anodic oxidation of chloric acid (8), irradiation of chlorine dioxide solutions 
(78), electrolysis of hydrochloric acid (79), oxidation of hypochlorites by ozone (qv) 
(80), ion exchange (qv), and electrodialysis of perchlorate salts (81). Perchloric 
acid is commercially manufactured by reacting saturated solution of sodium per- 
chlorate with hydrochloric acid (9,82). Precipitated sodium chloride is separated 
from the dilute solution (32% by weight HC1O,) by filtration, and the solution is 
concentrated to 70% by weight via vacuum distillation. Another commercial 
manufacturing process involves the anodic oxidation of gaseous chlorine dis- 
solved to about 3 g/L in 40% by weight HClO, at —5°C (83). The electrolysis is 
carried out in a filter-press-type diaphragm-separated horizontal electrolyzer. 
Platinum foil titanium anodes and silver cathodes are operated at 2.5—5.0 kA/ 
m” (see METAL ANODES). The cell operates at 4.4 V at a current efficiency of 
60%. The power required to transfer seven electrons at these conditions is 
9600 kWh/t of perchloric acid. The platinum coating dissolves at the anode and 
redeposits at the cathode at an estimated rate of about 0.025 g/t of 70% perchloric 
acid. The high purity product manufactured by this process further allows unu- 
sual perchlorates to be prepared by direct conversion with perchloric acid. 

Highly pure perchloric acid can also be produced by a patented electroche- 
mical process in which 22% by weight hypochlorous acid is oxidized to chloric 
acid in a membrane-separated electrolyzer, and then additionally oxidized to per- 
chloric acid (8,84). The desired electrochemical oxidation takes place in two 
stages: 


2 H,0 + 4 HOCI—>Cly + 2 HClO; + 6e + 6 H* (16) 
HC103 + HgO—+HClO0,4 + 2e7 + 2 H* (17) 


The anode and cathode chambers are separated by a cation-permeable 
fluoropolymer-based membrane (see MEMBRANE TECHNOLOGY). Platinum-electro- 
plated high surface area electrodes sold under the trade name of TySAR (Olin) 
(85,86) were used as the anode; the cathode was formed from a two-layer Hastel- 
loy (Cabot Corp.) C-22-mesh structure having a fine outer 60-mesh structure 
supported on a coarse inner mesh layer welded to a backplate. The cell voltage 
was 3.3 V at 8 kA/m”, resulting in a 40% current efficiency. The steady-state per- 
chloric acid concentration was about 21% by weight. 

3.2. Perchlorates. Historically, perchlorates have been produced by a 
three-step process: (1) electrochemical production of sodium chlorate; (2) electro- 
chemical oxidation of sodium chlorate to sodium perchlorate; and (3) metathesis 
of sodium perchlorate to other metal perchlorates. The advent of commercially 
produced pure perchloric acid directly from hypochlorous acid means that sev- 
eral metal perchlorates can be prepared by the reaction of perchloric acid and 
a corresponding metal oxide, hydroxide, or carbonate. 
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Sodium Perchlorate. The electrochemical oxidation of sodium chlorate is 
carried out at the anode in an undivided cell according to the following reaction: 


ClO; + H,0—-ClO; +2 Ht +2e- (18) 


The standard potential for the anodic reaction is 1.19 V, close to that of 1.228 V 
for water oxidation. In order to minimize the oxygen production from water oxi- 
dation, the cell is operated at a high potential that requires either platinum- 
coated or lead dioxide anodes. Various mechanisms have been proposed for the 
formation of perchlorates at the anode, including the discharge of chlorate ion to 
chlorate radical (87—89), the formation of active oxygen and subsequent forma- 
tion of perchlorate (90), and the mass-transfer-controlled reaction of chlorate 
with adsorbed oxygen at the anode (91-93). Sodium dichromate is added to 
the electrolyte in platinum anode cells to inhibit the reduction of perchlorates 
at the cathode. Sodium fluoride is used in the lead dioxide anode cells to improve 
current efficiency. 

The kinds of cathodes used in industrial electrolyzers are iron, steel, or 
bronze. The cell tank is always constructed as the cathode and is always nega- 
tively charged to prevent cathodic corrosion. In all processes, heat must be 
removed from the electrolyte either by cooling the internal cell or by circulating 
through an external heat exchanger. Table 1 gives the operating data for a typi- 
cal perchlorate cell. 

The electrolyte feed to the cells is pretreated to remove impurities, and/or 
additives are added to the feed to improve cell performance (94). The cell liquor 
leaving the cell is evaporated, crystallized, and centrifuged to remove solid 
sodium perchlorate. The clarified cell liquor can undergo reaction in a double 
metathesis reactor to produce NH,ClO,, KC1O,, or other desired perchlorates. 

A recent patent describes the production of sodium perchlorate by electro- 
lysis of an aqueous solution of sodium chlorate. The solution is subjected to 
vacuum evaporation. Sodium perchlorate crystals are produced that exhibit 
good pourability (102). Producers have developed specific cell configurations to 
optimize electricity consumption, cell capital, and operating costs. 

Ammonium Perchlorate. The commercial AP product is manufactured by 
the double-exchange reaction of sodium perchlorate and ammonium chloride 
(103,104). 


NaClO, + NH,Cl—-NH,Cl0, + NaCl (19) 


Ammonia, hydrochloric acid, and sodium perchlorate are mixed and the reaction 
mixture crystallized in a vacuum-cooled crystallizer. Ammonium perchlorate 
crystals are centrifuged, reslurried, recentrifuged, and then dried and blended 
for shipment. Mother liquor is evaporated to precipitate sodium chloride and 
the depleted mother liquor is recycled to the reactor. The AP product made by 
this method is 99% pure and meets the specifications for propellant-grade ammo- 
nium perchlorate. The impurities are ammonium chloride, sodium perchlorate, 
ammonium chlorate, and water insolubles. 
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Extremely high purity ammonium perchlorate can be made by the direct 
reaction of ammonia and pure perchloric acid solution (8,36): 


NH; + HClO, NH. C10, (20) 


The reaction mixture can either be crystallized, centrifuged, and dried, or spray- 
dried and cyclone-separated to produce a fine crystalline powder having a parti- 
cle size of 50 um. Metal analysis of the AP produced by this method is reported to 
be less than 0.02 ug/g. 


4. Shipping and Handling 


Perchloric acid and perchlorates are classified as strong oxidizers and emit toxic 
fumes when decomposed; contact with combustible, flammable, or reducing 
materials must be avoided. Perchloric acid and perchlorates must be shipped 
in accordance with the U.S. Department of Transportation hazardous material 
regulations (105). The maximum shippable quantity, type of packaging, allow- 
able carriers, and other requirements are specified in these regulations. Some 
perchlorates may not be shipped by a public carrier, passenger-carrying aircraft, 
or railroad. Handling these compounds requires the procedures and safety pre- 
cautions specified by the product supplier. Perchlorates contain a self-sustaining 
source of oxygen, thus fires involving perchlorates must be extinguished with 
water. A class of more hazardous compounds is formed by mixing inorganic per- 
chlorates with finely divided metals, sulfur, or organic compounds and must be 
handled with the same precautions as explosives. 


5. Economic Aspects 


Anhydrous perchloric acid is not sold commercially. Aqueous solutions of per- 
chloric acid are sold at low concentrations for analytical standard applications 
and at concentrations up to 70%. The price for 70% perchloric acid varies and 
starts at $2.70/kg, depending on the quantity and level of impurities. 

The U.S. production varies, based on the requirements for solid propellants. 
Environmental effects of the decomposition products, which result from using 
solid rocket motors based on ammonium perchlorate-containing propellants, 
are expected to keep increasing public pressure until consumption is reduced 
and alternatives are developed. NH,C10,-equivalent cell liquor is sold to produce 
magnesium and lithium perchlorate for use in the production of batteries. 


6. Analytical Methods 


Thermal decomposition of perchlorate salts to chloride, followed by the gravi- 
metric determination of the resulting chloride, is a standard method of determin- 
ing quantitatively the concentration of perchlorates. Any chlorates that are 
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present in the original sample also break down to chloride. Thus results are 
adjusted to eliminate errors introduced by the presence of any chlorides and chlo- 
rates in the original sample. 

The qualitative determination of water-soluble perchlorates by precipita- 
tion using methylene blue yields a violet precipitate (106). Using potassium, 
rubidium, or cesium salts for precipitation from ethanol—water solutions can 
serve as a qualitative determination of perchlorates (107). Tetraphenylarsonium 
chloride (108) has also been used for the precipitation of the perchlorate ion in 
gravimetric analysis. 

Ion-specific electrodes can be used for the quantitative determination of 
perchlorates in the parts per million (ppm) range (109) (see ELECTROANALYTICAL 
TECHNIQUES). This method is linear over small ranges of concentration, and is 
best applied in analyzing solutions where interferences from other ionic species 
do not occur. 

A practical method for low level perchlorate analysis employs ion chroma- 
tography. The unsuppressed method using a conductivity detector has a lower 
detectable limit of about 10 ppm. A suppression technique, which suppresses 
the conductivity of the electrolyte but not the separated ions, can further improve 
sensitivity (110,111). Additionally, ion chromatography can be coupled with 
indirect photometric detection and applied to the analysis of perchlorates (112). 


7. Health and Safety Factors 


Perchlorates are unstable materials and are an irritant to the body whenever 
they come in contact with it. Skin contact must be avoided. They are flammable 
by chemical reaction and are powerful oxidizers. All perchlorates are potentially 
hazardous when in contact with reducing materials (118). 

Perchloric acid is a poison by ingestion and subcutaneous routes. It is a 
severe irritant to eyes, skin, mucous membranes. Ammonium perchlorate and 
sodium perchlorate are moderately toxic by ingestion and parenteral routes. 

The United States Food and Drug Administration has begun to determine 
the perchlorate levels in soil, ground water, irrigation water and foods to evalu- 
ate any toxic effects. The study is due to be complete in 2005. See Ref. 14 for 
information. 


8. Uses 


Perchloric acid is used in analytical chemistry for the determination of trace 
metal constituents in oxidizable substances as well as in the production of 
high purity metal perchlorates; it has also been introduced as a stable reaction 
media in the thermocatalytic production of chlorine dioxide (115). Perchlorates 
are primarily used in ammonium perchlorate as an oxidizer in the formulations 
of propellant for solid rocket motors. Perchlorates are used in the production of 
explosives, pyrotechnics, and in solid, slurried, and gelled blasting formulations. 
Both magnesium and lithium perchlorates are used in dry batteries. Ammonium 
perchlorate has been reported as a gas generating component in inflatable 
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restraint systems (116). Other perchlorates have found application in oxygen- 
generation systems (qv) (117), adhesive bonding of steel plates (118), and the 
recovery of potassium from brines such as KC]O,4 (see CHEMICALS FROM BRINE) 
(119). 
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Table 1. Sodium Perchlorate Cell Operating Information” 


current, A 
current density, kA/m? 
cell potential, V 
anode 
cathode 
anode—cathode spacing, cm 
current efficiency, % 
temperature, °C 
pH 
sodium dichromate concentration, g/L 
electrolyte concentration, g/L 
initial 
NaClO3 
NaClO, 
end 

NaClO; 

NaClO, 
energy consumption, kWh/kg of NaClO4 
platinum consumption, g/t of NaClO4 
operation mode 


500—5000 
1.5—-5.2 
4.8-6.8 
PbOz graphite, platinum, or Pt on copper 
bronze, stainless steel (316), or iron 
0.2-3 
90-97°; 85° 
30-60 
6-10 
0-5 


100—700 
0—700 


3-100 
500—1100 
2.45—-3.0 
2-7 
batch or continuous 


“Refs. (92—101). 
>Pt anodes. 
PbO, anodes. 
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1. Introduction 


Numerous chlorine oxides are known. How- 
ever, only two anhydrides of chlorine oxygen 
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acids, dichlorine oxide, Cl2O, and chlorine diox- 
ide, ClOzg, and two mixed anhydrides, dichlo- 
rine hexoxide, ClgO., and dichlorine heptox- 
ide, Cl2O7, are fairly stable under certain condi- 


2 Chlorine Oxides and Chlorine Oxygen Acids 


Table 1. Properties of chlorine oxides 


Dichlorine oxide 
[7791-21-1], ClaO 


Chlorine dioxide 
[10049-04-4], ClO2 


Dichlorine heptoxide 
[12015-53-1], Cl2O7 


Dichlorine hexoxide 
[12442-63-6], Cl2O6 


Oxidation state +1 +4 +6 +7 

M, 86.91 67.45 166.91 182.90 

Melting point, °C — 116 —59 $3.5 —90 

Boiling point, °C +2 +11 - 82 

Appearance yellow-brown gas, orange-yellow gas, red liquid oily, colorless liquid 
red-brown liquid red liquid 

Stability decomposes at unstable at ambient decomposes at decomposes slowly 


100 °C, explodes on 
heating or shock 


temperature 


melting point at ambient tempera- 


ture 


tions. Table | shows some important properties 
of these chlorine oxides. Other chlorine oxides, 
such as dichlorine dioxide [12292-23-8], Cl2O2, 
dichlorine trioxide [17496-59-2], Cl2O3, or 
dichlorine tetroxide [27218-16-2], Cl2O4, are 
unstable. 

The chlorine oxygen acids are formed by re- 
action of the corresponding chlorine oxides with 
water. 

Hypochlorous acid [7790-92-3], HCIO: 


Clp0+H20 —> 2HCIO 


Chlorous acid [13898-47-0], HC1O2: 


2 ClO2g +H20 —+ HC1O2 + HC1O3 


Chloric acid [7790-93-4], HC1Os: 


Cle0g +H20 —> HCIO3 +HClO4 


Perchloric acid [7601-90-3], HC1O.: 


CleO07 +H20 —> 2HC1O4 


Table 2 lists the thermodynamic properties of 
chlorine oxides, chlorine oxygen acids, and their 
sodium salts [1]. 

The oxidation power of individual chlo- 
rine oxygen compounds is characterized by the 
changes in the standard enthalpy AH° and Gibbs 
free energy AG® of the decomposition reactions 
forming molecular oxygen (Table 3). As shown 
in Table 3, the thermodynamic stability of chlo- 
rine oxygen acids and chlorine oxides increases 
with increasing oxidation state of the chlorine 
atom. Therefore, concentrated perchloric acid 
can be isolated, whereas all other oxygen acids 
are stable only in diluted form. The instability 
of the chlorine oxides and their acids determines 
their industrial significance. All chlorine oxygen 


compounds are strong oxidants; the strongest are 
those with the lowest oxidation state of the chlo- 
rine atom. 

Dichlorine oxide, Cl2O, chlorine dioxide, 
ClOg, all oxygen acids, and their salts, partic- 
ularly those of sodium and potassium, are used 
industrially. 


History. Soon after the discovery of chlorine 
in 1774, scientific and commercial interest was 
directed to the chlorine oxides, the chlorine oxy- 
gen acids, and their salts. 

Hypochlorite was first prepared in 1787 by 
C.L.BERTHOLLET by feeding chlorine into 
potash lye. This bleach liquor (eau de Javel) was 
soon applied in bleaching textiles and in paper- 
making. LABARRAQUE replaced potash lye by the 
cheaper soda lye (eau de Labarraque). 

Hypochlorite was prepared by electrolysis 
of sodium chloride as early as 1801. However, 
commercial electrochemical production did not 
start for a long time. 

At the beginning of the 20th century, the 
traditional routes to form bleach liquors [2] 
fell out of use by the rapidly expanding chlo- 
rine — caustic industry that made large quantities 
of cheap waste chlorine available. Within the last 
20 years, however, electrosynthesis has found a 
widespread revival and is today an alternative 
to chemical hypochlorite production wherever 
safety risks of small plants are decisive. 

In 1799 C. TENNANT and C. McINTOSH de- 
veloped a process for the production of bleach- 
ing powder by absorbing chlorine onto dry cal- 
cium hydroxide. This bleaching powder was 
much more stable than previously obtained 
bleaching products. In 1906, G.PisToR suc- 
ceeded in producing highly concentrated bleach- 
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Table 2. Thermodynamic properties of chlorine oxides, chlorine oxygen acids, and their salts at 25°C 


Compound Formula CAS registry number Statex AH? , kJ/mol AG?, kJ/mol 
Dichlorine oxide Cl2O [7791-21-1] g 80.3 97.9 
Chlorine dioxide ClO2 [10049-04-4] g 102.5 120.5 
Chlorine trioxide ClO3 [13932-10-0] g 155 - 
Dichlorine heptoxide Cl2zO7 [12015-53-1] 1 238.1 - 

g 272.0 - 
Hydrochloric acid HCl [7647-01-0] ao — 167.2 — 131.2 
Hypochlorous acid HCIO [7790-92-3] ao — 120.9 — 79.9 
Chlorous acid HCIO2 [13898-47-0] ao — 51.9 + 59 
Chloric acid HCIO3 [7790-93-4] ai — 104.0 — 7.95 
Perchloric acid HClO, [7601-90-3] ai — 129.3 — 8.52 
Sodium chloride NaCl [7647-14-5] ai — 407.3 — 393.1 
Sodium hypochlorite NaClO [7681-52-9] ai — 347.3 — 298.7 
Sodium chlorite NaClO2 [7758-19-2] ai — 306.7 — 244.7 
Sodium chlorate NaClO3 [7775-09-9] ai — 344.1 — 269.8 
Sodium perchlorate NaClO4 [7601-89-0] ai — 369.5 — 270.4 


* ao: undissociated solute in aqueous ideal solution at unit molality; ai: electrolyte in the hypothetical ideal solution at unit activity, 


dissociated into ions. 


Table 3. Thermodynamic data of oxygen-forming decomposition reactions of chlorine oxygen compounds at 25°C 


Reaction AH?®, kJ/mol AG°, kJ/mol 
Cls0 (g)+H20 —+ 2HCI (aq) + Oo (g) — 128.8 — 123.2 

4/5 ClOo (g)+2/5H20 —> 4/5 HCI (aq) + Oo (g) —1014 — 106.5 

4/7 C103 (g)+2/7H20 —> 4/7 HCI (aq) + Oo (g) — 102.4 

V/4Cl207 (1) + 1/4H20 —+ 1/4HCI (aq) +02 (2) — 716 

1/4.Cla0z (g) + 1/4H20 —> 1/4 HCI (aq) + O2 (2) — 80.1 

2 HCIO (aq) —> 2 HCI (aq) + O2 (g) — 92.5 — 102.7 
HCIO2 (aq) = —> HCI (aq) + O2 (g) — 1153 ~ 137.1 

2/3 HC1O3 (aq) —> 2/3 HCI (aq) + O2 (2) — 421 — $22 

1/2 C104 (aq) —> 1/2 HCI (aq) + Oo (2) — 18.9 — 614 


ing powder with more than 70 % available chlo- 
rine. 

R. CHEVENIX first made chlorine dioxide in 
1802 by the reaction of concentrated sulfuric 
acid and potassium chlorate, but the product was 
first identified by H. Davy and F. voN STADION 
in 1815/1816. CALVERT and Davies used oxalic 
acid instead of sulfuric acid in 1859 and obtained 
chlorine dioxide together with carbon dioxide, 
thus eliminating the explosion risk. This and the 
investigations of E. SCHMIDT in 1921 — 1923 [3] 
laid the ground to today’s extensive use of chlo- 
rine dioxide as a bleaching agent in the textile, 
pulp, and paper industry. 

J.R.GLAUBER probably prepared chlorate 
for the first time, but C.L. BERTHOLLET first 
made chlorate in 1787 by the reaction of chlorine 
with potassium hydroxide and identified it as 
the salt of chloric acid. The first electrochemical 
chlorate preparation was performed by W. voN 
HISINGER and J. J. BERZELIUs in 1802. In 1851 


a cell patent was granted to C. WaTT that had 
the essential features of later cells, but industrial 
production did not start before 1886. Originally, 
all cells were operated with an alkaline elec- 
trolyte until J. LANDIN added chromic acid to the 
electrolyte and solved the problem of cathodic 
hypochlorite reduction [4], [5]. Within the few 
years before and after 1900, scientific research 
focused on the mechanism of chlorate formation 
[6-12]; this was supplemented by numerous in- 
vestigations within the last 30 years. However, 
the detailed reaction mechanism is still a subject 
of scientific debate. 

The most important technological improve- 
ments were (1) the separation of the electro- 
chemical reactor from the chemical reactor in 
1933 (A. SCHUMANN-LECLERCQ) [13], (2) the 
utilization of the hydrogen formed at the cathode 
for “stirring” the electrolyte [14], and (3) the in- 
troduction of dimensionally stable titanium an- 
odes 20 years ago [15]. 
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F. von STADION first made perchlorates by 
oxidation of chlorate at platinum anodes in 1816; 
he also obtained perchloric acid by the reaction 
of concentrated sulfuric acid with potassium per- 
chlorate and by anodic oxidation of hydrochloric 
acid. Preparation of perchloric acid by electrol- 
ysis of dilute chloric acid was first carried out 
by J.J. BERZELIUs in 1835. Like all other elec- 
trochemical production methods, electrosynthe- 
sis of perchlorate and perchloric acid did not 
gain industrial significance before the end of the 
19th century. In 1890, O. CARLSON was granted 
a patent for electrochemical perchlorate produc- 
tion, and in 1895 he operated the first commer- 
cial plant in Sweden. The first methodic studies 
of the reaction fundamentals were initiated by 
German researchers in 1898 [16-18]. 


General Significance. The importance of 
chlorine oxygen compounds is based predom- 
inantly on their oxidizing power. For 200 years, 
after the lawn bleaching of textiles became ob- 
solete, the textile and paper industry has invari- 
ably been a main consumer of chlorine dioxide 
and hypochlorite. The importance of these prod- 
ucts has steadily grown in accordance with the 
expansion of the pulp and paper industry. Tradi- 
tional uses of chlorate as a herbicide or explosive 
became less important. On the other hand, the in- 
creasing demand for disinfection of process and 
drinking water and for sanitation in general has 
strongly favored the use of chlorine oxygen com- 
pounds. The importance of chlorinated lime as a 
disinfectant has declined. However, other chlo- 
rine oxygen compounds, above all hypochlorite, 
have grown. This trend was particularly favored 
by the danger of handling chlorine. Moreover, 
some of the chlorine oxygen compounds have 
found numerous novel uses that are reported in 
detail in the following chapters. 

Today, chlorate production is one of the most 
important inorganic electrosyntheses. In addi- 
tion, perchlorates are preferably made by elec- 
trochemical processes. On the basis of a deeper 
understanding of the chemical and electrochem- 
ical fundamentals and by introducing dimen- 
sionally stable anodes, design and operation of 
electrochemical plants have been revolutionized 
to such an extent that a modern electrochemical 
reactor has very little resemblance to a cell 20 
years ago. 


2. Hypochlorous Acid 


Hypochlorous acid [7790-92-3], HOCI, M, 
52.5, is only moderately stable in aqueous solu- 
tion. It is colorless when dilute and yellowish at 
higher concentrations. Hypochlorous acid is one 
of the most powerful oxidizing agents known. 

Hypochlorous acid solution decomposes 
exothermically. The main decomposition prod- 
ucts are hydrochloric acid and oxygen: 


2 HOC! —> 2 HCl+02 


Minor amounts of chlorine and chloric acid are 
also formed. 


Production. Hypochlorous acid is produced 
by the reversible reaction of chlorine and water: 


Clo +H20 = HOCI+ HCl 


For efficient conversion, hydrochloric acid must 
be removed from the equilibrium mixture. This 
is achieved by limestone, CaCOz3, soda ash, 
NagCOs, or calcium hypochlorite, Ca(OCl)2. 

One of the common ways to produce 
hypochlorous acid is to pass chlorinated water 
through towers packed with powdered limestone 
[19]. The overall reaction is as follows: 


2 Clg +2 H20+2 CaCO3 
—> 2HOCI+ CaCle + Ca(HCO3)2 


Calcium hydrogen carbonate present in the re- 
sulting solution provides the buffer needed to 
stabilize the product. Any hydrochloric acid still 
produced is removed by the reaction 


Ca(HCO3)2 +2 HCl —> CaCl2 +2 H20+2CO2 


Hypochlorous acid can also be prepared by pass- 
ing a mixture of dry chlorine and air through 
a column packed with yellow mercuric oxide, 
HgO. The resulting dichlorine oxide is dissolved 
in water to produce hypochlorous acid [20], [21]. 


Storage. Because of its limited stability, 
hypochlorous acid is best used soon after pro- 
duction. Its long-distance transport or interme- 
diate storage should be avoided. 

A solution containing less than 1 % 
hypochlorous acid can be stored in the dark over 
fairly long periods, provided that such metals as 
copper, nickel, or cobalt are absent. Solutions 
containing 30 % hypochlorous acid can also be 
stored, but at temperatures of —20°C or lower. 
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Uses. Because of its instability, hypochlor- 
ous acid is not used extensively as an oxidiz- 
ing or bleaching agent. It was used mainly in 
the water treatment industry for slime control, 
for treatment of drinking water, and for steril- 
ization of swimming pools. These applications 
have now been taken over by the more stable 
hypochlorites. 


3. Solid Hypochlorites 
3.1. Properties 


All solid hypochlorites are soft, white, dry pow- 
ders. Some are almost odorless; others smell 
more or less strongly of chlorine or hydrochlo- 
ric acid because of decomposition during stor- 
age (Eqs. 1-3). The stability of hypochlorites 
depends primarily on their water content, which 
is usually less than 1 %; tropical bleach contains 
even less than 0.3 %. They are stable up to 80°C, 
tropical bleach even up to 100°C. When heated 
to 180°C, they decompose into chloride and 
oxygen. Such metals as iron, nickel, or cobalt 
decrease the stability of hypochlorites. There- 
fore, the raw materials used for the production 
of hypochlorites must be free of such metals. 
Tropical bleach (< 0.3 % water) free of heavy 
metals has a shelf life of more than 2 years, if 
properly stored. 

If not properly stored in air-tight containers, 
hypochlorites suffer loss of available chlorine 
because of reaction with water: 


Ca(OCl)2 + CaCly +2H20 —+ 2Ca(OH)2+2Clo = (1) 


or reaction with carbon dioxide: 


Ca(OCl)2 + CaCl2 +2 CO2 —> 2 CaCO3 +2 Cle (2) 


or reaction with both: 


Ca(OCl)2 + CO2 + H20 —+ CaCO3 +2 HOCI (3) 


3.2. Production 


Bleaching Powder. Standard bleaching 
powder is a mixture of calcium hypochlorite 
[7778-54-3], Ca(OCl)2, calcium chloride, and 


calcium hydroxide containing varying amounts 
of water. It is made by passing chlorine over hy- 
drated lime. The Rheinfelden bleaching powder 
process of Dynamit Nobel is a batch operation 
[22]. Dry, powdered lime hydrate is chlorinated 
at 45°C and low pressure (5.3 kPa) in a hori- 
zontal reaction drum. Chlorine is injected as a 
liquid. The reaction mass is permanently mixed 
by a slowly rotating rake. The reaction of solid 
lime hydrate and chlorine leads to the formation 
of a mixture of dibasic calcium hypochlorite 
[12394-14-8], Ca(OCl)2 - 2 Ca(OH )a, and basic 
calcium chloride, corresponding to 40 % con- 
version of the available calcium hydroxide. The 
following equation characterizes the reaction 
[23], [24]: 


5 Ca(OH)2 +2Clo —> Ca(OCl)2 - 2Ca(OH)2 
+ CaClo Ca(OH)2 -H20+ H20 


On further chlorination, hemibasic cal- 
cium hypochlorite [62974-42-9], Ca(OCl)2 - 
1/2 Ca(OH )2, and neutral calcium chloride hy- 
drate are formed. After ca. 60 % of the avail- 
able calcium hydroxide has been converted, the 
bleaching powder reaction stops; this can be rep- 
resented by the following equation: 


10 Ca(OH)2 +6 Clg —>+ Ca(OCl)2 - 2 Ca(OH)2 
+2Ca(OCl)2 - 1/2 Ca(OH)2 + CaClz - Ca(OH)2 - H2O 


+2CaCl2 -H20+3H20 


The reaction is strongly exothermic, generat- 
ing 1100kJ of heat per kg of chlorine converted. 
This heat and the low pressure cause the wa- 
ter formed during the reaction and the liquid 
chlorine to evaporate. Consequently, the reac- 
tion mass is dried completely under vacuum at a 
maximum temperature of 85 °C. The product is 
standard bleaching powder of 35-37 % avail- 
able chlorine content (for definition, see Sec- 
tion 3.3). 

Gaseous chlorine can also be used for this 
reaction, but then the reaction takes 2—3 times 
longer, chlorine losses are higher, and the avail- 
able chlorine content of the product is smaller. 

Tropical Bleach. To reduce the water content 
further, finest ground quicklime, CaO, is added 
to the bleaching powder. It absorbs any water 
still present and is converted into calcium hy- 
droxide. Although this operation decreases the 
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available chlorine content by 1-2 %, the extra 
drying makes the resulting bleaching powder, 
known as tropical bleach, stable up to tempera- 
tures of 100°C. 

ICI has developed a continuous process for 
the production of bleaching powder, in which 
countercurrents of calcium hydroxide and chlo- 
rine react in a rotating drum [25]. The heat of 
reaction is removed by spraying the drum ex- 
ternally with water and by diluting the chlorine 
with cooled air; this gas stream also removes the 
water formed during the chemical reaction. 


High-Percentage Hypochlorite. Solid 
hypochlorites with 70 % and higher available 
chlorine contents can be prepared by chlorinat- 
ing slurries of such calcium compounds as cal- 
cium hydroxide, or bleaching powder. Initially, 
hemibasic calcium hypochlorite, Ca(OCl)2: 
1/2 Ca(OH)2, is formed. When further chlo- 
rinated, this gives neutral calcium hypochlorite 
dihydrate, Ca(OCl)2 - 2 H20, which is then dried 
to the desired high-percentage hypochlorite. 
In all of these reactions, calcium chloride is 
formed as a byproduct [26-28]. Some processes 
recover the calcium values by adding sodium 
hypochlorite to the slurries: 


2 NaOCl+CaClz —+ Ca(OCl)2 +2 NaCl 


In such cases, the product primarily consists of 
calcium hypochlorite, sodium chloride, and wa- 
ter, which is then removed [29]. 


Barium and Magnesium Hypochlorite. 
Barium hypochlorite [/3477-10-6], Ba(OCl)2, 
can be produced in large crystals with a max- 
imum available chlorine content of 59 %. It is 
more stable than calcium hypochlorite but also 
more expensive because of the high cost of raw 
materials. 

Magnesium hypochlorite [/0233-03-1], 
Mg(OC)pe, is extremely unstable and decom- 
poses when dried. 


3.3. Quality Specifications 


The term available chlorine content, also called 
active chlorine, represents the mass fraction of 
liberated chlorine in bleaching powder when 
bleaching powder reacts with hydrochloric acid. 


The following qualities of solid hypo- 
chlorites are available (content of available chlo- 
rine, wt %, in parentheses): tropical bleach 
(34-35), bleaching powder (35 — 37), and high- 
percentage hypochlorite (70). 


3.4. Uses (— Bleaching) 


In the paper industry, calcium hypochlorite is 
used in single-stage bleaching. The more ex- 
pensive sodium hypochlorite is used in the mul- 
tistage process, which involves chlorination, 
caustic extraction, and hypochlorite oxidation. 
Kraft pulp is processed to higher brightness and 
greater strength when sodium hypochlorite is 
used instead of calcium hypochlorite. 

For bleaching in laundry operations, bleach- 
ing powder is first suspended in water and then 
decanted. Only the solution is used because the 
insolubles could damage the fibers. 


4. Hypochlorite Solutions 


The reaction of gaseous chlorine with a slight 
excess of alkali produces highly concentrated 
hypochlorite solutions. Available chlorine con- 
centrations of 170-220 g/L can be obtained, or 
even more if the residual chloride concentration 
is lowered extremely [30]. Hypochlorite solu- 
tions are relatively safe and are often chosen 
instead of chlorine for bleaching, disinfection, 
biofouling control, and odor control. Concern 
regarding the safety hazards associated with liq- 
uid chlorine has grown. Several major cities now 
restrict transportation of chlorine within their 
boundaries, and a great deal of attention has fo- 
cused on accidents caused by the handling of 
liquid chlorine by unskilled labor [31]. This has 
increased the popularity of hypochlorite solu- 
tions in spite of their relatively high cost. 

An attractive alternative to the chemical 
production of hypochlorite solutions described 
above is the on-site electrolysis of brine or sea- 
water. Such processes are described in Section 
4.2. 


Stability. Hypochlorite solutions are more 
stable than solutions of hypochlorous acid, but 
they are active enough to be used as disinfectants 
or bleaching agents. The factors that affect the 
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stability of the parent acid also affect the stability 
of hypochlorite solutions: concentration, pres- 
ence of such metals as copper, nickel, or cobalt, 
pH, temperature, and exposure to light. 


Available Chlorine. When chlorine reacts 
with caustic soda, half of the chlorine is lost be- 
cause inert sodium chloride is formed: 


Clg +2 NaOH —> NaOCl+NaCl+H20O 


However, as an oxidant, sodium hypochlorite 
decomposes to sodium chloride and oxygen: 


NaOCl —> NaCl+[O] 


The oxidizing power of one oxygen atom is 
equivalent to that of two chlorine atoms. There- 
fore, the complete oxidizing power of the orig- 
inal chlorine is available in the hypochlorite 
solution; it is expressed in grams of available 
chlorine per liter of finished solution. Thus, the 
“available chlorine” of hypochlorite solutions 
compares the oxidizing power of the agent to 
that of the equivalent amount of elemental chlo- 
rine used to make the solution. 


4.1. Chemical Production 


A hypochlorite unit is attached to each chlor- 
alkali plant to render harmless the dilute chlorine 
that cannot be recovered economically. These 
units make most of the industrially produced 
hypochlorite solutions [32-34]. 

Beyond that, hypochlorite solutions with 
available chlorine contents higher than 5 g/L are 
made by passing chlorine gas through dilute so- 
lutions of sodium hydroxide or potassium hy- 
droxide. Calcium hydroxide suspensions may 
also be used, from which, after filtration or de- 
cantation, clear calcium hypochlorite solutions 
are obtained [35]. 


4.1.1. From Chlorine 


In the commercial production of hypochlorite 
solutions from chlorine gas and alkali solutions 
of various concentrations, the following condi- 
tions must be maintained. 


1) The temperature must be controlled at 
30-35°C. 


2) The solution must be alkaline at any stage. 

3) The equipment must provide for thorough 
mixing and escape of inert gas. 

4) Such heavy metals as manganese, iron, 
cobalt, nickel, or copper must be avoided in 
the system. 

5) Available chlorine contents of more than 
150 g/L should be avoided. The high decom- 
position rate of such concentrated solutions 
more than offsets any savings in transporta- 
tion [36]. 


Sodium or Potassium Hypochlorites. Fig- 
ure | shows a schematic diagram of a typical 
process for the commercial production of hypo- 
chlorite solutions. The continuous process can 
produce hypochlorite solutions of any available 
chlorine content between 0 and 150 g/L and any 
amount between zero and the designated capac- 
ity. The only parameters to be adjusted are the 
redox potential of the analyzer (b) and the de- 
sired dilutionof the caustic soda solution. For a 
given amount of chlorine coming in, the system 
automatically adjusts the caustic soda, process 
water, and hypochlorite solution flows into and 
out of the system. 

Chlorine gas, diluted with air, is introduced 
into the chlorination column (a), packed with 
Raschig rings. Caustic soda is diluted to the de- 
sired concentration with water. Tank (d) pro- 
vides for buffer capacity and homogenization. 
The pumps (e) circulate the mixture of caustic 
soda and sodium hypochlorite through the tita- 
nium heat exchanger (f), the chlorination column 
(a), and the tank (d). 

Any amount of chlorine between zero and 
the designated capacity is absorbed in the 
circulating caustic, producing sodium hypo- 
chlorite. When the available chlorine concentra- 
tion reaches the desired value, the analyzer (b) 
signals to open control valve (c) for the with- 
drawal of sodium hypochlorite to the storage 
tank (g). In this case, the liquid in tank (d) must 
be replenished by fresh caustic. 

The storage tank (g) is equipped with a cir- 
culation pump and a heat exchanger to keep the 
temperature of the stored hypochlorite solution 
below 35 °C. If necessary, the inert gas leaving 
column (a) can be scrubbed before entering the 
atmosphere. 
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To atmosphere 


Air 


Chlorine 


Hypochlorite 
solution 


Figure 1. Production of hypochlorite solution from chlorine and caustic soda 
a) Chlorination column; b) Analyzer; c) Control valve; d) Buffer tank; e) Pumps; f) Heat exchangers; g) Storage tank 


Materials of Construction. All pumps have 
rubber-lined steel casings and titanium pro- 
pellers. The heat exchangers are plated with ti- 
tanium. The tanks (d) and (g) are made from 
fiberglass-reinforced plastic [37]. The same ma- 
terial is used for the chlorination column and 
the pipes; chlorinated poly(vinyl chloride) is an 
alternative material for the pipes. 


Calcium Hypochlorite. If a solution of cal- 
cium hypochlorite is desired, milk of lime — a 
suspension of calcium hydroxide in water — is 
chlorinated. (The solubility of calcium hydrox- 
ide in water is 1.3 g/L at 20°C.) In that case, the 
plant described in Figure | must be modified to 
handle the solid phase. 

In addition to design changes in the equip- 
ment, no packing is needed in the chlorination 
column and the piping must be designed to en- 
sure that pockets are avoided where solid parti- 
cles can settle and block the pipes; a settler or 
filter is needed to remove all insoluble or sus- 
pended particles before a clear solution of cal- 
cium hypochlorite flows to the storage tank. 


4.1.2. From Bleaching Powder 
To avoid long-term storage of hypochlorite so- 


lutions, laundries prefer to store solid bleach- 
ing powder and then prepare the sodium hypo- 


chlorite solutions by using sodium carbonate, 
sodium sulfate, or caustic soda: 


CaCl(OCl) + NazCO3 —> NaOCl + NaCl+CaCO3 
CaCl(OCIl) +NazSO4 —> NaOCl +NaCl+CaSO4 


CaCl(OCl) +2 NaOH —+ NaOCl+ NaCl +Ca(OH)2 


A disadvantage of this method is the precip- 
itation of CaCO3, CaSO4, or Ca(OH), which 
requires filtering or settling before the hypo- 
chlorite solution can be used. 


4.2. Electrosynthesis 


On-site, electrochemical production of dilute 
hypochlorite solution has long been recognized 
as an option wherever long-term storage of 
hypochlorite is unnecessary; it is now rapidly 
gaining popularity [38]. Hypochlorite solutions 
with an available chlorine content of up to 10 g/L 
are commonly produced on the site in electro- 
chemical cells by using either prepared brine or 
natural seawater as feed. 


4.2.1. Reaction Fundamentals 


Electrolysis of sodium chloride yields chlorine 
at the anode: 


2Cl— —> Clo +2e 
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The final product depends on the operational 
conditions of the cell. In the production of chlo- 
rine gas, special care is taken to prevent mix- 
ing of anode and cathode products (—> Chlorine). 
Chlorine hydrolyzes and hypochlorous acid dis- 
sociates, forming hypochlorite and chloride in 
solution [39], [40]: 


Clo +H20 = HCIO+Cl~- +Ht 


HClO = ClO- +H+ 


The formation of hypochlorous acid and hypo- 
chlorite ceases when the electrolyte is saturated 
with chlorine and chlorine gas evolves at pH 
2-3. 

However, in the electrosynthesis of hypo- 
chlorite, as well as of chlorate, anolyte and 
catholyte are vigorously mixed. The hydroxyl 
ions formed at the cathode 


2H20+2e —+ 20H” +Hoe 


maintain the electrolyte near neutrality (pH 
7-9). Under this condition, the concentration 
of dissolved chlorine near the anode surface re- 
mains too low to permit evolution of gaseous 
chlorine, and hypochlorite is the main product. 
There are four main loss reactions that com- 
plicate industrial operation; they have been stud- 
ied to optimize the operating conditions [41], 
[42] and are described in the following para- 
graphs in more detail. 


Cathodic Reduction. Hypochlorite is re- 
duced at the cathode to form chloride: 


ClO~ +H20+2e —> Cl” +20H— 


The rate of this reaction is controlled by mass 
transfer and is, thus, linearly proportional to the 
overall hypochlorite concentration; it increases 
with flow rate and temperature [42-45]. 

Loss by cathodic reduction also occurs in 
chlorate production; in that case it is minimized 
by adding dichromate to the electrolyte (see Sec- 
tion 7.2.2). This remedy is not possible in the 
simple flow-through hypochlorite cells, and loss 
in commercial cells is considerable, as Figure 2 
shows. 

Several means are used to lower reduction 
loss. Smooth cathode surfaces are superior to 
rough surfaces [45]. Loss is also lowered by de- 
creasing the active area of the cathodes, thereby 


increasing the cathode current density. Cathodic 
reduction was greatly suppressed by decreas- 
ing the active area to ca. 1 % with a synthetic 
resin coating [42]; however, the attendant volt- 
age increase makes this approach industrially 
unattractive. Bubbles always cover a portion of 
the cathode surface and contribute to lower ca- 
thodic reduction. Hydrogen evolution increases 
cathodic reduction because its stirring action en- 
hances the mass transfer coefficient. Efforts to 
lower the mass transfer coefficient by cover- 
ing the cathode with a porous plastic have also 
been successful at suppressing cathodic reduc- 
tion [47]. Similarly, the inhibitory action of cal- 
cium chloride was related to the formation of in- 
soluble compounds on the cathode surface [48]. 


Anodic Oxidation. Anodic oxidation of 
hypochlorite to chlorate is used in industry and 
is described in detail in Section 7.3: 


3ClO~ +1.5H20 —> ClO; +3Ht 
+2Cl~ +0.75 02+3e 


This reaction is also controlled by mass transfer, 
and its rate increases with the hypochlorite con- 
centration. Because hypochlorite is decomposed 
at the anode and cathode, commercial on-site 
production is restricted to a maximum concen- 
tration of available chlorine of ca. 10 g/L; this is 
usually sufficient for disinfecting and deodoriz- 
ing water. The contribution of anodic oxidation 
to the overall loss can further be lowered by in- 
creasing the anodic current density; however, the 
anode lifetime may then decrease. The loss reac- 
tion may also depend on the anode material: di- 
mensionally stable anodes based on RuO2 were 
found to be more efficient than platinized tita- 
nium or graphite [42]. 


Anodic Water Electrolysis. This loss reac- 
tion competes with chlorine discharge, and its 
rate depends on the chloride concentration, var- 
ious mass transfer coefficients, and the nature of 
the anode material. 


H2O0 —> 1/202+2Ht +2e 


When NaCl concentrations are greater than 
100 g/L, the loss is small. However, a typical 
NaCl concentration in a modern brine cell is ca. 
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Figure 2. Current efficiency loss vs. available chlorine concentration (NaCI: 28 g/L, 25 °C, 1550 A/m?) [46] 


30 g/L, at which the rate of water decomposition 
is significant, as shown in Figure 2. 

When salt must be purchased, the conver- 
sion of chloride into hypochlorite must be max- 
imized. A typical on-site electrosynthesis from 
prepared brine consumes 3 —5 kg of salt per kg 
of available chlorine produced. The question of 
chloride consumption is meaningless where nat- 
ural seawater is used as a feed. However, in cases 
of low salinity or very cold seawater, oxygen 
evolution caused by anodic water electrolysis 
may decrease current efficiency by as much as 
40 % [49]. 

As in the case of chlorate synthesis, the na- 
ture of the anode material strongly influences 
the amount of water decomposition. Platinized 
titanium and dimensionally stable anodes based 
on RuOz, are more selective for chlorine evolu- 
tion, whereas PbO2 and graphite anodes have a 
greater tendency to evolve oxygen. 


Chemical Chlorate Formation. Autoxida- 
tion of hypochlorite to chlorate is the preferred 
route of commercial chlorate production (Sec- 
tion 7.3). The rate of this reaction depends on 
pH and temperature; in industrial hypochlorite 
production, it is minimized by keeping the tem- 
perature below 40°C and the pH above 7 [41]. 


4.2.2. Industrial Cells 


The number of companies offering hypochlorite 
cells has grown quickly in the past few years. 
Over 20 suppliers offer a wide variety of cell 
designs. They can all be classified into three ba- 
sic types: (1) tube cells, (2) parallel-plate cells, 
and (3) rotating or mechanical scraper-type cells. 
Of the modern hypochlorite cells, the tube cells 
were developed first. They generally consist of 
two concentric pipes, one being the anode and 
the other the cathode, with the annular space 
serving as the electrode gap. This type of cell 
may be operated under pressure and is well- 
suited for small applications. Parallel-plate cells 
achieve a much better packing of electrode area, 
and most large industrial installations use cells 
of this type. Only two of the manufacturers offer 
rotating or mechanical scraper-type cells. In the- 
ory, such cells should be able to operate indefi- 
nitely without deposit buildup, and would there- 
fore result in low maintenance cost. In practice, 
however, their extra mechanical action is dif- 
ficult to maintain, and such cells have not yet 
captured a significant market share. 

Seawater Cells. Cells designed to operate by 
using natural seawater are different from those 
using prepared brince. Cells using seawater tend 
to operate at a higher electrolyte flow rate and 
a wider electrode gap than brine cells to min- 
imize problems arising from cathode deposits. 
Seawater cells also produce a lower product con- 
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centration, typically solutions with an available 
chlorine content of 0.5—4.0 g/L. Hypochlorite 
concentration is kept low to maximize current 
efficiency whenever high salt usage is not a con- 
cern (see also Table 4). 


Table 4. Typical operational data of electrolytic cells for hypo- 
chlorite generation 


Parameter Brine Seawater 

feed feed 
Current density, A/m? 1500 1500 
Current efficiency, % 65 90 
Temperature, °C 


Concentration 
NaCl (cell entrance), g/L 
Available chlorine (cell exit), g/L 
Energy consumption, kW/h/kg 
of available chlorine 
Sodium chloride consumption, 
kg of NaCl per kg of available 
chlorine 


Water 
Salt 


Dilution 
water 


Figure 3. Typical layout for a brine hypochlorite cell system 
a) Automatic brine makeup; b) Brine storage tank; c) Water 
softener; d) Rectifier; e) Hypochlorite cell; f) Hypochlorite 
storage tank 


Brine Cells. Brine cells usually produce so- 
lutions with an available chlorine content of 
7-10 g/L to keep salt cost low. Most manufac- 


turers offer brine cells of the same design as 
their seawater cells, but electrolyte flow rate is 
lowered to maximize current efficiency at the 
higher concentration of available chlorine. Fig- 
ure 3 shows a flow diagram for a typical system 
designed for electrolysis using prepared brine. 
Although brine cells were developed first, they 
now have only a small share of the total on-site 
hypochlorite cell market. 

Table 4 shows typical operational data of sea- 
water and brine feed cells. 


Figure 4. Sanilec seawater electrolysis cell 

a) Molded polypropylene cell body; b) O-ring seal; c) Di- 
mensionally stable anodes; d) Seawater inlet; e) Clear 
acrylic cover (not shown) 


Sanilec System. Eltech System Corp. first 
offered the Sanilec system for seawater elec- 
trolysis in 1973. The cells are of a parallel-plate 
design (Fig. 4) and feature once-through opera- 
tion without recycle [31]. Cells producing 30, 
70, 140, or 155 kg/d can be banked in series 
to produce hypochlorite solutions of available 
chlorine concentrations up to 3.0 g/L. Full-load 
a.c. power consumption is as low as 4.1 kWh 
per kg of chlorine, partly because dimensionally 
stable anodes are used. These cells use cathodes 
made of nickel alloys and remove hydrogen pe- 
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Figure 5. Chloropac seawater cell 


a) Inlet; b) Cathode connector; c) Cathode; d) Anode connector; e) Anode; f) Bipolar electrode; g) Insulating flange 


riodically to lower power consumption. Typical 
operational data are shown in Table 4. 


Chloropac System. Englehard Minerals & 
Chemical Corp. produces tube cells with con- 
centric titanium pipes as anode and cathode un- 
der the trade name of Chloropac System [50]. 
These cells are designed for an operating pres- 
sure of 1000 kPa. They utilize a high seawater 
flow rate to minimize deposit formation. 

As shown in Figure 5, the electrodes are as- 
sembled in a bipolar arrangement, which is par- 
ticularly suited for smaller capacities. The pla- 
tinized titanium anodes are coated with 5 um of 
platinum and have good current efficiency for 
chlorine evolution. The power consumption is 
claimed to be 3.5-5.0 kWh per kg of chlorine. 


M.G.P.S. System. Mitsubishi Heavy In- 
dustries offers monopolar plate-type cells ar- 
ranged in series under the name of the M. G. P. S. 
system. The cell body is made from mild steel 
lined with rubber, and the system is well- 
suited for large industrial applications. Cathodes 
are made from titanium and anodes from pla- 
tinized titanium; precious metal oxide anodes 
are also used. The available chlorine concentra- 
tion ranges from 0.2 to 1.0 g/L, and the power 
consumption is reported to be 5.8kWh per kg 
of chlorine. 


Seaclor System. The Oronzio de Nora Sea- 
clor system features a bipolar parallel plate-type 
seawater cell [51] shown in Figure 6. Cathodes 
are made from titanium and anodes are based on 
RuOg. Hypochlorite solutions with an available 
chlorine content of up to 2.5 g/L are produced; 


power consumption is cited to be 3.4-4.5 kWh 
per kg of chlorine. The most notable feature of 
the Seaclor system is the size of the individual 
cells, which may be large enough to produce 
nearly 1000 kg/d. 
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Figure 6. Seaclor hypochlorite cell 
a) Inlet; b) PVC cell body with overlay; c) Bipolar electrode; 
d) Insulator 


Pepcon System. The Pepcon system made 
by Pacific Engineering & Production Co. of 
Nevada is distinctly different from other com- 
mercial cells because it employs less expensive 
PbO, anodes. Pacific Engineering uses a tube- 
type design, with a steel or titanium pipe form- 
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ing the outside of the cell and a PbO2-plated 
graphite rod at the center. Steel has a small over- 
potential for hydrogen evolution, but it requires 
careful protection to prevent corrosion during 
shutdown. 


Maintenance. The major problem of on-site 
hypochlorite cells, especially those using natu- 
ral seawater as feed, is that of deposit formation. 
Because the electrolyte adjacent to the cathode 
is strongly alkaline, magnesium hydroxide and 
calcium hydroxide deposit at the cathode sur- 
face. If allowed to build up, these deposits may 
bridge the electrode gap, reducing cell efficiency 
and ultimately causing anode failure [52]. 

Most manufacturers of industrial hypo- 
chlorite cells will tolerate deposit formation, but 
simultaneously attempt to minimize the problem 
by controlling the current density, turbulence, 
and cathode surface. In the case of seawater the 
deposit — chiefly Mg(OH)z2 — is soft and can gen- 
erally be scoured from the cathode surface and 
flushed from the cell by using a high flow rate. 
Although at least two suppliers suggest that acid 
cleaning of deposits is never necessary, it seems 
likely that occasional removal of deposits is re- 
quired on a cycle that varies from a few days to 
a few months. Usually, the deposit is removed 
by flushing the cell with hydrochloric acid. This 
dissolves the deposit quickly and consumes very 
little acid. Large industrial installations usually 
provide for convenient acid washing. 

Brine cells may also form deposits as a re- 
sult of hardness ions introduced from either feed 
water or from impurities in the salt. In this case, 
the deposit will usually consist of a hard cal- 
cium carbonate, which is also easily removed 
with acid. Unlike in seawater cells, however, it 
is often practical to soften the cell feed; brine 
cells can then be designed to operate with very 
little deposit formation. 

A second major maintenance item is occa- 
sional replacement of anodes. The lifetime of 
both precious metal oxide and platinized tita- 
nium anodes is adversely affected by high cur- 
rent density, low salinity, low electrolyte tem- 
perature, and severe deposit formation. Manu- 
facturers should be consulted on the expected 
anode lifetime and cost of replacement. Typi- 
cally, anodes must be replaced or recoated after 
2-5 years from startup. 


4.3. Storage 


Hypochlorite solutions slowly decompose if cat- 
alytic amounts of cobalt, nickel, or copper are 
present; iron and magnesium do not act cat- 
alytically [53]. Therefore, long-term storage and 
transport over long distances must be avoided. 
Hypochlorite solutions prepared from seawater 
are especially unstable and should be consumed 
directly after on-site preparation. 

Hypochlorite solutions for household use 
have an available chlorine concentration of ca. 
40 g/L. Special attention must be paid to min- 
imize oxygen evolution. Improper storage of 
hypochlorite bottles may cause stoppers to be 
blown out and bottles to explode. Vented stop- 
pers are used to avoid pressure buildup in the 
bottles. 


4.4. Uses 


Concentrated hypochlorite solutions are used 
primarily in the paper and textile industries for 
bleaching. Since chlorine dioxide (Chap. 5) pro- 
duces a brighter product and is less harmful 
to fibers, the use of a hypochlorite solution as 
bleaching agent in these industries has declined. 

On the other hand, the use of electrochemi- 
cally produced dilute hypochlorite solutions has 
increased largely over the past several years. 
Electrolytic generators can be used whenever 
hypochlorite is needed for disinfection or for 
bleaching; their advantages are economy, safety, 
and convenience. 

Currently, the broad area of biofouling con- 
trol accounts for over half of the market for such 
equipment, especially at locations remote from 
chlor-alkali plants. The largest seawater electrol- 
ysis plants for the production of hypochlorite in 
the world, a 60 000-kg/d plant in Kuwait and a 
48 000-kg/d plant in Saudi Arabia, were com- 
missioned in 1980 as parts of large desalina- 
tion projects. The hypochlorite is used to con- 
trol slime and algae in piping and tubes and to 
eliminate odor in the desalted water. 

Another important and quickly growing use 
for hypochlorite cells is disinfection of sea- 
water for secondary oil recovery; otherwise, 
slime growth would clog the oil-bearing strata. 
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The largest plant for this purpose is a 5400- 
kg/d plant at Qurayyah, Saudi Arabia, where 
disinfected seawater is filtered, deaerated, and 
pumped 100 km inland for injection. 

Shipboard applications account for many sea- 
water electrolysis installations worldwide. In 
this case, smaller units are used to inhibit ma- 
rine growth in seawater systems for sanitary ser- 
vices and for distilled water treatment. Fishing 
fleets also use hypochlorite as a disinfectant for 
storage. 

Coastal utilities and industrial plants use 
hypochlorite from seawater electrolysis to con- 
trol mollusks, algae, and slime, which may block 
seawater intakes, clog piping, and reduce heat 
transfer efficiency. Inland utility and industrial 
plants use brine hypochlorite cells when han- 
dling and safety are of primary concern. Nuclear 
power plants are particularly sensitive to the haz- 
ards of liquid chlorine. 

Both coastal and inland wastewater treatment 
plants are major users of chlorine for disinfec- 
tion before discharge. This was first started on 
the island of Guernsey in 1966 and was operated 
for 6 years [54]. 

On-site hypochlorite production from brine 
is also used for drinking water treatment, but it 
is only economical at remote locations or where 
safety is a major concern. 

A number of companies have introduced on- 
site generators to supply chlorine demand for 
swimming pools. Many of these have been small 
chlor-alkali cells with separated anolyte and 
catholyte; but unseparated hypochlorite gener- 
ators have gained acceptance and now represent 
an important portion of that market. 

On-site hypochlorite generators are some- 
times selected for other less common applica- 
tions, such as textile manufacturing, industrial 
and laundry bleaching, cyanide destruction, odor 
control, ocean aquariums, and food processing 
[41], [55]. 


4.5. Economic Aspects 


The Middle East now represents about half of the 
total market for electrolytic hypochlorite gen- 
eration. The rest of the market is roughly bal- 
anced between East Asia, South America, and 
the United States. The total installed capacity 
has grown from ca. 200 t/d in 1979 to estimated 


700 t/d in 1984. This probably represents to- 
tal system sales approaching U.S. $200x 10° 
through 1984. 

On-site hypochlorite generation is difficult 
to compare with purchased chlorine or hypo- 
chlorite because chemical costs vary widely 
from nation to nation. Bulk liquid chlorine 
prices vary from ca. $ 150/t in the United States 
to well over $1000/t in remote locations, and 
hypochlorite prices vary from $1500/t of avail- 
able chlorine content in the United States to 
over $2500/t where transportation cost is high. 
Therefore, a direct economic comparison with 
purchased chemicals can only be made for each 
location individually. There are many cases in 
which the selection of on-site generation is mo- 
tivated primarily by economics, rather than by 
safety or convenience. 


4.6. Plant Safety 


Dilute sodium hypochlorite solution is much 
safer than liquid or gaseous chlorine. Sodium 
hypochlorite solution, as produced by on-site 
electrolytic generators (with an available chlo- 
rine content of 0.5 — 10.0 g/L), is regarded as cor- 
rosive and as an irritant when ingested or in- 
haled. It is also a mild skin irritant, and pro- 
longed exposure may result in a burn or rash 
[56]. 

The primary safety concern associated with 
the electrolysis equipment is the explosion and 
fire hazard from byproduct hydrogen. This haz- 
ard is increased if oxygen is present in the cell 
gas. Oxygen content ranges from 3 % to 9 % in 
efficiently operating cells, but it varies widely in 
practice. Cells with anodes having poor selec- 
tivity for chlorine evolution or with poor design 
for operation at low temperature and low salinity 
may result in an oxygen concentration of 40 % 
or more in the cell gas. 

The explosion limit for hydrogen— oxygen 
mixtures is 6.0 % O . Explosive impact will be 
soft at this point, but will increase quickly in 
severity as oxygen content increases. Two mea- 
sures are taken in commercial cells against this: 
(1) dilute the byproduct hydrogen with sufficient 
air to less than 4.0 %, the explosion limit for hy- 
drogen in air, or (2) allow the cell gas to vent 
with proper precaution, e.g., the installation of 
rupture disks. 
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A special hazard arises when cell deposits 
are washed with dilute hydrochloric acid. In ad- 
dition to the hazards of handling hydrochloric 
acid, chlorine gas evolves when HCl is acciden- 
tally mixed with stored hypochlorite solution, or 
when the cells are started without first flushing 
out the acid. 


5. Chlorine Dioxide 


5.1. Properties 


Chlorine dioxide [10049-04-4], ClO2, M, 67.45, 
is a yellowish-green to orange gas. It can be con- 
densed to a reddish-brown liquid at 11°C and 
solidified to orange red crystals at — 59°C. The 
density of liquid ClO, is as follows [57]: 


t,°C 33 21 17 5 
o,gicem® 1.907 1.788 1.735 1.635 


Chlorine dioxide has an irritant, pungent odor 
that resembles that of a mixture of chlorine and 
ozone. Chlorine dioxide is an extremely unsta- 
ble gas, readily decomposing into chlorine and 
oxygen even on mild heating. It is explosive as 
a gas or liquid at high concentration [58], [59]. 
However, it can be handled easily when it is 
diluted with air to less than 15 vol%. 

Chlorine dioxide is easily soluble in water 
(heat of solution: — 26.8kJ/mol); at 10°C its 
solubility in water is 5 times that of chlorine 
(Table 5). 

Chlorine dioxide can be easily driven out 
of aqueous solutions with a strong stream of 
air. When an aqueous solution is cooled, ClO, - 
8H20 crystals precipitate. Chlorine dioxide is 
also soluble in carbon tetrachloride, sulfuric 
acid, or acetic acid [61]. 

Other important properties of chlorine diox- 
ide are its photochemical [62] and thermal [63] 
decomposition. Solutions of chlorine dioxide are 
relatively stable in the dark, but they decompose 
into chlorine and oxygen when exposed to light. 
Therefore, these solutions are very strong oxi- 
dants and extremely reactive and corrosive. They 
attack all metals except platinum, tantalum, and 
titanium. 

In dilute aqueous solutions, chlorine dioxide 
oxidizes hydrocarbons to ketones and alcohols 


[64]. In the absence of water, chlorine dioxide 
loses its bleaching power. 


5.2. Production 


Because of the explosion risk, chlorine dioxide is 
manufactured on site. Its industrial production is 
based on the reduction of chlorate [65-67]. Un- 
desirable byproducts are chlorine and chloride. 
For analysis of chlorine dioxide, see [68-71]. 


Reaction Mechanism [72], [73]. The basic 
reaction mechanism of chlorine dioxide forma- 
tion is the same for all known processes. All 
processes use chlorate as the raw material; in 
all processes chlorine dioxide formation takes 
place in strong acidic solutions; and byproduct 
chloride is found in all generator solutions. 

The presence of chloride ions is essential for 
the formation of chlorine dioxide [74], [75]; this 
is evident from the following facts: 


1) No significant amount of chlorine dioxide is 
formed in acidified chlorate solutions with 
various reducing agents when chloride has 
previously been removed from the reaction 
system by adding silver sulfate. 

2) If chlorine dioxide generators are allowed to 
stand overnight, minor ClO2 formation con- 
sumes all of the chloride present in the reac- 
tion mass. When the supply of fresh raw ma- 
terials is started the next morning, a specific 
chloride level must build up before chlorine 
dioxide can be produced at the desired rate. 
This chloride buildup phase can be elimi- 
nated by deliberately adding fresh chloride 
to the generator in the beginning. 


Independent on the choice of reducing agent, 
the primary reaction for chlorine dioxide pro- 
duction is the reaction between chloric acid and 
hydrochloric acid to form chlorine dioxide and 
chlorine. Traces of Mn?+ and Agt ions catalyze 
the reaction [76]. 


HCIO3 + HCl —+ HClO. +HCIO 
HCIO3 + HC1O2 —+ 2Cl02 +H20 
HCIO +HC1 —> Clp +H20 


2 HCIO3 +2 HCl —> 2Cl02+Cl2+2H20 


In industrial chlorine dioxide production, sul- 
fur dioxide, hydrochloric acid, or methanol are 


16 Chlorine Oxides and Chlorine Oxygen Acids 


Table 5. Solubility of chlorine dioxide in water [60] 


25°C 40°C 60°C 

P; C P C, DP C, 
mbar g/L mbar g/L mbar g/L 
46 3.01 74.9 2.63 141.2 2.65 
29.5 1.82 45.7 1.6 71.6 1.18 
17.9 1.13 25.2 0.83 28.4 0.58 
11.2 0.69 13.2 0.47 16.0 0.26 


used as reducing agents. Other reducing agents 
are not economical. 


5.2.1. Day — Kesting Process [74], [77], [78] 


This process combines the production of chlo- 
rine dioxide from sodium chlorate, with hy- 
drochloric acid as reducing agent, and elec- 
trochemical sodium chlorate production from 
sodium chloride: 

2 NaCl + 6,0 —Plectolysis 
2 NaClO, +4 HCI 


> 2NaClO, + 6H; 
+ 2 NaCl + 2 ClO, + Cl, + 2H,O 


The efficiency of chlorine dioxide production 
depends on how far the rate of the competing 
chlorine production can be decreased: 


NaClO3 + 6 HCl —> 3 Clo + NaCl+3H2O0 


This can be achieved by maintaining a high chlo- 
rate concentration and a low hydrochloric acid 
concentration in the reaction system. 

Chlorate solution is rapidly circulated from a 
large storage tank through the electrolytic cells, 
which oxidize chloride to chlorate. From the 
same tank the chlorate solution is also circu- 
lated slowly through the chlorine dioxide gener- 
ator. The reaction takes place in a heated mul- 
ticompartment column. The reactant solutions, 
chlorate and hydrochloric acid, are added from 
the top and air is introduced from the bottom 
of the column [79]. Chlorate is reduced with 
hydrochloric acid to chlorine dioxide and chlo- 
rine. Both gases are stripped from the system 
with air; at the same time, chlorine dioxide is 
diluted below the explosion limit [80]. The de- 
pleted chlorate solution is then returned to the 
storage tank and recycled to the chlorate elec- 
trolysis. The mixture of chlorine dioxide and 
chlorine is stripped with water to give a solu- 
tion rich in chlorine dioxide [80], [81] and a gas 


phase rich in chlorine. Chlorine can then be re- 
cycled to the process as hydrochloric acid by 
reduction with hydrogen produced in the elec- 
trolytic cells or neutralized with NaOH solution 
to produce hypochlorite. 

Although it has always been cheaper to pro- 
duce chlorine dioxide by this process, it never 
gained momentum because of the high initial 
capital expenditure involved. 

Lurgi [79], [82-86], Chemetics [87], [88], 
and others [89-91] have developed integrated 
systems that combine this process with the pro- 
duction of chlorine, caustic soda, and hydrochlo- 
ric acid. Such combined systems use sodium 
chloride and electric power as the raw materi- 
als and produce chlorine dioxide solution and 
caustic soda (Fig. 7). 


5.2.2. R2 Process [92-100] 


Hooker Chemical Corporation, together with 
Electric Reduction Company, developed the R2 
process, starting from the single-vessel process 
[101-103], and Electric Reduction Company 
further improved the details. Chlorine dioxide 
is produced according to the following overall 
reaction: 


2 NaClO3 +2 NaCl+2H2SO4 
— 2Cl0O2+ Cle +2.Na2SO,4+2H20 


An undesirable side reaction produces addi- 
tional chlorine: 


NaClOz +5 NaCl +3 H2SO4 
— 3Cl2+3NazgSO4+3H20 


In continuous industrial processes, the molar ra- 
tio of chlorine dioxide to chlorine is nearly 2 : 1, 
indicating that the ClO2 production efficiency is 
almost 100 % (based on chlorate). 
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Figure 7. Schematic diagram of the integrated Day — Kesting process [82] 
a) Chlorine stripper; b) Sodium chlorate solution; c) Chlorine dioxide solution storage; d) Chlorine dioxide generator; e) Chlo- 
rate electrolysis; f) Hydrochloric acid furnace; g) Hydrochloric acid storage 
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Figure 8. Schematic diagram of the R2 process [104] 
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a) NaCl+NaClO3 storage; b) Acid storage; c) Spent acid; d) ClO2 solution storage; e) NaOCl solution storage; f) ClO2 
generator; g) Stripper; h) ClO2 absorption tower; i) Cl absorption tower 


Figure 8 shows a schematic diagram of the R2 
process. Concentrated solutions of sodium chlo- 
rate, sodium chloride, and sulfuric acid (equimo- 
lar ratio) are metered to a vigorously agitated 
reaction vessel. Air is blown into the reactor 
through porous plates. Under optimum condi- 
tions, the reaction mass contains 0.1 —0.2 mol/L 
of sodium chlorate, 4.5 —5 mol/L of sulfuric adic 
and 0.02 —0.08 mol/L of sodium chloride. Chlo- 
rine dioxide is absorbed from the gas phase in 


packed towers in cold water, and chlorine leaves 
the system as byproduct. The liquid effluent 
from the reactor is a mixture of sodium sulfate 
and sulfuric acid. The process can also be op- 
erated in such a way that sodium hydrogen sul- 
fate crystallizes from the effluent solution [105], 
[106]. It provides sulfate for kraft pulping; the 
sulfuric acid is recovered for reuse. 

The R2 process has been modified [106] and 
optimized [103], [107], [112] to suit the require- 
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ments of the industry. Currently, it is probably 
the most extensively used process for the pro- 
duction of chlorine dioxide. 


5.2.3. Mathieson Process [67], [74], [96], 
[98], [104] 


Sulfur dioxide is the reducing agent in the Math- 
ieson process. The main overall reaction is as 
follows: 


2 NaClO3 + H2SO4 +SO2 —> 2ClO2 +2 NaHSOa 


Solutions of sodium chlorate and sulfuric acid 
are added continuously to a relatively large, 
cylindrical, lead-lined tank (primary reactor) 
from the top. Sulfur dioxide, diluted with air, is 
introduced through gas diffusion plates at four 
points in the bottom of the tank. The reaction 
mass overflows to a smaller secondary reac- 
tor of similar construction. The generated chlo- 
rine dioxide still contains some unreacted sulfur 
dioxide; it is stripped from the reaction mass by 
air and then washed in a scrubber packed with 
Raschig rings. The scrubber is installed on top 
of the primary generator, and the fresh sodium 
chlorate solution serves as a washing liquid on 
its way down to the primary generator. The mix- 
ture of chlorine dioxide, air, and chlorine coming 
out of the scrubber goes to the absorption tower. 


5.2.4. Solvay Process [67], [74], [96], [98], 
[113] 


The Solvay process uses methanol as reducing 
agent. The main overall reaction is as follows: 


2 NaClO3 +CH30H + H2SO4 
—> 2ClO2 + HCHO + Na2SO4 +2 H20 


The reaction between sodium chlorate, meth- 
anol, and sulfuric acid takes place in two jack- 
eted, lead-lined steel reactors. The chemicals are 
added to the bottom of the first vessel and flow by 
gravity from one reactor to the other. Each ves- 
sel has its own supply of methanol and air. The 
two reactors are operated at different tempera- 
tures and chlorate concentrations. Up to 70 % 
of the reaction is completed in the first reactor. 
Additional methanol and up to 10 % of the total 
acid requirement is fed to the second reactor; the 
conversion of chlorate is then more than 95 %. 


5.2.5. Other Processes 


The Holst process [114-116] is a batch ver- 
sion of the Mathieson process and has not been 
exploited because of its low chlorine dioxide 
yield. When solid sodium chlorate is succes- 
sively added, the unreacted sulfuric acid from 
the previous operating period can be utilized and 
the conversion efficiency of chlorate increases to 
83 %. 

The Persson process [74], [117] has only 
historical value. The main raw materials were 
sodium chlorate and sulfur dioxide, but the lat- 
ter was used to reduce chromic acid to chromic 
sulfate, and this in turn reduced chlorate to chlo- 
rine dioxide. 

The CIP process [118], [119] was in opera- 
tion long before it was published, maintaining 
secrecy for several years. Concentrated sodium 
chlorate solution is carefully metered and dis- 
tributed to a packed reaction tower. Sulfur diox- 
ide gas, diluted with air or nitrogen, enters from 
the bottom, reacts with the chlorate, and is ox- 
idized to sulfuric acid. Chlorate is reduced to 
chlorine dioxide. The additional inert gas dilutes 
the ClO» formed to a safe concentration, and the 
mixture is led to the absorption tower. 

Small-Scale Production from Sodium Chlo- 
rite [120-123]. Small-scale consumers produce 
chlorine dioxide by passing chlorine gas through 
a sodium chlorite solution: 


2 NaClO2 +Clg —> 2 NaCl+2ClO2 


The reaction is almost quantitative. 

The alternative acidification of sodium chlo- 
rite solution with hydrochloric acid is also com- 
monly used: 


5 NaClO2 +4 HCl —> 4ClO2 +2H20+5 NaC 


5.3. Economic Aspects 


The economy of chlorine dioxide production de- 
pends on the efficient utilization of the byprod- 
ucts of the process [97], [105]. When the chlo- 
rine dioxide production is combined with chlor- 
alkali membrane cells and hydrochloric acid 
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synthesis (Lurgi concept), chlorate cells work 
most efficiently [82-90]. Byproducts from one 
unit can then be used as raw materials or make- 
up chemicals for the others. In this way, high 
initial capital cost is paid back in the long run 
by a far lower operating cost. The R2 process 
offers similar possibilities if it is combined with 
a paper mill [95], [107], [111]. 


5.4. Uses 


Chlorine dioxide is the most widely used bleach- 
ing agent, in particular for high-quality cellu- 
lose. It destroys lignin without attacking cel- 
lulose, yielding a characteristically white cel- 
lulose. The general trend is to eliminate chlo- 
rine and hypochlorite as bleaching agents alto- 
gether [124], [125] and replace them with chlo- 
rine dioxide [81], [126], [127]. 

Chlorine dioxide is used in the pulp and pa- 
per, textile, and food industries. In the pulp 
and paper industry, a unique whiteness can be 
achieved in kraft pulp, sulfite pulp, and soda 
pulp [96]. In the textile industry, chlorine diox- 
ide produces high-quality fibers with additional 
special advantages. Shrinkproof wool owes its 
quality to the reaction of chlorine dioxide with 
the cross-linking sulfur atoms of the wool. 

Chlorine dioxide is also used in sanitization, 
e.g., of industrial and municipal waters, sewage, 
algae, or decomposed vegetables. Waterworks 
use chlorine dioxide to handle taste and odor 
problems of household water [68], [122], [123], 
[128]. 


6. Sodium Chlorite 


6.1. Properties 


Sodium chlorite [7758-19-2], NaClOo, M, 
90.45, is the sodium salt of the unstable chlor- 
ous acid; it exists as an anhydrous and a trihy- 
drated form (transition point 38°C). Very pure 
NaClOz crystals are white, but they usually have 
a greenish tint because traces of chlorine dioxide 
are present. 

The stability of sodium chlorite lies between 
that of hypochlorite and chlorate. For further in- 
formation, see [129]. Sodium chlorite is not sen- 
sitive to impact if organic matter is excluded. It 


can be struck with a clean metal surface without 
detonation. However, in the presence of organic 
matter — the film usually occurring on a ham- 
mer suffices — the impact may result in a sponta- 
neous puffing. As a strong oxidizing agent, solid 
sodium chlorite forms explosive mixtures with 
such oxidizable materials as sulfur, powdered 
coal, metal powders, or organic compounds. 
Sodium chlorite solutions should never be al- 
lowed to dry on fabrics because this would result 
in a flammable combination. 
Sodium chlorite is soluble in water: [129] 


°C 5 17 20 30 40 45 50 60 
Solubility, 34 39 40.5 46 50.7 53 53.7 55 
wt % 


More important is its solubility in the 
presence of caustic soda (Table 6), sodium 
chlorate [130], sodium chloride, [131], and 
sodium carbonate [132]. For the system 
NaClOz —NaCl-NaClO3-—H20, see [133], 
[134]. 

Aqueous solutions of sodium chlorite must be 
protected from light. At low pH (approximately 
2), chlorite solutions contain chlorous acid that 
decomposes to form chlorine dioxide and chlo- 
rate: 


4HClO2g —> 2ClO2 + HC1O3 + HCl+ H20 


At pH 3-4, decomposition slows down. Al- 
kaline solutions are stable, and dilute solutions 
can even be boiled without decomposition. Con- 
centrated alkaline solutions of sodium chlorite 
slowly decompose when heated [135-137]: 


3 NaClOz —> 2 NaClO3 + NaCl 


The reaction of sodium chlorite with hypo- 
chlorite depends on pH [137]. At low pH, the 
reaction produces chlorine dioxide, whereas at 
high pH, chlorate is formed. The reaction with 
chlorine produces chlorine dioxide and sodium 
chloride: 


2 NaClO2 +Clg —> 2ClO2 +2 NaCl 


Crystalline sodium chlorite is slightly hygro- 
scopic without caking; it is stabilized with al- 
kali for long-term storage. When heated to 
180-200 °C, it decomposes partially to sodium 
chlorate and sodium chloride or completely to 
sodium chloride and oxygen [129]. For the anal- 
ysis of sodium chlorite, see [69], [70], [138- 
140]. 
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Table 6. Solubility in the NAOH —NaClO2—H20 system at 30°C 


d}° CNaOQH CNaClOy Solid phase 
wt % g/L wt % g/L 

- 55.3 - 0 - 

- 51.1 - 1.5 - NaOH-H20 

1.568 51.2 802.8 1.7 26.7 

1.575 50.6 797.0 2.45 38.6 NaOH + NaClO2 

1.546 48.9 756.0 2.5 38.7 

1.519 42.3 627.3 5.1 715 

1.496 35.9 537.1 7.65 114.4 

1.474 31.5 464.3 10.5 154.8 

1.453 26.8 389.4 14.9 216.5 NaClO2 

1.457 23.6 343.9 18.7 272.5 

1.447 20.3 293.7 22.4 322.7 

1.451 16.0 232.2 28.2 409.7 

1.457 15.4 224.4 29.2 425.4 

1.469 10.3 151.3 36.8 540.6 

1.469 9.5 139.6 38.0 558.2 

1.471 9.0 132.4 38.8 570.7 

1.473 7.86 1157 40.5 596.6 

1.473 6.2 91.3 42.9 631.9 unstable 

1.468 5.8 85.1 43.1 632.7 unstable 

1.476 6.1 90.0 42.6 628.8 

1.441 3.55 51:2 43.5 626.8 NaClO2 - 3H20 

1.410*« 0.0 - 45.7 644.7 


* The solid phase was analyzed. 
4 The solutions contain traces of NaCl (0.06 wt %). 


6.2. Production 


Sodium chlorite is produced by treating chlorine 
dioxide with caustic soda [141-143]: 


2ClO2 +2 NaOH —> NaClO2 + NaClO3 +H20 


The reaction products, sodium chlorite and 
sodium chlorate, have nearly the same solubil- 
ity in water and are difficult to separate. Indus- 
trial sodium chlorite production uses the follow- 
ing procedure [144]. The absorption of chlo- 
rine dioxide in caustic soda solution and the si- 
multaneous reduction of chlorate to chlorite are 
achieved by a suitable reducing agent, such as 
hydrogen peroxide [145]: 


2 ClOzg +2 NaOH +H202 —> 2NaClO2 +2H20+ O02 


The product is a 33 wt % solution of sodium 
chlorite, which is then converted to a dry solid 
containing ca. 80 wt % of sodium chlorite, the 
rest being stabilizers. 

Numerous complex chlorites have been pre- 
pared [146], but only sodium chlorite has proven 
to be of any commercial value. 

Efforts to produce sodium chlorite by elec- 
trolysis, similar to hypochlorite or chlorate, have 


not yet been successful. Its synthesis from chlo- 
rine dioxide and sodium amalgam [147] could 
not be realized because redox potential [148] and 
pH [149] were difficult to control. Other pro- 
cesses for the direct reduction of chlorine diox- 
ide were not efficient [150], [151]. 


6.3. Uses 


Sodium chlorite is a very efficient bleaching 
agent. Its oxidation potential allows a con- 
trolled bleaching that is not attainable with other 
bleaching agents. Therefore, it is widely used as 
a bleaching agent in the textile industry [135-— 
137], [152-155]. 

Another important use of sodium chlorite is 
the small-scale production of chlorine dioxide; 
see Section 5.2.5 [120-123]. 


7. Chloric Acid and Chlorates 


Chloric acid is not being produced on an indus- 
trial scale. However, sodium chlorate and potas- 
sium chlorate have outstanding industrial signif- 
icance. Sodium chlorate is produced on a very 
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large scale by one of the most important inor- 
ganic electrosyntheses. All other chlorates are 
produced in much smaller amounts for special 
purposes, usually from sodium chlorate. 


Table 7. Physical properties of sodium chlorate and potassium chlo- 
rate 


NaClO3 KCIO3 

[7775-09-9] [3811-04-9] 
M, 106.44 122.55 
Crystal system cubic monoclinic 
mp, °C 260 356 
Enthalpy of fusion, 21.3 


kJ/mol 


2.487 (25°C) 
2.385 (252 °C) 


Density, g/cm? 2.338 (20°C) 


54.7+0.155T x 
(298-533 K) 


Molar heat capacity, 
Jmol~1K7~? 


99.8 (20°C) 


Standard enthalpy of 
formation, kJ/mol 


— 365.8 (cryst.) 
— 344.1 (ai)*x 


— 391 (cryst.) 


Standard entropy, 


123.4 (cryst.) 
Jmol71K 


221.3 (ai)** 


143 (cryst.) 


Enthalpy of dissolution +21.6 +40.9 
(200 mol of H2O/mol 
of chlorate, 25 °C), 
kJ/mol 


* T =temperature, K. 
* ai=ideal solution of unit activity. 


7.1. Properties 


Physical Properties. Anhydrous —_chloric 
acid [7790-93-4], HClO3, M, 84.46, is unsta- 
ble and explosive. Dilute aqueous solutions are 
colorless and odorless; they are stable at low 
temperature if catalytically active contaminants 
are excluded. In the presence of such catalysts, 
the solutions may decompose vehemently, par- 
ticularly at elevated temperature. Addition of 
polyphosphates or hydrogen peroxide lowers 
the decomposition tendency. Above 95 °C, pure 
chloric acid solutions decompose to form chlo- 
rine dioxide, chlorine, oxygen, and perchloric 
acid, but in the presence of hydrochloric acid, 
the products are chlorine and chlorine dioxide. 

Concentrated chloric acid is a strong oxidant. 
In addition to the noble metals, only Hastelloy 
C exhibits satisfactory resistance against corro- 
sion. At low temperature, dilute chloric acid may 
be kept in containers made of poly(vinyl chlo- 
ride). At 18°C, the density of an aqueous 13 % 


HCIO3 solution is 1.080 g/cm? while that of a 
25 % solution is 1.166 g/cm?. 


NaCl-NaClO, (100°C) 


1.50 \ 7 


NaCl-NaClO, (25°C) f 7 


1.40 \¥ Pa 


Density, g/cm? 
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Figure 9. Densities of aqueous solutions of NaCl—- NaClO3 
and KCl—-KC103 [156] 

»/¢ is the sum of mass ratios C chloride (kg of chloride/kg 
of H20) and Cchlorate (kg of chlorate/kg of HzO) 


Physical properties of sodium chlorate and 
potassium chlorate are shown in Table 7. 
Figure 9 shows the densities of aqueous 
chloride—chlorate solutions. Figure 10 shows 
the relative vapor pressure depression of aque- 
ous solutions of chloride and chlorate. The elec- 
tric conductivity of pure chlorate solutions is 
given in Table 8; for further data, see [158]. Sol- 
ubility data of the aqueous chloride —chlorate 
system are shown in Figures 11 and 12 and in 
Table 9. The mass fraction of saturated sodium 
chlorate solutions in the range from 0 to 100°C 
can be calculated from 


w= 0.445 + 0.00226t 


where 


t = temperature, °C 

w =mass fraction, kg of NaClO3/kg of solu- 

tion 
The freezing point depression AT (in K) of 
aqueous solutions of sodium chlorate is given 
by 
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AT = 33.64¢—115.1¢? 


where ¢ = mass ratio, kg of NaClO3/kg of HzO 
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Figure 10. Vapor pressure depression of aqueous chloride 
and chlorate solutions 
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Figure 11. Solubility of aqueous solutions of NaCl and 
NaClO3 [159] 
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Figure 12. Solubility of aqueous solutions of KCl and 
KCI103 [159] 


Chemical Properties. Chlorates decompose 
to yield oxygen. They form flammable and ex- 
plosive mixtures with organic substances, phos- 
phorus, ammonium compounds, some sulfur 
compounds, and some metal salts, oxidizable 
solvents, or other oxidizable substances. Potas- 
sium chlorate decomposes below the melting 
temperature. Alkaline chlorate solutions do not 
exhibit strong oxidizing properties. With de- 
creasing pH, however, the oxidizing activity 
of chlorate solutions increases. Concentrated 
acidic solutions are vigorous oxidants as a re- 
sult of chloric acid formation. 

Solutions containing more than 30 % HC1O3 
decompose spontaneously. In the presence of or- 
ganic matter or reducing agents the reaction may 
be violent, especially at elevated temperature. 


7.2. Production Fundamentals 


Sodium chlorate (and to a minor extent potas- 
sium chlorate) is produced by electrolysis of an 
aqueous sodium chloride (potassium chloride) 
solution. Hypochlorite forms as an intermedi- 
ate that is further oxidized to chlorate along 
two competing reaction paths. The concentrated 
chlorate solution is either submitted to crystal- 
lization (see Section 7.4) or it is used directly, 
particularly in the production of chlorine diox- 
ide. 

An aqueous solution containing 
450-550g/L of sodium chlorate and 
90-100 g/L of sodium chloride is generated 
directly by electrosynthesis; it can be used as 
feed in the Kesting process (Section 5.2.1) [160]. 
The spent solution from that process, contain- 
ing 140 g/L of sodium chlorate and 220 g/L of 
sodium chloride, is then fed back to the electrol- 
ysis system. 

The other, less common chlorates are chem- 
ically formed by conversion of sodium chlorate 
with the corresponding chloride. Other produc- 
tion methods, such as the chemical formation of 
chlorates by introducing gaseous chlorine into a 
warm hydroxide solution, are now obsolete. 


7.2.1. Chlorate-Generating Reactions 


An aqueous solution of sodium chloride is elec- 
trolyzed, usually in cells without a diaphragm. 
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Table 8. Electric conductivity of pure sodium chlorate solutions [157] 


Concentration, 


Conductivity, Q7~ in 


g/L 20°C 40°C 60°C 
100 6.2 8.9 11.8 
200 10.4 14.9 19.7 
300 13.4 18.9 25.0 
400 15.0 215 28.5 
500 15.7 22.7 30.3 
600 15.5 234 30.8 
750 21.7 29.7 
Table 9. Mass ratio (kg of salt/kg of H2O) of the solution in equilibrium with crystalline chloride and chlorate [158] 
t°€ NaCl-—NaClO3 KCI-KCIO3 
solution solution 
NaCl NaClO3 KCl KCIO3 
— 9.8 0.270 0.360 0.2466 0.0056 
+10 0.249 0.499 0.3123 0.0144 
30 0.2125 0.706 0.3703 0.0321 
50 0.1785 0.958 0.4226 0.0635 
70 0.1495 1.238 0.4651 0.1162 
100 0.1245 1.85 0.518 0.2588 


Hydrogen and sodium hydroxide are formed at 
the cathode, while chloride is discharged at the 
anode. Chlorine does not evolve as a gas, but 
undergoes hydrolysis (Fig. 13): 


Clo +H20 = HCIO+H* +Cl- (4) 


Chlorate then forms simultaneously by two 
competing reactions: (1) predominantly by au- 
toxidation of hypochlorite in the bulk elec- 
trolyte, and (2) to a small extent (ca. 20 %) by 
anodic chlorate formation. The detailed mecha- 
nism of the reaction was essentially clarified at 
the turn of the century, but continues to be the 
subject of intense studies [39, b]. 


Autoxidation. Autoxidation of hypochlor- 
ous acid, also called chemical chlorate forma- 
tion, is ahomogeneous reaction that proceeds ac- 
cording to the following overall equation, which 
gives no information on the individual steps: 


3HCIO —>+ ClO; +2Cl~ +3 Ht (5) 


Autoxidation is preceded by dissociation of a 
part of the total hypochlorous acid involved in 
autoxidation: 


HClO —> ClO- +H+ (6) 


This dissociation can occur to a significant 
degree only at some distance from the anode, 
where the electrolyte is sufficiently buffered by 
hydroxyl formed by the cathode reaction. The 
hypochlorite formed then reacts with the com- 
plementary amount of hypochlorous acid: 


2HCIO+CIO™ —+ ClO, +2Cl— +2Ht (7) 


Equation (7) shows the classical form of FoER- 
STER [161], [162], which was attacked [163] but 
has since been confirmed [164], [165]. 


Anodic Chlorate Formation. The mecha- 
nism of anodic chlorate formation was estab- 
lished by LANDOLT and IBL [166]. Hydrolysis of 
chlorine (Eq. 4) is considered to be fast. Because 
of the formation of Ht ions, one might expect 
the electrolyte in the anodic boundary layer to 
be strongly acidic. However, this is the case only 
at low chloride concentration. Large chloride 
concentrations, as they occur in industrial pro- 
cesses, shift the hydrolysis equilibrium (Eq. 4) 
to the left. In the electrolyte layer adjacent to 
the anode, the H* concentration is too small to 
permit noticeable diffusion of H* into the inner 
electrolyte. Therefore, hydrogen is transported 
away from the anode as hypochlorous acid rather 
than Ht. In the bulk electrolyte where the pH is 
high, hypochlorous acid is largely dissociated. 
The hypochlorite ion diffuses back to the anode 
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Figure 13. Chlorate formation by autoxidation in bulk electrolyte and by anodic oxidation 


and more than two-thirds of it is consumed by 
buffering before reaching the anode. However, 
less than one-third of that hypochlorite is dis- 
charged at the anode to form chlorate and oxy- 
gen [166-168]: 


3ClO~ +1.5H20 —> ClO; +3H* 
+2Cl~ +0.75 02 +3¢ (8) 


The stoichiometry of the anodic chlorate for- 
mation (Eq. 8) was recently reviewed [39, b]. 
As shown in Figure 13 the discharge of 6 mol 
of chloride yields 1 mol of chlorate; this is in- 
dependent of the reaction route, either autoxida- 
tion or anodic discharge of hypochlorite. How- 
ever, the anodic oxidation (Eq. 8) requires 50 % 
additional electric energy. Therefore, industrial 
processes endeavour to suppress the anodic oxi- 
dation in favor of the autoxidation. The effective 
means is a short residence time of the electrolyte 
solution inside the electrochemical reactor by 
applying large flow rates using rather short elec- 
trode lengths. Thereby the average bulk concen- 
tration of hypochlorite (ClIO~ + HCIO) is low- 
ered and the undesired anodic chlorate forma- 
tion controlled by mass transfer is minimized. 
However, increasing flow rates increase the mass 
transfer coefficient, thus counteracting the ben- 
eficial effect of short residence time. The opti- 
mum is at elevated values of the flow rate; this 
method to suppress anodic oxidation is used in 
all modern industrial chlorate systems. Under 
these conditions, chlorate is formed predomi- 
nantly outside the interelectrode space, e.g., in 
a separate chemical reactor where the route is 
necessarily restricted to autoxidation (Fig. 14). 


Cell gas 


Feed Product 


Figure 14. Concept of separate electrochemical reactor (a) 
and chemical reactor (b) for chlorate electrosynthesis 


7.2.2. Loss Reactions 


In addition to anodic chlorate formation, further 
loss reactions decrease current efficiency and 
must be suppressed in industrial systems. 


Cathodic Reduction of Hypochlorite. The 
main loss occurs by cathodic reduction of hypo- 
chlorite, as described in Section 4.2.1: 


ClO~ +H2z0+2e —> Cl” +20H— 


The reaction competes with hydrogen gener- 
ation. Without special precautions, its rate is 
controlled by mass transfer and, therefore, lin- 
early proportional to the hypochlorite concen- 
tration in the bulk electrolyte. The reaction can 
widely be suppressed by adding a small amount 
of dichromate (1—5 g/L) to the electrolyte so- 
lution. By cathodic deposition a porous surface 
film of chromium hydroxide forms [169]. Inside 
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the pores of this film, the effective current den- 
sity increases, and the resulting potential gradi- 
ent across the film impedes the diffusion of any 
kind of anions to the cathode, whereas the access 
of cations to the cathode and their reduction are 
facilitated. The protective film ceases to grow 
after a certain thickness is reached; the increase 
in cell voltage caused by the ohmic resistance of 
the film is more than compensated by the gain 
in current efficiency [165], [170]. Increasing the 
electrolyte temperature favors mass transfer of 
hypochlorite to the cathode and, therefore, re- 
quires more dichromate. When the current is in- 
terrupted, the surface layer dissolves. It takes 
some time to reestablish a new film after the cur- 
rent is switched on, but cathodic reduction im- 
mediately takes place. Therefore, cells should be 
operated continuously, and a minimum cathodic 
current density is recommended to prevent dis- 
solution of the film [171]; from industrial experi- 
ence, a current density of 20 A/m? is considered 
satisfactory. 


Cathodic Reduction of Chlorate. Chlorate 
is also reduced at the cathode, but this reaction 
is less significant than the reduction of hypo- 
chlorite described in the preceding paragraph: 


ClO; +3H20+6e —> Cl” +60H— 


The rate of reduction is strongly affected by 
the cathode material; reduction at iron is much 
faster than at nickel and platinum. Chlorate re- 
duction is also restrained by the chromium hy- 
droxide layer on the cathode [16], [171-174]. In 
closed-loop electrolyte systems (e.g., Fig. 14), 
the presence of residual dichromate in the solu- 
tion has a beneficial effect because its additional 
buffering capacity stabilizes the various reaction 
equilibria [165], [175], [176]. 


Catalytic Decomposition of Hypochlorite. 
Hypochlorite solutions decompo e in the pres- 
ence of catalytically active contaminants: 


2ClO~ —> 2Cl” +02 


Oxides of nickel, cobalt, and copper are very ef- 
fective; their catalytic activity decreases in that 
order. The catalytic action of manganese, iron, 
lead, and tin has been demonstrated, but is at 
least one order of magnitude smaller [53], [177]. 
Autocatalytic decomposition is also possible, 


but its extent is negligible at ambient temper- 
ature [177], [178]. 


Chlorine Desorption. Hydrogen and oxy- 
gen gas bubbles evolved at the cathode and an- 
ode, respectively, tend to desorb some chlorine 
from the solution. This amount of chlorine is 
lost for chlorate production unless it is reco- 
vered from the cell gas by absorption outside 
the cell. Water vapor contained in the gas bub- 
bles increases their volume and, thus, the desorp- 
tion loss. Therefore, the operation temperature 
is limited to a maximum of 80—90 °C. Chlorine 
loss results not only in a corresponding loss in 
current efficiency, but also in a steady increase 
in pH. Therefore, chlorine gas or, more usually, 
hydrochloric acid must be permanently added to 
maintain the pH. 

Further loss reactions are of minor impor- 
tance: perchlorate may be formed by anodic ox- 
idation of chlorate, particularly at low chloride 
concentration, provided the oxygen overvoltage 
is large enough (see Section 8.2.2). With the in- 
dustrial anodes used in chlorate electrosynthe- 
sis, perchlorate formation is negligible. The an- 
odic decomposition of water, which plays a ma- 
jor role in hypochlorite production, is negligible 
as long as the chloride concentration is larger 
than 100 g/L. 


Figure 15. Huron electrosynthesis system with integrated 
electrolysis cells 
a) Chemical reactor; b) Cooling coils 
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7.3. Industrial Electrosynthesis Systems 


Chlorate cell design has changed much within 
the last 25 years by the introduction of coated ti- 
tanium anodes [179] and by the systematic appli- 
cation of the results of chlorate formation theory. 
Hypochlorite autoxidation occurs at high tem- 
perature outside the interelectrode gap or even 
outside the electrochemical reactor to decrease 
the hypochlorite concentration before the elec- 
trolyte reenters the cell. The first industrial plant 
of this type was started in 1969 in Finland. 


Figure 16. Electrosynthesis system with natural convection 
of electrolyte (Krebs, Paris) 
a) Electrolysis cell; b) Chemical reactor; c) Cooler 


The requirement for large electrolyte flow 
rate resulting from the considerations of Sec- 
tion 7.2 is taken into account in all modern cells. 
Hydrogen evolved at the cathode provides for a 


natural flow of the electrolyte and is used for 
its recirculation through the cell compartment 
and the chemical reactor without requiring ad- 
ditional pumping. Other systems use a mechani- 
cal pump to provide the required circulation rate. 
Hydrogen gas is released at the top of the unit. 
For safety reasons, the gas volume in the equip- 
ment must be minimized. To stabilize the pH 
value, the solution is continuously acidified (cf. 
Section 7.2.2.). 

Some electrosynthesis systems combine the 
cell and the chemical reactor in a single unit 
(Huron, Fig. 15, and Atochem). Other indus- 
trial systems are composed of an electro- 
chemical reactor and a separate chemical re- 
actor [180] interconnected by electrolyte cir- 
culation pipes with integrated heat exchang- 
ers for the removal of excess heat (Krebs, 
Fig. 16, and Pennwalt, Fig.17) or separate 
heat exchangers (Krebskosmo, Chemetics, and 
Frohler—Lurgi—Uhde). None of these elec- 
trosynthesis systems is clearly superior from an 
engineering point of view. 


7.3.1. Electrolysis Cell Types 


Most cells are equipped with coated titanium 
anodes [181], and only some 5-10 % of all 
chlorate cells still use graphite anodes. Older 
cells have also been operated with anodes of 
magnetite (Fe30,) [182], [183], platinum [184], 
graphite [185-188], or lead dioxide [189], [190]; 
reviews on these older anodes can be found in 
[39] and [191-193]. The following survey is re- 
stricted to modern cells with coated titanium an- 
odes. Typical operational data are shown in Ta- 
ble 10. 

Modern electrochemical reactors [194-196] 
cover the complete spectrum of unipolar and 
bipolar electrodes, including direct coupling of 
cells with unipolar electrodes, an arrangement 
sometimes called multipolar (Fig. 18). 

Cells with unipolar electrodes (Krebs, Pen- 
nwalt, Frohler — Lurgi— Uhde, and Atochem) are 
suitable for large currents up to [OO kA. Repair 
of one cell does not necessitate shutdown of the 
entire electrolyzer. Parasitic currents [197], cor- 
rosion, and malfunction of a cell unit are easy to 
locate. Pennwalt and Atochem use two cathodes 
per anode. This design allows circulation within 
the cell [194], [195]. Cells with bipolar elec- 
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Figure 17. Pennwalt electrochemical reactor 
a) Anodes; b) Cathodes 


trodes (Krebskosmo) seldom exceed 30kA (in 
charge of the voltage), thus lowering the rectifier 
cost. Multipolar cells (Chemetics and Huron) 
combine some of the advantages of cells with 
unipolar and bipolar electrodes and require a 
minimum of bus bars, resulting not only in sav- 
ings in investment cost, but also in cell voltage. 
However, the entire electrolyzer system must be 
shut down for repair of a single unit. 


7.3.2. Electrodes 


Anodes. N. B. BEER made a decisive break- 
through in anode technology in the mid-1960s 
by introducing anode coatings based on ruthe- 
nium dioxide, RuOg [15], [198-201]. In fact, the 
anode surface is composed of a mixture of RuO2 
with other metal oxides, primarily titanium diox- 
ide. These anodes maintain a low overvoltage 
for chlorine formation at high current densi- 
ties for long periods without being consumed 
and changing their mechanical dimensions. In- 
dependent of the detailed nature of the mate- 
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Figure 18. Directly connected electrochemical reactors (multipolar arrangement, Chemetics) 


rial, they are called dimensionally stable anodes 
(DSA) (— Chlorine) [202—204]. In the chlorate 
field, dimensionally stable anodes have been se- 
lected for 80 % of the total capacity installed 
since 1978. 

Sintered titanium anodes (STA) have been 
developed by Sigri. In these electrodes, an in- 
termediate layer of sintered titanium suboxide 
is applied between the titanium substrate and 
the coating, which gives improved mechani- 
cal stability, excellent adhesion to sintered ti- 
tanium structures, and increased active surface 
area [205], [206]. Imperial Chemical Industries 
(ICI) has used these anodes in large-scale pro- 
duction since 1971. Other novel anodes have 
been developed by Imperial Metal Industries 
(IMI) and Marston Excelsior (Marex Electrode). 

Titanium anodes normally consist of 1.5 —4- 
mm sheets or of expanded mesh, activated by 
platinum group metal oxides. In troublefree op- 
eration, the durability of the coating based on 
ruthenium dioxide [207] is between 6 and 10 


years. The literature on coated titanium an- 
odes for chlorate electrosynthesis is reviewed in 
[193]. 


Cathodes. Mild steel has been the industrial 
standard for many years. It has a low hydrogen 
overvoltage and is cheap and stable under the 
operating conditions. However, steel corrodes 
when the cells are shut down, and it absorbs 
hydrogen, which tends to make the metal brit- 
tle and to form fissures in the welding areas and 
blisters [208]. The cathodes are usually 3-8 mm 
thick. The sheets are often perforated with holes 
of 3—6mm diameter or they are slotted, which 
facilitates the release of hydrogen bubbles from 
the interelectrode gap. Mild steel cathodes tend 
to collect carbonate deposits, which increase the 
potential of the cathodes. This requires periodic 
acid washing unless the process water is deion- 
ized to contain less than 0.05 mg/kg of impuri- 
ties. 
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The application of steel cathodes in bipolar 
cells is complicated because dissimilar metals 
must be joined. However, no connection prob- 
lems arise by explosion bonding of titanium and 
steel [209]. 

Attempts to coat the steel cathodes or to re- 
place them by other metals have not brought sat- 
isfactory results. Titanium has not been gener- 
ally accepted because of its tendency to form 
titanium hydride, TiH2, which gradually makes 
the cathode break off and limits the lifetime to 
2 years. Attempts to lower the overvoltage by 
coating the cathodes with nickel, molybdenum, 
or their oxides [210] have not yet been successful 
because these materials catalyze the decomposi- 
tion of hypochlorite during shutdown. Cathodes 
made from titanium alloys, e.g., Ti-0.2 % Pd 
, remain stable for 2 years at a temperature of 
95 °C, whereas the durability is much longer at 
IDC, 


7.3.3. Operational Parameters 


Temperature. The operation of electro- 
chemical reactors benefits from temperature in- 
crease in two ways: (1) the cell potential de- 
creases by lowering the resistivity of the elec- 
trolyte, and (2) autoxidation of hypochlorite to 
chlorate is more strongly favored than anodic ox- 
idation. Consequently, the current efficiency in- 
creases with temperature. On the other hand, the 
temperature should not be near the boiling tem- 
perature of the electrolyte because then the rate 
of chlorine and water desorption increases. The 
introduction of dimensionally stable metal an- 
odes has permitted raising the operating temper- 
ature from 40—45 °C (previously with graphite 
anodes) to 80-—90°C. 


Pressure. Increasing the electrolyte pressure 
lowers not only the rate of chlorine desorption, 
but also the volume of the gas bubbles released 
from the electrolyte; thus, it acts favorably on 
the interelectrode resistivity. However, serious 
engineering problems arise when the pressure 
is increased. Industrial electrochemical reactors 
are usually operated at a gage pressure of less 
than 0.1 MPa (1 bar). 


Interelectrode Distance. The electric inter- 
electrode resistance strongly depends on the 


quantity of gas bubbles dispersed in the elec- 
trolyte [211]. When the electrolyte flow rate is 
increased and the electrode distance decreased, 
the resistance decreases. However, a very small 
electrode distance leads to a large frictional pres- 
sure drop in the reactor. Therefore, the minimum 
spacing of industrial reactors is ca. 3 mm, which 
roughly agrees with the results of optimizations 
[212]; distances of 3—5 mm are generally used 
between metal electrodes. 


pH Value. According to Equation (7) (see 
Autoxidation, page 24), autoxidation of hypo- 
chlorite requires the simultaneous presence of 
hypochlorous acid and hypochlorite. The con- 
centration of both species is very dependent on 
pH. A carefully controlled pH value, therefore, is 
a prerequisite of an industrially acceptable cur- 
rent efficiency. The optimum pH depends on the 
temperature and is maintained in the range of 
6.1—6.4 in modern industrial electrochemical 
reactors operated at 80-—90°C. 


Chloride Concentration. The brine feed to 
the cells is always close to being saturated to 
obtain a large final chlorate concentration of 
the product solution. The chloride concentra- 
tion should not fall below 80-100 g/L because 
water decomposition is favored at low chloride 
concentration [213]. If necessary, the brine is re- 
saturated with salt, but solubility limits must be 
observed (Figs. 11 and 12). 


Current Density. High current density in- 
creases the acidity near the anode, thus depress- 
ing anodic hypochlorite oxidation. In addition, 
cathodic hypochlorite reduction is hampered. 
However, current density of industrial cells is 
limited by the concurrent increase in cell po- 
tential. Current densities of industrial cells are 
optimized on the basis of these considerations 
and thus permit operation at higher current effi- 
ciencies. 


Current Efficiency. If x is the fraction of the 
hypochlorous acid (or chlorine) involved in the 
anodic oxidation and (1 —x) is the fraction that 
produces chlorate along the autoxidation reac- 
tion, the current efficiency ¢ is (cf. Fig. 13) 


1 
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Exclusive anodic chlorate formation would re- 
sult in a current efficiency of ¢=66.7 %, pro- 
vided the contribution of loss reactions is negli- 
gible. The short survey of the operational param- 
eters given in the previous sections highlights 
the complex system that governs current effi- 
ciency in chlorate electrosynthesis. The prob- 
lem has been dealt with in detail in [39] and 
is the object of methodical investigations [215], 
[216]. Mathematical models have been estab- 
lished to provide means to theoretically pre- 
dict current efficiency. A model assuming ideal 
stirred-tank-reactor conditions for both the elec- 
trochemical and the chemical reactor [214] was 
compared with industrial results [180]. A more 
recent model combines a plug flow electrolyzer 
with either a stirred tank or a plug flow chemi- 
cal reactor [217]. The results show satisfactory 
agreement with data from two industrial systems 
[218]. 

The current efficiency of operating indus- 
trial cells with external recirculation of the elec- 
trolyte (Fig. 14) can be assessed by measuring 
the difference Ac of total hypochlorite concen- 
tration (mol/L) at the cell outlet and inlet. Be- 
cause the difference of total hypochlorite con- 
centration represents the amount of hypochlorite 
converted to chlorate by autoxidation outside the 
cell, the current efficiency is calculated to be 


| V+ Ac: “| 
e==|1+ (10) 
3 I 


where 


F = Faraday constant (96 487 A s/mol) 
V,, =volume flow rate, m?/s 
7 =total current, A 


Equation (10) does not take account of the 
autoxidation in the interelectrode gap, and it ne- 
glects all loss reactions; both factors tend to bal- 
ance. 

In all electrosynthesis systems, including 
those without external electrolyte recirculation, 
the current efficiency may be estimated by ana- 
lyzing the gas mixture leaving the electrochem- 
ical reactor. The amount of anodic chlorate for- 
mation (together with the catalytic decomposi- 
tion) can be assessed from the volume fraction of 
oxygen (Yo, ). The loss caused by chlorine des- 
orption is represented by the volume fraction of 
chlorine (7c), ). Moreover, the ratio of the true 


hydrogen flow rate Ny, to the flow rate N’y, as 
calculated from Faraday’s law indicates the loss 
through cathodic reduction of hypochlorite and 
chlorate [219]: 


ie 1 = 3002 —2¥Cl. Nu, 


: (1) 
1l-Yo.-¥c1, Ny, 


In industrial operation, the current efficiency is 
predominantly lowered by anodic chlorate for- 
mation; when neglecting any other loss reaction, 
one obtains a very simple approximation equa- 
tion: 


eX 1 — 2y0, (12) 


The error of Equation (12) as compared to Equa- 
tion (11) is within the accuracy of gas analysis in 
the current efficiency range of modern cells. Au- 
tomatic measurement of the oxygen concentra- 
tion in the cell gas, therefore, serves as a simple 
and reliable means to control cell operation. 


7.3.4. Brine Purification 


Solar salt from seawater, rock salt, or very pure 
“vacuum salt” are used as raw material. The 
brine must not contain large amounts of mag- 
nesium and calcium, which could form deposits 
on the cathodes. Sodium carbonate and sodium 
hydroxide are added to the brine to raise its pH 
to at least 10. The sulfate concentration must be 
lower than 10-20 g/L. The brine must be free 
of heavy metals that favor the decomposition of 
hypochlorite (see Section 7.2.2). Maximum im- 
purity concentrations are listed below: 


soz— 10 g/L 

SiOz 10 mg/kg 
Al, Po of7 ,Ca 5 mg/kg 
Fe, Mn, Sn 1-5 mg/kg 
Cu, Mg, Pb, Ti 1 mg/kg 
Cr, Mo 0.5 mg/kg 
Ir, Co 0.2 mg/kg 
Ni 0.05 mg/kg 


7.4. Crystallization 


For the crystallization of chlorate, a solu- 
tion of 560-630 g/L of sodium chlorate and 
90-120 g/L of sodium chloride is produced at 
70—90 °C. The temperature at the cell outlets is 
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first raised to 85 —95 °C to convert the remaining 
1.5 g/L of hypochlorite into chlorate. Urea, am- 
monia, hydrogen peroxide, or sodium formate 
is added to complete the hypochlorite decom- 
position. The solution is then rendered slightly 
alkaline with NaOH; this reduces corrosion in 
the crystallizer. The NaClOz solution is subse- 
quently fed to a vacuum crystallizer, based on 
flash cooling with subsequent crystallization. 

Crystalline chlorate is separated from sodium 
chloride solution by cooling or evaporation 
[220]. Crystallization conditions depend on the 
concentration of NaCl and NaClOs3, on solution 
temperature, and on mixing intensity. The cool- 
ing rate has little influence on the crystal size; ca. 
90 % of the crystals have 120—260 um diame- 
ter. The solution temperature, initially raised to 
90-95 °C, drops to 48°C in the separator and 
to 35°C in the vacuum crystallizer at 2.9 kPa. 
The concentrated slurry contains 15-20 wt % 
of crystals; it is passed through a hydrocyclone 
and then a pusher centrifuge. Energy consump- 
tion, efficiency and economic optimization of 
the overall process were studied [221]; an en- 
ergy flow diagram is given in [222]. 

Potassium chlorate is generally made from 
potassium chloride and sodium chlorate: 


NaClO3 + KCl —> KCI1O3 + NaCl 


Solid KCl is added to the sodium chlorate cell 
liquor in stoichiometric amounts. The mixture is 
then transferred to a crystallizer and the potas- 
sium chlorate slurry is removed as described in 
the preceding paragraph. The mother liquor is 
recycled to the cells, where the salt is converted 
to chlorate and the process is repeated. Quality 
requirements for solid KCI are high, because no 
purification is possible after it is added to the 
solution. 


7.5. Construction Materials 


Chlorate solutions are kept slightly alkaline ex- 
cept during electrolysis, where a specific acidity 
must be maintained. 

Mild steel and cast iron are suitable for equip- 
ment if the liquor is alkaline and free of ac- 
tive chlorine. In acidic media, poly(vinyl chlo- 
ride) (PVC) tubes and tanks made from fiber- 
reinforced PVC are used up to 50 °C. Poly(vinyl 


chloride) stabilized with Ba or Cd (PVC-C) is 
much better suited, but the consumption rate is 
nevertheless | mm per year at 60°C [223]. 

Titanium, polytetrafluoroethylene (PTFE), 
glass, and poly(vinylidene fluoride) (PVDF) 
have excellent resistance at all temperatures and 
under all conditions. Evaporators are made from 
yellow brass, rubber-lined steel, monel, stainless 
steel (AISI: 316; DIN: 1.4401) with cathodic 
protection, or titanium. Stainless steel should 
be used for the dryer because it is imperative 
to avoid Fe203 contamination of the chlorate, 
which would act as an explosion catalyst. Pump 
seals must be of the noncombustible type. Ti- 
tanium is increasingly used in all equipment as 
the material for anodes, heat exchangers, reac- 
tion vessels, pumps, and tubes. 


7.6. Environmental Protection 


The gas released from the electrochemical re- 
actor always contains some chlorine in addition 
to hydrogen and oxygen. The mixture passes a 
cooler, where the major amount of chlorine con- 
denses. Residual amounts of chlorine (0.3 %) 
are lowered to (1—3)x 10-4 % by absorption in 
alkaline solution (15 % NaOH) and to (1-10) 
x 10~7 % by subsequent adsorption on activated 
carbon. The resulting gas mixture of hydrogen 
and some oxygen can either be vented to the at- 
mosphere or used as a fuel. The oxygen con- 
centration (1.5—2.5 %) depends on the reac- 
tion conditions of the cell (see Section 7.2). In 
trouble-free operation, environmental pollution 
problems do not arise. Pure hydrogen can be pro- 
duced by passing the residual gas mixture over 
a noble metal catalyzing combustion and subse- 
quently purified by selective permeation in pal- 
ladium at elevated temperature (350 °C). 
Wastewater from cleaning tanks and build- 
ing floors requires appropriate treatment to avoid 
damage of the water flora by chlorates acting as 
herbicides. A process to remove almost 100 % 
of dichromate from chlorate solutions by use of 
a fixed bed of standard ion-exchange resin has 
been operated for several years in a pilot plant 
and is about to be commercially exploited [224]. 
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Table 11. Quality specifications for chlorates of sodium and potassium 


Sodium chlorate 


“White crystals”, wt % 


Crystalline, wt % 


Powder, wt % Solution at 20°C, g/L 


NaClO3 96.5 —97.5 99.75 —99.95 99.4-—99.75 500 
NaCl, max. 0.05 0.03 0.06 0.16 
Na2SOxz, max. 0.04 traces 0.04 0.11 
CaO, max. nil nil nil 0.11 
NaBrO3, max. 0.02 traces 0.02 0.004 
Fe, max. traces nil traces traces 
NagCr207, max. nil nil nil 0.004 
Insolubles, max. 0.02 0.02 0.02 0.02 
Humidity, max. 2.00 0.02 0.02 - 
Bulk density, g/em* 

not vibrated 1.15 1.31 1.49 1.317 

vibrated 1.55 1.58 1.65 

Potassium chlorate 
Typical specification, Aragonesas S.A., for 
wt % matches, wt % 

KC10Osz, min. 99.7 99.8 
KCl, max. 0.032 0.05 
NaCl, max. 0.2 
KC10,4, max. 0.1 
Ko CrO4 nil 
KBrO3, max. 0.07 0.04 
Fe, max. 0.01 nil 
Insolubles, max. 0.01 0.02 
Humidity, max. 0.05 0.02 


7.7. Quality Specifications 


The purity requirements of chlorate depend on 
the intended purpose and are usually negotiated 
between producer and user. Various products 
differ considerably in quality. Standard values 
for white and yellowish sodium chlorate and 
potassium chlorate are shown in Table 11. The 
given potassium chlorate quality is satifactory 
for many purposes, but may be recrystallized for 
special requirements (Table 11). 


7.8. Storage, Transportation, and Safety 


Chlorates should be stored in a cool, dry, fire- 
proof building. Preferably, a separate storage 
building should be provided with cement floors 
and metal catwalks. 

Wooden construction must be avoided 
because of the combustibility of chlorate- 
impregnated wood. Crystalline chlorate may be 
stored in concrete, lined steel bins, or glazed 
tile silos. Dried air should be supplied to pre- 
vent caking from atmospheric moisture. Drums 
and packages containing chlorates should not be 


stored where such noncompatible chemicals as 
acids, solvents, oils, organic substances, sulfur, 
or powdered metals could be spilled [225]. Ven- 
tilation must be provided for operations where 
fine chlorate dust arises. The ventilation sys- 
tem should discharge to a water scrubber and 
be designed for easy cleaning. Pumps handling 
chlorate solutions should be of the “packless” 
type. Electrical supply and distribution points 
are to be inspected periodically for dust. Motors 
and switches must not be housed in the plant or 
store and must conform to the National Electri- 
cal Code (United States). Metal or plastic pallets 
are recommended for handling containers. 
Safety showers and water supply should be 
available to workers. The containers (barrels) 
must be kept closed and not be stored on top 
of each other. Chlorates are handled in polyeth- 
ylene bags, in metal drums, or metal-lined fiber- 
board or plywood drums (25-170kg). Bulk 
chlorates can be delivered by tank trucks or rail- 
road tank cars either in the dry or wet state. They 
are usually unloaded as a slurry by recirculation 
of hot water (60°C) between the car and the 
dissolver tank. The recommended material for 
storage tank construction is stainless steel (AISI 
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316). Tanks lined with rubber or plastics are not 
recommended because of possible fire or explo- 
sion hazards. For more details, see references 
[226-237]. 


7.9. Uses 


Sodium Chlorate. The rapid growth of 
sodium chlorate production is mainly due to the 
widespread use of the chlorate-derived chlorine 
dioxide bleach by the pulp and paper indus- 
try. The once predominant use of sodium chlo- 
rate as a nonselective herbicide has strongly de- 
clined. Second in importance is its use as an in- 
termediate in the production of other chlorates, 
mainly potassium chlorate, and of sodium per- 
chlorate for conversion to ammonium perchlo- 
rate, which is used as an oxidizer in solid pro- 
pellants. Sodium chlorate is further used as oxi- 
dizing agent in uranium refining and other met- 
allurgical operations, as an additive to agricul- 
tural products and dyes, in textile and fur dyeing, 
metal etching, and in chemical laboratories and 
throughout the chemical industry as an oxidizing 
agent. 


Potassium Chlorate. Potassium chlorate is 
used mainly in the manufacture of matches and 
in the pyrotechnics, explosives, cosmetics, and 
pharmaceutical industry; it is superior to sodium 
chlorate because of its smaller hygroscopicity. 


Barium Chlorate. Barium chlorate is pre- 
pared by reaction of barium chloride with 
sodium chlorate solution. It is precipitated by 
cooling, purified by recrystallization, and used 
in pyrotechnics. 

Calcium Chlorate. Solutions of calcium 
chlorate are used as herbicide. 


7.10. Economic Aspects 


Because of the steadily increasing demand for 
chlorine dioxide in the pulp industry, produc- 
tion of sodium chlorate has doubled in the past 
10 years. Figure 19 shows annual production 
data. Canada is the world’s leading producer 
with 0.5 Mt NaClOs in 1984, closely followed 
by the United States with 0.41 Mt NaClOs. 
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Figure 19. Chlorate production capacities 


Since electric power cost amounts to ca. one- 
third of the total production cost of sodium chlo- 
rate, cheap energy is the key economic factor. 


8. Perchloric Acid and Perchlorates 


Perchloric acid [760]-90-3] and its 
salts, particularly ammonium perchlorate 
[7790-98-9], NH4ClO,4, sodium perchlorate 
[7601-89-0], NaClO4, and potassium perchlo- 
rate [7778-74-7], KClO.4, find many applica- 
tions because of their strong oxidizing power; 
their chemical stability is sufficient to permit 
high-energy oxidation under controlled condi- 
tions. Perchloric acid is used on a limited scale 
mainly as a reagent for analytical purposes; 
its production has increased because of its use 
as a starting material for pure ammonium per- 
chlorate, a basic ingredient of explosives and 
solid propellants for rockets and missiles. Mi- 
nor amounts of potassium perchlorate occur in 
Chile, in natural deposits of sodium nitrate. 
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Table 12. Density, g, and vapor pressure, p, of anhydrous perchloric acid 


t,°C 
0 10 20 25 
o, gem? 1.808 1.789 1.770 1.761 
p. kPa 1.546 2.506 3.913 4,826 


8.1. Physical and Chemical Properties 
8.1.1. Perchloric Acid 


Anhydrous perchloric acid, M, 100.5, can be 
obtained by distilling at reduced pressure a mix- 
ture containing | part of 20 % HClO, and 4 
parts of 20 % oleum. It is a colorless, strongly 
hygroscopic liquid, melting at — 102°C. At at- 
mospheric pressure, it decomposes at 75 °C. Its 
density and vapor pressure vs. temperature are 
given in Table 12. 

Perchloric acid is miscible with water in all 
ratios and forms a series of hydrates as shown in 
Table 13. Boiling points and densities vs. con- 
centration are given in Table 14. For other phys- 
ical properties, see [239], [240]. 

Anhydrous perchloric acid is a very strong 
oxidizing agent. Some metals like nickel, cop- 
per, silver, and gold are only slightly oxidized at 
ambient temperature. Platinum is not attacked, 
but it decomposes the acid by catalytic action. In 
contact with combustible materials, the perchlo- 
ric acid reacts violently, forming explosive mix- 
tures with paper, charcoal, ethanol, acetic anhy- 
dride, and gelatin. 

Perchloric acid is more stable in aqueous so- 
lution than in anhydrous form. The azeotropic 
mixture (72.5 wt % HClO,4) decomposes in the 
absence of oxidizable matter only above the 
boiling point. Concentrated perchloric acid is a 
strong oxidizing agent, especially at high tem- 
perature; it forms explosive mixtures with or- 
ganic compounds, which can detonate on heat- 
ing, percussion, or exposure to sparks or a flame. 

Perchloric acid is a strong acid and reacts in 
aqueous solution with metals, metal oxides, and 
hydroxides, as well as with salts of volatile acids, 
forming the corresponding perchlorates. Some 
oxides, e.g., CuO, catalyze the decomposition 
of perchloric acid. This occurs through a chain 
of reactions that give chlorine, oxygen, and wa- 
ter as ultimate products. 


8.1.2. Perchlorates 


At least one element in each group of the pe- 
riodic table, except the noble gases, forms per- 
chlorates; this includes not only metals, but also 
nonmetallic elements, such as nitrogen in hy- 
drazine perchlorate [/3762-80-6] or fluorine in 
fluorine perchlorate [37366-48-6]. Organic am- 
monium, diazonium, and sulfonium perchlo- 
rates form another large class. Perchlorates are 
generally colorless and well (or fairly) soluble in 
water and such organic solvents as alcohols, ke- 
tones, or esters. Table 15 lists the solubilities of 
some metal perchlorates. Other physical proper- 
ties can be found in [227], [241], and [242]. 

When heated, alkali metal and alkaline-earth 
metal perchlorates decompose before reaching 
the melting point, with the exception of LiClO, 
(mp 247°C). The hydrates of the perchlorates 
generally have definite melting points, but they 
decompose on further heating, after liberation of 
water. 

The outstanding chemical property of the per- 
chlorates is their strong oxidizing power. This is 
exploited either in mixtures of perchlorates with 
combustible materials or by using organic per- 
chlorates as explosives or propellants. On the 
other hand, all perchlorates, also in the pure 
state, are liable to undergo explosive decompo- 
sition if they are heated above a critical tem- 
perature, with liberation of chlorides and oxy- 
gen; ammonium perchlorate has been investi- 
gated extensively in this respect in view of its 
importance for jet propulsion [243-248]. 


8.2. Production 
8.2.1. Perchloric Acid 
Perchloric acid is made from sodium perchlorate 


and hydrogen chloride [239], [249]. A saturated 
NaClO, solution reacts with an excess of HCl, 
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Table 13. Perchloric acid and its hydrates, HClO4-n H2O 
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0 1 2 25 3 3.5 
CAS registry no. [7601-90-3] [60477-26-1] [13445-00-6] [34099-94-0] [35468-32-7] [41371-23-1] 
M, 100.46 118.47 136.49 145.5 154.51 163.5 
CHCIO4, Wt% 100 84.8 73.6 69.1 65.0 61.5 
mp, °C —112 +50 -—175 — 29.8 — 37 (a) — 41.4 
— 43.2 (8) 
Table 14. Boiling points and densities of aqueous perchloric acid solutions 
CHC1O4» Wt% 
24.34 38.9 50.67 56.65 61.2 65.20 70.06 725 
bp, °C 105.8 114.8 132.4 148.0 162.3 189.2 198.7 203 
07°, gicm? 1.154 1.280 1.4058 1.4799 1.5413 1.5993 1.6748 1.7150 
Table 15. Solubility of some perchlorates in water at 25°C (grams in 100 g of water) 
NH4ClO4 24.922 Sr(C1O4)2 309.67 
LiClO, 59.71 Ba(ClO4)2 198.33 
NaClO4 209.6 Cu(ClO4)2 - 2H20 259 
KC104 2.062 AgClO4 540 
RbC1O4 1.338 Cd(ClO4)2 -6H20 478 
CsClO4 2.000 Mn(C1O04)2 - 6H20 268 
Mg(ClO4)2 99.601 Co(ClO4)2 -6H2O0 292 
Ca(ClO4)2 188.60 Ni(ClO4)2 -6H2O0 267 


and NaCl precipitates. The dilute per-chloric 
acid produced after filtration (32 % HC10,) is 
concentrated in three stages up to 70-71 % 
HC10y,; the last stage is vacuum distillation. 

A continuous, electrochemical process for 
the production of perchloric acid has been devel- 
oped in the Federal Republic of Germany. It in- 
volves the anodic oxidation of gaseous chlorine 
dissolved in chilled 40 % HC10, [250], [251]: 


Clo +8 H20 — 14e —> 2HCIO4+14Ht+ 


The electrolyzer is of the filter press type; it is 
composed of poly(vinyl chloride) (PVC) frames 
and the electrodes are separated by a diaphragm 
of PVC fabric. The anodes are made from plat- 
inum foil, spot-welded to tantalum rods. The 
cathodes are horizontally slitted silver plates. A 
40 % HC10,4 solution is circulated from the elec- 
trolyzer to an external cooler, which keeps the 
temperature within — 5 to +3 °C. The operating 
conditions are as follows: current 5000 A; cur- 
rent density 2.5-5kA/m?; voltage 4.4 V; cur- 
rent efficiency 0.60; and chlorine concentration 
at inlet 3 g/L. The outflowing solution is distilled 
to remove residual chlorine and byproduct hy- 
drogen chloride and to obtain high-purity per- 
chloric acid. Platinum consumption is 0.025 g/t 


of 70 % HC1Ox,; it dissolves at the anode, but 
partly redeposits at the cathode and can thus be 
recovered. Per ton of 70 % HC1O4, 9600 kWh of 
electricity (d.c.) is used. The high purity of the 
product, directly obtained by a continuous pro- 
cess not requiring separation stages, is an advan- 
tageous tradeoff versus the relatively low current 
efficiency. The process further allows unusual 
perchlorates to be prepared by direct conversion 
with perchloric acid, thus avoiding the route via 
sodium chlorate. 


8.2.2. Perchlorates 


Various methods for the production of perchlo- 
rates are described in [239]. In practice, commer- 
cial production is based on the following steps: 


1) Electrochemical production of sodium chlo- 
rate from sodium chloride (Chap. 7) 

2) Electrochemical oxidation of sodium chlo- 
rate in aqueous solution to sodium perchlo- 
rate 

3) Conversion of sodium perchlorate into an- 
other perchlorate, e.g.: 
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NaClO4 + KCl —> KC104 + NaCl 


NaClO4 + NH4Cl —> NH4ClO, + NaCl 


In the last step, the corresponding sulfate, 
which causes fewer corrosion problems, can be 
used instead of the chloride. 

This indirect method for the production of 
perchlorates other than NaClO, is advantageous 
over their direct electrosynthesis from the cor- 
responding chlorates, because of their relatively 
small solubility in water (Table 15). Attempts 
have been made to make sodium perchlorate di- 
rectly from sodium chloride, by a single electrol- 
ysis [252-254]. The advantage, however, seems 
debatable, because the resulting current effi- 
ciency is only slightly better than 50 % under 
optimum conditions. 


Anodic Oxidation. The anodic oxidation of 
chlorate occurs according to the following over- 
all reaction: 


ClO; +H20 —2e —> ClO, +2Ht 


The standard potential of the anodic process 
(1.19 V) is very close to that of water oxida- 
tion (1.228 V), which gives rise to oxygen evo- 
lution. Both reactions compete strongly, inde- 
pendent of the acidity of the solution. To obtain 
a satisfactory current efficiency, the anode po- 
tential should be as large as possible, because a 
high polarization enhances the chlorate oxida- 
tion rate more than the oxygen evolution [255]. 
This is achieved by selecting a suitable anode 
material and a high current density. Several re- 
action mechanisms have been proposed for chlo- 
rate oxidation to perchlorate [39]. 

Cell design and operating conditions must 
be selected to optimize electricity consumption, 
which depends on cell voltage and current effi- 
ciency. Both are affected by a number of vari- 
ables in conflicting ways. In particular, the cur- 
rent efficiency is improved by increasing the cur- 
rent density, but this also increases the cell volt- 
age. A temperature rise operates in reverse in 
that not only the voltage, but also the current 
efficiency is diminished. A high sodium chlo- 
rate concentration in the effluent liquor improves 
current efficiency as well as voltage, but requires 
more expensive procedures and higher chlorate 
consumption to obtain a sufficiently pure per- 
chlorate solution. 


Industrial Cells. Contrary to electrochemi- 
cal chlorate production, the residence time of the 
electrolyte in the perchlorate cell is not a critical 
parameter. The cell is undivided and hydrogen 
gas evolution provides sufficient agitation to de- 
crease the sodium chlorate concentration gradi- 
ent between the cell inlet and outlet. Because of 
the relatively high heat dissipation, the cell is 
normally provided with internal cooling. 

Smooth platinum anodes yield the highest 
oxygen overpotential and, hence, the highest 
current efficiency (95 —97 %). Platinum is either 
used in foils or cladded onto rods of some other 
metal, such as tantalum or copper. Lead dioxide 
anodes are also used [256]; they consist of a lead 
dioxide deposit plated on some conductive sub- 
strate, such as graphite rods or plates [257-260]. 
They are less expensive than platinum, which 
more than offsets their lower current efficiency 
(85 %). When a small amount of sodium fluo- 
ride (2 g/L) is added to the electrolyte, the cur- 
rent efficiency increases [257]. More recently, 
platinate-coated titanium has been claimed to 
substitute profitably for massive smooth plat- 
inum in perchlorate manufacture [261]. 

Cathodes are made from carbon steel, 
chromium — nickel steel, nickel, or bronze. As 
in chlorate electrosynthesis, sodium dichromate 
is added to the solution to minimize the current 
efficiency loss caused by cathodic reduction of 
perchlorate. At the same time, dichromate in- 
hibits corrosion of the steel parts that are directly 
exposed to the electrolyte, in addition to their 
cathodic protection. However, dichromate can- 
not be used with lead dioxide anodes, because it 
catalyzes oxygen evolution [255]. In that case, 
the most suitable cathode material is nickel or 
chromium — nickel steel. 

Figure 20 shows some typical cell models 
[262]. In the Bitterfeld cell, each anode, made 
from platinum foil, works between a pair of cath- 
odes made from perforated steel plates. The cell 
is kept at 35 °C by cooling water running through 
a steel pipe bundle. 

In the Cardox cell, the anodes consist of plat- 
inum cladded onto copper rods 1.3 cm in diame- 
ter. Each anode is surrounded by a cathodic tube 
7.6cm in diameter, which is made from steel 
and perforated at both ends. This allows hydro- 
gen gas to escape into the interelectrode space 
and ensures convective circulation. 
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Figure 20. Some typical models of perchlorate cells 
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A) I.G. Farbenindustrie, Bitterfeld; B) Cardox Corp.; C) American Potash and Chemical Corp.; D) Pechiney, Chedde 
a) Cell tank; b) Cover; c) Anode; d) Cathode; e) Cooling system; f) Circulation holes; g) Glass rods; h) Porcelain insulators; 


i) Gas outlet 


Table 16. Typical operational data for perchlorate cells 


Current 500-12000A 
Current density 1500-5000 A/m? 
Cell potential 5-6.5V 
Current efficiency 

Platinum anodes 90-97 % 

Lead dioxide anodes 85 % 


Electric energy (d.c.) 


per ton of NaClO4 2500-3000 kWh 
Electrolyte temperature 35-50°C 
pH 6-10 
Concentrations, g/L 
Nag Cro O7 0-5 
Cell inlet 
NaClO3 400-700 
NaClO4 0-100 
Cell outlet 
NaClO3 3-50 
NaClO4 800-1000 
Platinum consumption 2-7g 
per ton of NaClO4 


In the model of American Potash and Chem- 
icals (formerly Western Electrochemical Co.), a 
set of anodic platinum foils is arranged around 
the inner wall of the cylindrical cell body per- 


forming as the cathode; the interelectrode gap 
is stabilized by a number of glass rod spacers. 
The temperature is kept at 40-45 °C by inter- 
nal cooling and by a water jacket surrounding 
the cylindrical cell tank. 

In the Pechiney model, the anodes are plat- 
inum foils and the cathodes are plates made from 
bronze. 


Operation. Table 16 shows typical opera- 
tional data [39], [239], [262]. Sodium perchlo- 
rate can be separated from the cell effluent either 
as hydrate or as anhydrous salt. Depending on 
concentration, separation is carried out by cool- 
ing alone or by evaporation, followed by cool- 
ing. The monohydrate precipitates from the so- 
lution below ca. 52°C; above this temperature, 
the perchlorate crystallizes as the anhydrous salt. 
In either case, the mother liquor still contains a 
large amount of perchlorate. After enrichment 
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with sodium chlorate, this solution is recycled 
to the electrolysis process. 

When the sodium perchlorate is used for con- 
version to other perchlorates, it need not be sep- 
arated from the cell effluent. Sodium chlorate 
is destroyed by chemical treatment and dichro- 
mate precipitated as insoluble chromic hydrox- 
ide. The purified and concentrated solution is 
then ready for conversion to other salts [263]. 


8.3. Environmental Protection 


On account of the limited volume produced 
and their slight toxicity, perchlorates do not 
constitute an environmental pollution problem. 
Aquatic life (fish, leeches, and tadpoles) sur- 
vives indefinitely even when the perchlorate 
concentration in water exceeds 500 mg/L [264]. 
However, because of the antithyroid effect of 
perchlorate, some chronic symptoms may ap- 
pear at low levels. 

Some bacteria, such as Vibrio dechloraticans, 
can metabolize perchlorates; this is exploited for 
perchlorate destruction in the sanitation of con- 
taminated sewage waters. 


8.4. Chemical Analysis 


Perchlorate is analyzed by its decomposition to 
chloride. This occurs by melting the perchlorate 
salt in a platinum dish with sodium carbonate, 
which accelerates the thermal decomposition. 
Sodium carbonate can be replaced with ammo- 
nium chloride if alkali-metal perchlorates are an- 
alyzed that decompose rapidly at 450-550 °C. 
The cooled melt is then dissolved in water or 
dilute nitric acid, and the total chloride is de- 
termined by normal volumetric or gravimetric 
methods. The chlorate or chloride content ini- 
tially present in the sample must be subtracted 
to obtain the amount of perchlorate in the sam- 
ple. 

Quantitative precipitation of perchlorate 
from an aqueous solution by one of the following 
reagents is also possible: methylene blue [265]; 
potassium, rubidium, or cesium salts in cold eth- 
anol — water solution [266]; or tetraphenylphos- 
phonium chloride [267], [268]. The most sen- 
sitive quantitative determination of perchlorate 
(10-©-10-") is possible by means of ion- 
specific electrodes [269], [270]. 


8.5. Storage, Transportation, and Safety 


The same storage and shipping regulations that 
apply to chlorates (Section 7.8) are also appli- 
cable to perchlorates. 

According to the U.S. Department of Trans- 
portation (DOT) regulations for hazardous ma- 
terials, perchloric acid and perchlorates are 
shipped in glass containers or metal drums as 
specified in [271]. They are classified as oxidiz- 
ing substances and require oxidizer shipping la- 
bels. Transportation is forbidden on passenger- 
carrying aircraft or railcars. Shipment of per- 
chloric acid in concentrations greater than 72 % 
is forbidden. Ammonium perchlorate may be 
shipped in steel drums with plastic liners; large 
quantities are transported in portable aluminum 
containers holding up to 2.27t. Lower-side or 
hopper-type product discharge openings are not 
permitted. 

Sodium or magnesium perchlorate may be 
shipped wet in tank cars with a minimum of 10 % 
water, which must be equally distributed. All 
perchlorates not specifically covered by DOT 
regulations should carry special precautionary 
labels indicating the specific fire or explosion 
hazards expected from the individual perchlo- 
rate. 

Despite their limited toxicity, perchloric acid 
and perchlorates must be considered, like chlo- 
rates, as hazardous chemicals during fabrication, 
transportation, and handling. Because of its ten- 
dency toward spontaneous explosion, anhydrous 
perchloric acid should be prepared only in very 
small batches and in the absolute absence of im- 
purities. It can be stored for a limited time at 
low temperature and must be protected from any 
kind of contamination. Distillation must be car- 
ried out under vacuum (2.4kPa at 16°C) and 
with protective shielding. One must never try to 
obtain the acid in anhydrous form by treatment 
with a drying agent. It should be stored in glass 
containers with glass stoppers, possibly embed- 
ded in kieselguhr or glass wool for protection. 

Ammonium perchlorate and alkali-metal and 
alkaline-earth metal perchlorates are relatively 
insensitive to rubbing, heating, and shock. They 
also require special precautions in manufactur- 
ing and further handling [225], [226]. Clean 
work clothing must be worn each day and laun- 
dered afterward; it must not be taken home. 
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Clothing wet with perchlorate solution should 
be changed before drying. No smoking can be 
permitted in perchlorate working areas or while 
wearing work clothes. Deluge type safety show- 
ers or jump tanks should be provided. Only rub- 
ber shoes and rubber or rubberized gloves are 
permitted. 

Perchlorates should not be stored close to 
flammable materials, reducing agents, or other 
hazardous substances. Buildings in working ar- 
eas should be fireproof. Dust control or dust pre- 
vention in perchlorate solutions is particularly 
important. Since mixtures of such solutions with 
oil or grease are violently explosive, motor and 
pump bearings must be provided with special lu- 
bricating and washing devices [225]. Fires must 
be extinguished with water, but carbon diox- 
ide may provide sufficient cooling to extinguish 
small fires. Dry powder is ineffective because it 
cannot smother a self-sustaining fire. For burns, 
cold water treatment should be used as quickly 
as possible. For other first aid measures, consult 
[226]. 

A second class of more hazardous com- 
pounds is formed by inorganic perchlorates con- 
taining nitrogen or heavy metals, organic per- 
chlorates, or mixtures of inorganic perchlorates 
with organic substances, finely divided metals, 
or sulfur. They are all very sensitive to rubbing, 
shock, percussion, sparks, and heating and must, 
therefore, be handled with the same precautions 
as high explosives (—> Explosives). 


8.6. Uses 


Perchloric Acid. The commercial product is 
the azeotropic, aqueous solution of 72.5 % 
HC10,4 (bp 203°C). In analytical chemistry, 
it serves to determine the metallic elements 
present in oxidizable substances, such as or- 
ganic compounds [272-277]. Perchloric acid is 
an acetylation catalyst for cellulose and glucose 
and is used in the preparation of cellulose fibers. 


Perchlorates. The most outstanding prop- 
erty of ammonium perchlorate is its high oxy- 
gen concentration (54.5 % Oz) and the fact that 
it decomposes without leaving a solid residue. 
Therefore, it is used as an oxidizing component 
in solid rocket propellants. 


Lithium perchlorate is used in lithium—nickel 
sulfide dry batteries [278], and sodium perchlo- 
rate in electrochemical machining [279]; potas- 
sium perchlorate is a component of pyrotechnics 
and an ignition ingredient in flash bulbs [280]. 
Magnesium perchlorate is known as a very ef- 
fective drying agent. 

Ammonium perchlorate mixed with an epoxy 
resin forms a temporary adhesive between two 
metallic surfaces, such as two steel plates. These 
can be separated whenever desired by heating at 
ca. 300°C because of the self-sustained com- 
bustion of the adhesive layer [281]. Ammonium 
perchlorate has been tried as a feed supplement 
to increase the weight of livestock, with an op- 
timum dose of 2—5 mg/kg [282-286]. Perchlo- 
rates have also proven to be helpful in oxygen- 
regenerating systems to be used in enclosed 
environments, such as submarines and space- 
craft, and in breathing equipment [287]. Potas- 
sium values from enriched bittern, obtained from 
the Dead Sea or the Great Salt Lake, can be 
recovered by precipitating potassium perchlo- 
rate with sodium perchlorate [288], [289]. 


8.7. Economic Aspects 


Statistical data about the production and use 
of perchlorates are not easily accessible be- 
cause of their strategic importance. The United 
States’ production in 1974 was reported to be 
ca. 25 000t, or ca. 12 % of the chlorate produc- 
tion [290]. On account of the increasing devel- 
opments of artificial satellites and space shuttle 
programs, perchlorate production will increase, 
due to their major use in solid propellants. 


9. Toxicology and Occupational 
Health 


Hypochlorous acid and hypochlorites are 
toxic because they liberate chlorine on contact 
with acid. Sodium hypochlorite solution pro- 
duced by on-site electrolyzers (available chlo- 
rine concentration 0.5-—10 g/L) is regarded as 
corrosive and as an irritant when ingested or in- 
haled. It is also a mild skin irritant, and pro- 
longed exposure may result in a burn or rash 
[56]. However, concentrated hypochlorous acid 
burns human skin in seconds. 


Chlorine Oxides and Chlorine Oxygen Acids A 


Chlorine Dioxide. Chlorine dioxide gas is 
the most toxic and hazardous of all chlorine 
oxides. Even when small amounts of chlorine 
dioxide are inhaled, the respiratory system is 
severely damaged [291]. The symptoms of chlo- 
rine dioxide intoxication depend on its concen- 
tration and on the exposure time; they include 
lacrimation, headache, vomiting, severe cough, 
asthmatic bronchitis, dyspnea, and even death. 
Such defects as dyspnea or asthmatic bronchitis 
only heal slowly after the exposure to chlorine 
dioxide has ceased. 

Exposure to 5 ppm of chlorine dioxide in air 
during several hours severely irritates the mu- 
cous membranes [292]; short-term exposure to 
20 ppm may cause death. According to animal 
experiments and observations of employees in 
chlorine dioxide production plants, the human 
and animal organisms are extremely sensitive to 
chlorine dioxide, in particular when the concen- 
trations are higher than 1 ppm [291-294]. 

Chlorine dioxide levels below 0.1 ppm are 
relatively harmless [295], [296]. Exposure of 
rats to 0.1 ppm of chlorine dioxide (5h/d; 10 
weeks) showed no toxic effects whereas re- 
peated inhalation of 10 ppm of chlorine dioxide 
caused death. 

The odor threshold of chlorine dioxide is less 
than 0.1 ppm [297], [298]. The MAK and the 
TLV of chlorine dioxide have been established 
at 0.1 ppm (0.3 mg/m’). 

Chlorine dioxide production plants must be 
operated at slightly subatmospheric pressure. 
The plant design must also account for the 
high explosiveness of chlorine dioxide; there- 
fore, chlorine dioxide is diluted with air to below 
15 % before it leaves the generator. No attempt 
should ever be made to transport chlorine diox- 
ide over long distances in any form. 


Chlorates. The major health hazard of the 
chlorates arises from their extreme danger of 
flammability on contact with oxidizable sub- 
stances. Irritation of the skin, mucous mem- 
branes, and eyes may occur from prolonged ex- 
posure to dusty atmospheres. Contrary to chlo- 
rides, the chlorates are strong blood toxins. 
Chlorates are readily absorbed by the mucous 
membranes; doses of a few grams of chlorate are 
lethal for humans. Abdominal pain, nausea and 
vomiting, diarrhea, pallor, blueness, shortness 
of breath, and unconsciousness are the immedi- 


ate symptoms when toxic amounts of chlorates 
are ingested. In workplaces with dust formation, 
dust masks must be worn. Cases of chronic tox- 
icity have not been reported. The instructions 
for industrial safety must carefully be observed 
[226], [227], [229]. For detailed information on 
precautionary and first aid procedures, see [228], 
[233-237]. 


Perchlorates. Sodium perchlorate appears 
in the urine of humans within 10 min after inges- 
tion and is largely eliminated within 5 h. During 
many years of large-scale production of alkali- 
metal perchlorates, no case of perchlorate intox- 
ication has been reported [239]. Industrial expe- 
rience also indicates that these salts are not par- 
ticularly irritating to the skin or mucous mem- 
branes, although inhalation should be avoided. 
A sodium perchlorate dose of 2—4 g/kg is lethal 
to rabbits. 
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Herstellung von Perchloraten durch Elektrolyse*) 
Von Direktor A. LEGENDRE 
Pechiney, Compagnie de Produits Chimiques et Electromélallurgique, Usine de Chedde, Haute-Savoie 


Nach einem Uberblick tiber die geschichtliche Entwicklung der Perchlorat-Synthese werden die theore- 

tischen Grundlagen des Verfahrens, sodann seine verschiedenen fechnischen Verwirklichungen behan- 

delt. AuBerdem werden die verschiedenen Ejinflufigré8en, wie z. B. Temperatur, Anoden-Material, 

Endkonzentration der Elektrolytlésung und Stromdichte, auf die Energie-Ausbeute diskutiert. Den Schiu8 
bildet ein wirtschaftlicher Vargietch. 


Nachdem die Perchlorat-Herstellung lange Zeit die 
_ Basis fiir die Fabrikation von Sprengstoffen gebildet hat, 
benutzt man heute Perchlorate weitgehend zur Herstel- 
lung von festen Propergolen® (Treibstoffe fiir Dtisen- 
maschinen). In diesen Treibstoffen wurde das Kalium- 
perchlorat sehr bald durch Ammoniumperchlorat ersetzt, 
denn das kKleinere Molekulargewicht ermdglicht einen 
groBeren AntriebSimpuls. Nach neuesten Voraussagen 
glaubt man, daB in einigen Jahren nahezu alle Kraftfahr- 
zeuge und bestimmte Stufen der Raummaschinen mit 
festen Treibstoffen auf Basis von Perchloraten angetrie- 
ben werden. Diese Treibstoffe bestehen aus einer Mi- 
schung von 75°/o Ammoniumperchlorat und hochmolekula- 
ren organischen Substanzen. 


Da Ammoniumperchlorat ein ,strategisches Produkt” 
ist, K6nnen nur geschatzte Produktionsziffern angegeben 
werden. So wurden in den USA 1958 etwa 8000 t her- 
gestellt, wahrend sich die heutige Produktion auf unge- 
fahr 100 000 t/Jahr belauft. 


Ammoniumperchlorat kann entweder durch Neutralisa- 
tion der Perchlorsaure oder durch doppelte Umsetzung 
von Natriumperchlorat gewonnen werden, wahrend Na- 
triumperchiorat und die Perchlorsdure durch Elektrolyse 
gewonnen werden. 


Geschichtliches 


Die Perchlorate wurden 1816 von F. v. Siadion ent- 
deckt, der Kaliumperchlorat aus Kaliumchlorat durch Reak- 
tion mit konzentrierter Shwefelsaure herstellte. 1835 ent- 
deckte Berzelius, daB sich Perchlorsdure durch Elektrolyse 
einer wafrigen Lésung von Salzsdure gewinnen la8t und 
Kolbe fithrte 1847 die gleiche elektrolytische Herstellung 
durch. Erst 1890 erhielt Carlsson‘) ein Patent flr ein 
elektrolytisches Verfahren zur Herstellung von Chloraten 
und Perchloraten. 1893 erbaute man dann in Mansboe in 
Schweden die erste Fabrik fir die elektrolytische Gewin- 
nung von Perchlorat. 


Die Industrie fiir die Herstellung von Perchlorat ent- 
wickelte sich dann rasch, hauptsachlich in der Zeit, die der 
Herstellung von Sprengstoffen galt. Die Compagnie de 
Produits Chimiques et Electrométallurgique Pechiney 
nahm 1901 in Chedde die Fabrikation von Perchloraten 
auf. Dann wurden i907 Anlagen von der Firma Elektro- 
chemie Turgi, Turgi (Schweiz), und von der Hooker 
Electrochemical Company 1908 an den Niagara-Fallen 
errichtet. Wahrend des ersten Weltkriegs beschleunigte 
sich diese Entwicklung, so wurden in Bitterfeld von der 
Chemischen Fabrik Griesheim-Elektron und in Trolihattan 
(Schweden) von der Firma Fosfatbolaget eine Fabrik 
errichtet. 1914 betrug die Weltproduktion an Perchloraten 
etwa 2000 dis 3000 t; sie stieg wahrend des ersten Welt- 
kriegs auf mehr als $0 000 t(Jahr an. Nach dem Krieg fiel 
die Produktion stark ab, denn andere Sprengsltoffe ver- 
drangten die Perchlorate. Wahrend des zweiten Welikriegs 
gab aber die Entwicklung von Raketen und Disenmaschi- 
nen, die fir den Antrieb feste Treibstoffe benutzten, die- 
ser Industrie einen neuen Auftrieb. 


Paralle) mit dieser Entwicklung wurde auch das Kalium- 
perchlorat laufend durch Ammoniumperchlorat ersetzt. So 


‘) Vorgetragen vor der GDCh-Fachgruppe ,Andewandie 
Elektrochemie”, 5. und 6. Oktober 1961 in Frankfurt a. M.-Hochst. 


Chemiu-Ing.-Techa. 
44. Jahrg. 1962 / Nr. 5 


Stellte z.B. die USA 1951 nur 390 t Ammoniumperchlorat, 
aber 4370 t Kaliumperchlorat her, wahrend 1954 nur noch 
830 t Kaliumperchlorat, aber bereits 3950 t Ammonium- 
perchlorat hergestellt wurden. 1958 wurden in den USA 
bereits 2000 t Ammoniumperchlorat hergestellt; die heu- 
lige Produktion durfte mehrere 10 000 t/Jahr betragen. 


Perchlorsaure 


Perchlorsaéure wird im wesentlichen in den analytischen 
Laboratorien und fiir die Herstellung von Perchloraten 
in kleinen Mengen verwendet (z. B. Magnesiumperchlorat 
als Trockner, Berylliumperchlorat ftir die Behandlung von 
Textilien}. Sie kann aber auch zur Hersteilung von Am- 
moniumperchlorat benutzt werden, 


Goodwin und Walker*) gewannen Perchlorsadure durch 
anodishe Oxydation von sehr verdinnten Salzsdure- 
losungen bej niedriger Temperatur und hoher Stromdichte. 


Dieses Verfahren wurde 1953 von Mathers*) wieder 
aufgenommen, der — in Analogie zu der elektrolytischen 
Ozon-Gewinnung in einer sehr sauerstoffhaltigen und 
sehr konzentrierten Saure —— als Elektrolyten verdiinnte 
Salzsaure in Perchlorsaure benutzte, Dieses Verfahren 
fand aber keine technisthhe Anwendung. 


Dagegen benutzt die E. Merck AG, Darmstadt, die ano- 
dische Oxydation dés in der Perchlorsdure gelésten Chiors 
zur Herstellung von Perchlorsaure. Das Verfahren arbeitet 
nach der Bruttoreaktionsgleiciung 


Cl, +8H,O+2HCIO,+7H:, 4). 


Die Elektrolyse wird bei 0°C zwischen einer Silber- 
kathode und einer Platinanode auf Tantal-Rahmen durch- 
geftthrt. Die Zellen arbeiten bei 4 V und 3500 A mit einer 
Stromdidite von 20 A/dm?. Ein Teil der Sdure wird in den 
Proze§ zurickgefiihrt, ein anderer abdestilliert und auf 
60°/o aufkonzentriert. Dieses Verfahren ist vor allem fii 
die Produktion von reiner Perchlorséure geeignet”’). 


Da Natriumperchlorat durch Elektrolyse von Natrium- 
chlorat-Lésungen gewonnen wird, erscheint die Herstel- 
lung von Perchloraten durch Elektrolyse als verntnftige 
Erganzung zur Natriumchlorat-Herstellung und nicht dur 
Chlor-Industrie. So sind auch einige Werke flir die Her- 
stellung von Chloraten nur errichtet worden, um die 
Fabrikation von Perchlorat aufzunehmen. Dies gilt vor 
allem ftir die USA. 


Natriumperchlorat 
Theoretisches 


Die direkte Elektrolyse der Chloride zur Herstellung 
von. Perciloraten gibt unter wtblichen Bedingungen 
schlechte Stromausbeuten. Zahlreithe Autoren giauben 
Uubrigens, da8 das Chlorat erst dann zum Perchiorat oxydiert 
werden kann, wenn das gesamte Chlorid zu Chlorat um- 
gewandelt ist, denn das Anodenpotential der Oxydation 
des Chlorats liegt hdher als das des Chlorids. Nach 
Izgaryshev') bringt allein die direkte Elektrolyse des 
Lithiumcblorids annehmbare Perchlorat-Ausbeuten. Er er- 
klart dies durch die Gréfe und die Hydratation des 
Kations. 


“) Eine Veroffentlichhung tiber dieses Verfahren erschaml 
demnachst in dieser Zeitschrift (Die Redaktion). 
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Aus diesen Uberlegungen folgt, da8 es vorteilhaft ist, 
zundchst das Chlorat, dann das Natriumperchlorat, durdi 
zwei verschiedene Elektrolysen unter den jeweils gunstig- 
sten Bedingungen zu gewinnen. Die Elektrotyse einer 
. waGrigen Natriumchlorat-Lésung verlauft nach der Reak- 


fon: = NaClO, + HO > NaClO, + 2Ht + 27. 


Es scheint, als ob das Wasser elektrolysiert wiirde, 
wobei das Chlorat durch den Sauerstoff an der Anode 
oxydiert und der Wasserstoff an der Kathode entiaden 
wiirde. Der wirklicie Reaktionsmechanismus ist noch sehr 
umstritten. Einige Autoren glauben, daB an der Anode 
zunachst OH -Ionen, andere, daB ClO,-Ionen entiaden 
werden und einige glauben, da® beide Reaktionen gleich- 
zeitig ablaufen Kénnen. 


Die Entladung der OH -Ionen wird von Bennet und 
Mack) fiir richtig gehalten, da das Potential fur die Oxy- 
dation der ClO,--Jonen kleiner sei als das fur die Ent- 
ladung der OH™-Ionen. Zwar soll das Anodenpotential 
nicht ausreichen, um den Sauerstoff zu entladen, sondern 
nur fir die Bildung von naszierendem Sauerstoff gent- 
gen, der dann die CiO,;-IJonen in der Umgebung der 
Anode direkt oxydiert, Sie belegen thre Annahme damit, 
daB dieselben Faktoren {Anodenmaterial, Stromdichte, 
Temperatur) in entgegengesetzter Richtung auf die Reak- 
tion 2O,,., + O. und auf die Chlorat-Oxydation ein- 
wirken. Sie schlagen folgenden Reaktionsmedianismus 


vor: 4 OR Ott. + H.O a ) en 
CIOs” FT Onsen, > ClOL, 


Einen 4hniichen Mechanismus, der sich auf neueste 
Arbeiten stiitzt, schhlagt Haokett*) vor. 


2OH-+2+-OH +267 
« OH + ClOS”-— OH + « CIO, 
OH + + ClO,—- HClO, ~ CIO + H’. 


Andere Autoren vertreten dagegen die primare Ent- 
ladung der CiO,-lonen, z. B. Oeschli®!, Knibbs und Pal- 
freeman®) sowie Sugino und Aoyagi"). 


Auf Grund von anodischen Polarogrammen schlieBt 
Sugino”) auf die Entladung der CiO,~-Ionen und folgert, 
daB das Oxydationspotential der Chlorate héher sein 
kann als das fir die Sauerstoff-Entwicklung. Er nimmt 
an, daB die Entladung der ClO,y-Ionen nicht nur durch 
eine erhéhte Uberspannung des Sauerstoffs gegeniiber 
dem benuizten Anodenmaterial, sondern auch durch einen 
Mangel an Wasser in der Umgebung der Anode bedingt 
ist. Dieser Wassermangel sei durch die sehr hohe Salz- 
konzentration des verwandten Elektrolyten und die sehr 
starke Hydratation der Jonen verursacht, wie sich auc 
durch Experiment beweisen lieB. Er halt daher folgendes 
Reaktionsschema fiir wahrscheinlich: 


2ClOS > 2ClOy +27 
(2 ClO, > ClO, — O,C)) 
2 ClO, + H,O-> HCIO, + HCIO, 
(C10, — O,Cl + H,O + HCIO, + HCIO,). 


Auch Jakoleva'') schlieBt auf Grund von polaragraphi- 
schen Messungen, die denjenigen von Sugino ahnlich sind, 
auf die gleichzeitige Entladung von ClO,-- und OH™- 
Jonen, denn er glaubt, daB die « ClO,-Radikale in dem 
Potentialbereich der Sauerstoff-Entwicklung sehr reak- 
tionsfahig sind und eher als die ClO;-Ionen mit dem 
naszierenden Saverstoff an der Oberflache der Anode 
reagieren: 
ogee ‘ Clo, +e } 

H,O + Oise: ues ee 


* ClO, F Onasz, + “ClO, 
~CiO,; > e + CIO, 


FinfluBgréBen auf die Elektrolyse 

Industriell kann man tiber folgende GroSen die Reak- 
tion beinflussen: Die Temperatur, den py-Wert, die Kon- 
zentration an Chloraten und Perchloraten, die Strom- 
dichte, das Anodenmaterial sowie Zusatzstoffe zu der 
ElektrolyselGsung. Nach den fraheren Theorien kann man 
kaum voraussagen, in welcher Richtung sich diese Varia- 
tionen auswirken werden, alsgenommen die Chiorat- 
Konzentration, die — gleichgiiltiq von welcher Theorie 
man ausgeht — nicht unter einem bestimmten Minimal- 
wert sinken sollte. 


Einflu8 der Temperatur 


Zu Anfang der industriellen Perchlorat-Herstellung 
arbeitete man nach Vorschlagen von Winteler!®) und 
Couleru") bei niedrigen Temperaturen (etwa 10 bis 30 °C). 
Tatsdchlich war die Stromausbeute bei 30° besser als bei 
60°C (93%. anstatt 83%), obgleich diese Tatsache bestrit- 
ten wurde. In Wirklichkeit scheint die Stromausbeute 
nicht sehr von der Temperatur abzuhangen. Durch Tem- 
peraturerhohung wird zwar die Leitfahigkeit der Lésun- 
gen verbessert, so da8 bei gegebener Stromdichte eine 
schwachere Klemmenspannung erhalten wird, vgl. Abb. 1. 
Somit erhalt man einen besseren spezifischen Energie- 
verbrauch. Dagegen nimmt der Verbrauch an Platin und 
an Bleidioxyd mit der Temperatur zu‘‘), Man ist daher zu 
einem Kompromi8B gezwungen; so arbeiten heute alle mo- 
dernen Anlagen bei Temperaturen zwischen 40 und 60 °C. 
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Abb. 1. Klemmenspannung als Funktion der Temperatur 


+ erste Versuche in Chedde; @ zweite Versuche in Chedde: « 


A nah Williams); O nach Kibbs und Palfreeman?! 


EinfluB des p,-Wertes 


Die meisten Autoren empfehlen im sauren py-Bereich 
zu. arbeiten. Knibbs und Palfreeman®) begriinden dies da- 
mit, daB das AusmaB der OH~-Jonen-Entladung herab- 
gesetzt werden mu. Derselben Meinung sind Williams's) 
und Hackett”); jetzterer gibt an, daB der py-Wert nur un- 
ter 7 liegen mufi, da unterhalb dieses Wertes die Stromaus- 
beute unabhangig von der Aciditat ist. Nach neueren aus- 
gedehnten Versudien von Narasimham und Sundarajan®) 
solien bessere Stromausbeuten in basischem Milieu an 
Bleidioxyd-Anoden erhaiten werden. SdchlieBlich erhielten 
wir selbst in Chedde bei einem pyy-Wert von ungefahr 
10 und Platin-Anoden Stromausbeuten von 95°/o, Somit 
glauben wir, da8 nur in Verbindung mit bestimmten 
Elektrolysebedingungen ein bestimmter Dy-Wert einge- 
halten werden sollte, daB der py-Wert allein aber keinen 
bestimmenden Finflu8 austibt. Ubrigens spricht vieles da- 
fur, daB der p;,-Wert immer in der Umgebung der Anode 
sauer ist infolge der Entladung von OH~-Ionen oder als 
Folge der Bildung von Wasseystoff-Ilonen durch Reaktion 
der Chiorat-Ionen mit dem Wasser. 
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Finfluls der Chlorat- und Perchlorat-Konzentrationen 


Wie bereits. gesagt und wie sich aus der Theorie ab- 
leiten }&6t, werden die besten Stromausbeuten bei hohen 
Chiorat-Konzentrationen erhalten, vgl. Abb. 2. Liegen die 


_Chiorat-Konzentrationen unter einem bestimmten Wert, 


so entwickelt sich Ozon. 
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Abb. 2. Stromausbeute als Funktion der Endkonzentration an 
Natriumailorat 
Kurve a: Platin-Anoden; Kurve b: Bleidioxyd-Anoden {ohne Zu- 
sdtze); Werte nach @ Grigger!7), A Amer. Potash and Chemical 
Corp., X Schumacher!t) (PbO, + NaF}, O Chedde 
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Abb, 3. Veranderung der Zusammensetzung der Lésungen im 
Verlauf der Elektrolyse (Parameter : Temperatur) 
a bei 100°/p Stromausbeute 
b Pacific Engineering Corp. 
c Cardox Corp. 
d Amer. Potash and Chemical Corp. 
e 1G-Bitterfeld 
f{ Pechinev, Werk Chedde 
GS etal Sate Verdampfung; + + + + Verdiinnen 
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Grigger, Miller und Loomis’) erhielten die in Tab. 1 
aufgefihrten Stromausbeuten an verschiedenen Anoden 
bei verschiedenen Chlorat-Konzentrationen. 

Die Spannung nimmt ttbrigens zu mit sinkendem Chlo- 
rat-Gehalt. Die Perchlorat-Konzentration scheint wenig 
Einflu8 zu haben, es sei denn, den Wassergehalt der 
Fliissigkeiten zu begrenzen (Sugino’)}, 

Bei der technischen Herstellung wird man die Chlorat- 
Konzentration ausreichend tief halten missen, damit man 
eine befriedigende Perchlorat-Konzentration erreidien 
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Tabelle 1. Stromausbeunten bei der Elektro- 
lyse von Natriumchlorat 


Anfangs- 
konzentration 
an Nacio 4 


End- 
konzentration 
an NaClo, 
{g/l} 


Anoden- 
material 


Strom- 
ausbeute 


Pt 602 100 87,4 
293 39.8 82,4 
197,6 3,9 65,4 
Pb O, 606 100 75,0 
186 49,1 271 


198 18 . 33,9 


kann, die auch mit der gegenseitigen Léslichkeitsbeein- 
flussung der beiden Salze vereinbar ist. Einige industrielle 
Verfahren arbeiten tibrigens, um die Abtrennung der Per- 
chlorate durch fraktionierte Kristallisation zu vermeiden, 


bis‘ zur nahezu vollkommenen Chlorat-Erschdpfung {5 g 
Chlorat/l), vgl. Abb. 3. 


Ejnflu8 der Stromdichte 


Wahrscheinlich hat die Stromdichte keinen grofen 
Einflu8 auf die Stromausbeute, obgleich Narasimham!*) im 
sauren Milieu ein Optimum fiir 27 A/dm* gefunden hat. 
Dagegen wirkt sich die Stromdichte offenbar auf die Klem- 
menspannung aus, vgl. Abb, 4. Der spezifische Energie- 
verbrauci andert sichh-in derselben Richtung wie die 
Stromdichte. Da aber gerade von diesem die festen Kosten 
vor allem bei Bentitzung von Platin-Anoden abhdngen, 
ist man daran interessiert, bei mdglichst hohen Strom- 
dichten zu arbeiten. 


Klemmenspannung 


BO S a) 50 A/dm? 
(GGA Stromdichte 
Abb. 4. Klemmenspannung als Funktion der Stromdichte 
Werte nach: + Chedde; @ Cardox Corp.; A IG-Bitterfeld; 
X Amer. Potash and Chemicai Corp. 


Einflu8 des Anodenmaterials 


Bei der technischen Herstellung von Perchlorat ver- 
wendet man Anoden aus Platin und Bleidioxyd. Von den 
anderen untersuchten Anoden (Palladium, Wolfram, Tan- 
tal, Chromnickeistah], Zirkonium) schein allein ees 
dioxyd interessant zu sein‘), 


Platin wurde und wird noch am meisten benutzt, aber 
die Tendenz geht in Richtung des Bleidioxyds, wie zahl- 
Teiche Arbeiten und neue Patente beweisen, da die festen 
Kosten und die Kosten infolge des Anodenverbraums 
hier sehr viel geringer sind. © 


Dagegen ergeben Bleidioxyd-Anoden geringere Strom: 
ausbeuten. Man versucht daher, auf einem gentigend iner- 
ten Trager (z. B. Tantal) plattierte Platin-Anoden zu ver: 
wenden. Dadurch scheint sich zwar der Platin-Verbrauch 
nicht Zu verringern, aber die Herstellungskosten und even- 
tuel] auch die Stromdichte werden dadurc herabgesetzt. 
Durch die Herabsetzung der Stromdichte kann tibrigens 
bis zu einem gewissen Grad auch der Platin-Verbrauch 
herabgesetzt werden’), 


1 
= s—-s we ew ee 
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Bei der Verwendung von Blejidioxyd-Anoden ergaben 
sich Schwierigkeiten bei der Stromzufihrung. Diese lieBen 
sich umgehen, indem man das Bleidioxyd auf einen Gra- 
phit-Trager aufbrachte. Infolge der verschiedenen Aus- 
dehnungskoeffizienten der beiden Materialien ist es je- 
doth mdglich, daB sich in der Bleidioxyd-Schicht Risse 
bilden. 


~” Beeinflussung durch Zusdtze 


Bei der Elektrolyse mit Platin-Anoden enthalten die 
Lésungen Chromat oder Bichromat als Verunreinigung 
oder als Zusatz. Man hat versucht, bei der Elektrolyse 
mit Bleidioxyd-Anoden,, die verhdltnismaBig geringen 
Stromausbeuten durch Zusatz von Persulfat oder Natrium- 
fluorid zu verbessern. 


Das Chromat bildet wahrscheinlich wie bei der elektro- 
lytischen Chlorat-Herstellung ein Diaphragma an der Ka- 
thode, das die Reaktion 


2 Unasz, > Fh 
begtinstigt und dadurch die kathodische Reduktion unter- 
dridkt. Derselbe Vorgang kann sith an Bleidioxyd-Ano- 
den nicht abspielen. Dagegen dirfte fur die Persulfate 
eine ahnlihe Wirkung wie beim Chromat bestehen, wah- 
rend Natriumfluorid nach Sugino”) wahr- 
scheinlichh hauptséchlich die Sauerstoff- 
Uberspannung an den Bleidioxyd-Anoden 
erhoht. 

Einige tecinische Verfahren 

Die technischen Verfahren unterschei- 
den sich sowohl) in den Arbeitsbedingun- 
gen als auch in der Art des verwendeten 
Zellentyps. Letzterer wird vor allem durch 
die Art der Anoden und Kathoden be- 
stimmt, ferner in der Anordnung der ein- 
zeinen Verfahrensstufen und besonders 
durch die Mindestkonzentration an Na- 
triumahlorat. 


Die Anordnung der einzelnen Verfah- 
rensstufen bei den verschiedenen techni- 
schen Prozessen zeigt Abb. 5, dabei kann 
man zweiGruppen unterscieiden, Die eine 
geht von einer Elektrolytlésung aus, die 
schon etwas Perchiorat enthalt, 
und beendet den Proze§8 bei einem relativ 
hohen Gehalt an Chiorat (Chedde 
und Bitterfeld'®)). Die andere geht von 
einem Elektrolyten aus, der kein Per- 
chlorat enthalt, und beendet den Proze8 
bei einer sehr geringeén Chlorat- 
Konzentratian (American Potash 
and Chemical Corporation"), Cardox Cor- 
poration’®., Pacific Engineering Corpora- 
tion™)). Beide Verfahrenstypen sind durch 
die anschliehende Ammoniumperchlorat- 
Fabrikation bedingt. 

Bei der ersten Gruppe wird nach einer 
Zwischenkristallisation die Mutterlauge 
in den Prozef zurickgefiihrt, wodurch sich 
die hohe Anfangskonzentration an Per- 
chiorat und eine hohe Endkonzentration 
an Chloraten ergeben. Die zweite Gruppe 
benutzt dagegen direkt die Elektrolyse- 
flussigkeit zur doppelten Umsetzung 
und verlangl daher einen vollstandigen 
Chiorat-Verbrauch. Die Lésung kann nicht 
in den ProzeB zurtickgefiihrt werden. 

Ale Prozesse arbeiten bis zu einer 
hohen Endkonzentration an Perchlorat. 
Diese wird allein begrenzt durch die ge- 
genseitige Loslichkeilsbeeinflussung der 
Chiorate und Perchlorat, vgl. Abb, 6%). 

Die verschiedenen Verfahren arbeiten 
entwederkontinuierlich oderdis- 


Vorbereitung derlisungen 


kontinuierlich. Die diskontinuierliche Arbeitsweise 
hat zwar die iiblicien Nachteile, bei ihr sind jedoch die 
Kosten far die Analyse und die Uberwachung wesentlich 
geringer. Erwdhnt sei noch, daB die American Potash and 
Chemical Corporation in zwei Stufen arbeiten, wovon die 
erste kontinujerlich betrieben wird, und daf die Pacific 
Engineering Corporation mit gutem Erfolg die gesamte 
Flitssigkeit bis zum volistandigen Chlorat-Verbrauch in 
die Elektrolysezellen zuriidckfiihrt, vgl. Abb. 5(V). 


Ein wesentlicher Unterschied besteht auch in dem 
Anodenmaterial. Traditionsgema6 wird Platin noch 
von sehr vielen Firmen benutzt. Das Interesse richtet sich 
seit einigen Jahren aber auf Bleidioxyd. Lediglich die 
Pacific Engineering Corporation verwendet Bleidioxyd- 
Anoden auf Graphit-Trager. Massive Bleidioxyd-Anoden 
werden bis jetzt erst im VersuchsmaBstab benutzt. 

Das Kathodenmaterial ist durch das der Anode fest- 
gelegt. Wie festgestellt wurde, sind Chromate, die die 
Kathode schiitzen sollen, bei Verwendung von Bleidioxyd- 
Anoden nicht brauchbar. Bei Verwendung von Platin- 
Anoden wird man also Bronze-Kathoden (Chedde) oder 
solche aus FluBeisen (American Potash and Chemical 
Corporation; Cardox Corporation; IG Bitterfeld) benutzen, 


Elektrolyse Abtrennung des Natriumperchiarates 
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Abb. 5. FlieBschema fir die verschiedenen: Verfahren 
] Chedde-Verfahren; I] Verfahren der Amer. Potash and Chemica] Corp.; 
WI Verfahren der Cardox Corp.; 1V Verfahren der IG-Bitterfeld 
a Auflosen, b Verdtinnen, 
f Kristallisation, g Zentrifuge, kh Ruckfihrung, i,Chromat-Ausfallung, k Filtration, 
} 2ur doppelten Umsetzung, m zur Trocknung, n Ausfallung, 0 Zugabe von Zuschlagen, 


c Zelientank, d Absetzbeha)ler, e¢ Verdampfung, 


Py. Pa Lagertank, q Warmeaustauscher 


Ase 
=. 


| 0 2 4 60 & 100 120-090 760° 180 
gNaClOy / 100g #20 


wahrend alle andere Autoren glauben, da& sich rostfreier 
Stahl oder Nickel zusammen mit Bleidioxyd-Anoden 
durchsetzen werden. ; 


Einige Zellentypen 


Die Abb. 7 bis 9 zeigen drei Zellentypen. Auer der 
Zelle, die in Chedde benutzt wird, und deren Trog aus 
Eisenbeton besteht, wird fiir die Wande der Zellen meist 


Abb, 7. Elektrolyse-Zellen beim Chedde-Verfahren 
a Anode, b Kathode, c Stromzuftihrungen, d Porzellan-Isolierung. 
e Beton-Trog 
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Abb. 8 (links). Elektrolyse-Zelle der Amer. Potash 
Chemical Carp, 


a Anode, 6 Glasrohr, ¢ Kithlrohre, d Kiihlung. 
e Kathode, f Steingut-Deckel 


Abb. 9 (rechts}. Elektrolyse-Zelle der Cardox Corp. 


a fadenformige Anode, b Kathode (Eisenrohrs), 
e Porzelian-Isolierung, d Kthlung, e Eisenwand, 
f mit der Kathode verschweifter Stahldeckel, 

g Zirkulations-Offnung” 


Abb. 6. Léslichkeitsgleichge- 
wichte fir dasSystem C10,~, 
C1O.—, Nat, H,O 
(Konzentrationsangaben in 
g/{00 g H,O, Parameter: 
Temperatur) 
nach Chrélien und Erb?4) 
R= metastabiler Tripelpunkt 
fir NaClO,, NaCiO, H,O 
und Eis 
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dasselbe Material verwendet wie fiir die Kathode, so daf 
die Wande direkt als Kathode dienen kénnen. Tab. 2 gibt 
die wichtigsten Betriebsdaten ftir die verschiedenen Pro- 
zesse an. 


Wirtschaftlicher Vergleich verschiedener Verfahren 


Um die verschiedenen Verfahren in wirtschaftlicher 
Hinsicht vergleichen zu kénnen, indem wir die einzelnen 
Posten der Gestehungskosten zusammentragen, miissen 
wir fiir alle Prozesse dieselbe Kapazitat annehmen. Da die 
Stromdichte einerseits einen groBen Einflu’ auf den Ener- 
gieverbrauch, andererseits auf die festen Kosten ausiibt. 
werden wir sie als unabhangige Variable betraciten. 


Arbeitshypothesen 


a) Wir nehmen an,daB gewisse Bedingungenkonstant 
seien: 
Die Temperatur, die bei allen Prozessen unge- 
fahr gleich ist, der Elektrodenabstand méig- 
lihhst klein und wunabhangig von dem jeweiligen 
Verfahren séin soll; 
die Zusatzstoffe, die zwar je nach dem Anoden- 


material verschieden sind, tibera]l den gleichen EFinflufi 
ausuben. 


b} Wir nehmen an, da8 der pg-Wert der Losungen keinen 
EinfluS ausibt. 
ec) Wir nehmen an, daB fir Aniagen gleicher Kapazitit 


die Kosten fir die Ubetrwachung gleich gro8 sind 
und daB die festen Kosten nur von dem Anoden- 
material und der gewahlten Stromdichte abhangen. 


Tabelle 2. Betriebskosten einiger Antagen 


Pacific Engineering 


Chedde Corp. 

Zelientrog Eisenbeton 
Anoden-Material Platin Bleidioxyd auf Graphit 
Kathoden-Material Bronze nichtrost. Stahl 316 
Elektrodenabstand {cm] < 6,5 — 
Anfangskonz. an 

Na C10, {g/l} 300 700 

Na ClO, tg/I} 700 0 
End-Konz. 

Na C10, {g/N) 80 3 

Na CIO, [g/)] 1100 1000 
Konz. an 

Na, Cr, O, [g/J] <i 0 
Py-Wert 9 bis 10 6,5 
Temperatur [°C] 60 45 
Arbeitsweise kontinuier). diskont. 
Spannung [V} 5,8 bis 6,2 4,75 
Stromstdrke {A} 1700 bis 3500 — 
Stromdichte [A/dm?7} 45 15 
Stromaushbeute ]9/o] 95 85 
Platin-Verlust [g/t] <2 — 


Als kontinuierlidie Variable wahlen wir die Strom- 
dichte und als verschiedene Parameter: 
den Energiepreis (berechnet fiir 0,015 und 0,04 NF/kWh), 
das Anodenmaterial (Platin- oder Bleidioxyd), 
die Lebensdauer der auf Graphit aufgezogenen Bleidioxya- 
Anoden (4 und 12 Monate), 
die Endkonzentration an Natriumchlorat (5 und 80 g/l). 


Fir diese Bedingungen werden folgende Herstellungs- 
kosten untersucht: Die Energiekosten, die Investitions- 
kosten, die Kosten fiir die Abniitzung der Anoden, die 
Kosten fitr die Behandlungen der Lésungen vor und nach 
der Elektrolyse, die Energiekosten fiir die Konzentrierung 
der Lésungen. 


Kosten fiir den Energieverbrauch 
Der Energieverbrauch C kWh/t Perchiorat ist gegeben 
durch den Ausdruck 
C= (1) 
(U = mittlere Klemmenspannung in der Zelle, P = Strom- 
ausbeute). Fir die mittlere Klemmenspannung™’) U [V} 
gilt: Y= 4+ 0,2 + 0,05 d (d = Stromdichte) (2). 


Die Stromausbeute P {°/o] hingt sowohl von dem Anoden- 
material als auch von der Endkonzentration an Natrium- 
perchlorat ab, vgl. Tab. 3. 


Setzen wir die Werte von Tab. 3 zusammen mit dem 
Wert von U in Gl. (1) ein, so erhalt man 


***) Die Klemmenspannung U setzt sic; zusammen aus dey - 


Elektrolysespannung, dem Spannungsabfal) in den Stromzulei- 
lungen von Zelle zu Zelle und dem Spannungsabfall im Elektro- 
lysetrog. Wir nehmen an, dafi die Elektrolysespannung fiir die 
verschiedenen Prozesse konstant ist und unabh4ngig von der 
Stromdichte (diese Hypothese J&8t sich allerdings bestretten}. 
Der Spannungsabfal} in den Stromzuftihrungen ist konstant fiir 
technologisch gleithwertige Anlagen. Nach industriellen Ergeb- 
nissen betragt die Summe der ersten beiden Ghieder 4 + 0,2 V. 
Der Spannangsabfall im Elektrolysetrog hangt bei gegebener 
Temperatur und gegebenem Elektrodenabstand nur von der Salz- 
konzentralion und der Stromdichte ab. Nach eigenen Messungen 
im Bereich der ubjichen Salzkonzentrationen betragt der Span- 
hungsabfall mil der Stromdichte d/(U)/d{d) = 0,05. Damit ergibl 
Sih U = 427 0,2 ++ 0,05 a. 


Amer. Potash a, Chem. Corp. okie Bitterfeld 18 
1. Phase 2. Phase a 
Stahl 
Stahl Stah) u. Steinmauerung 
Platin Platin Platin 
auf Kupfer 
Stahl Stahl Stahl - 
—_ 3 1 
660 100 650 400 bis 500 
6 500 0 50 bis 100 
100 5 20 AO bis 50 
900 §00 860 1000 
5 { 3 bis 4 
6,5 10 <7 
40 bis 45 50 35 
kont. diskont. diskont. diskont. 
6,8 6,2 bis 6,8 6,5 
500 500 12 000 
31 2 30 
90 70 97 85 bis 90 
7 — 3 
(4— 0,2 + 0,05 a) - 10° 
C= {3). 


2,28 P 


Multipliziert man diesen Ausdruck fiir den Energiever- 
brauch noch mit dem Preis fiir die Kilowattstunde (0,015 
NF bzw. 0,04 NF), so erhalt man die Kosten fur die ver- 
braucnte Energie pro t Perchlorat. Die Auswertung fiir die 
verschiedenen Parameter zeigt Tab. 4. 


Investitionskosten 


a) Kosten ftir die Anoden: Pilatin-Anoden 
von 0,15 mm Dicke wiegen bei 1 dm? anodischer Nutz- 
fldche (Vorder- und Riickseite} 17 g. Um auch die elektro- 
lytisch inerten Teile zu beriicksichtigen, nehmen wir ein 
Gewicht von 20 g/dm* an. Bei einem Platinpreis von 
17 NF/g Pt bedeutet das eine jahrliche finanzielle Bela- 
stung von 27,2 NF/dm? bei 8°/1 Abschreibungen: 

Je nach Stromdichte d und Stromausbeute P braucht 
man fir die Herstellung von einer t Natriumperchlorat 
50/Pd [dm* Pt}, Dadurch entstehen Kosten in Héhe von 


Tabeile 3. Stromausbeute : 


bei Verwendung von Platin- und Bleidioxyd-Anoden und End- 
konzentrationen von § bzw. 80 g/l Natriumchlorat 


End-Konz. an 
NaCi0, [g/l] 


Platin-Anoden Pb O,-Anoden 


Tabelle 4. Energiekosten pro t Perchlorat 


Strompreis 0,015 0,04 
(NF/k Wh] | 
' End-Konz. 5 80 5 80 
an Na ClO, 
tg/I] 
Pt-Anoden P= 90°, P = 95%, P = 909g | P = 95%/o 
28 +037 d | 27,5 +0,35d 178 + 0,97 d| 74 +0,93 d 

PbO,-Anoden P = 85°/o P = 909/p P = 85%y| P = 90/ 


auf Graphit 31 + 0,40 d 


PhO,-Anoden P = 85/4 
massiv 341+ 040d 


28 + 0,37 d |83 + 1,03 d| 78 +0,97 d 


P = §09/y P= €59/o) P = 909/p 
28 + 0,37 d 83 + 1,03 als + 0,97 d 


ak al 


50-27,2 1360 
Pd = Pa 

Pirauf Graphit aufgezogene Bleidioxyd- 
Anoden betragt bei analoger Berechnung der Preis von 
1 dm? anodischer Nutzfiache 4 NF, das bedeutet eine jahr- 
liche finanzielle Belastung von 0,32 NF/dm*, und pro t 
erzeugtes Perchlorat 16/Pd (NF]. 

Fir massive Bleidioxyd-Anoaden von !2mm 
Dicke betragt nach derselben Berechnung die jahrliche 
Belastung pro t Perchlorat 20/Pd {NF]. 

Die Kosten fiir den Betrieb und Apparatebau betragen 
pro t Perchiorat ungefahr 5 NF. 


Die Kosten fiir die Elektrolysezellen (Bela 


stung 5000 A) betragen ungefdhr 1800 NF, was einer 

jahrlichen Belastung von 1800 - 8/100 = 144 NF entspricht. 

Eine solche Zelle produziert jahrlich 6,7 P d Tonnen Per- 
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chlorat. Somit betragt die jahrliche Belastung pro t Per- 
chiorat 215/Pd [NF/t]. 


In Tab. 5 sind die verschiedenen Investitionskosten 
zusammengefabt. 


Tabelle 5S. Investitionskosten 


Anoden Platin Bee. .. NOS 
auf Graphit massiv 
Kosten f. Anoden 4 360/P d 16/P d 20/P d 
Kosten f. Betriebsanlage 0 3 5 
Kosten f. d. Zellen 215/P d 215/P d 215/P d 
Summe 1 575/P d 5+ 23U/Pd 5+235/Pd 
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Abb, 10 bis 13. Wirtschaftlichhkeitsvergleich fiir die Gestehungskosten von 1 t Natriumperchlorat in Abhangigkeit von der Strom- 
dichte. J Platin-Anoden; II Bleidioxyd-Anoden auf Graphit-Trager; III massive Bleidioxyd-Anoden 


Energie-Preis (NF/kKWh) 
Abb. 10 0,015 
Abb. 11 0,015 
Abb. 12 6,04 
Abb. 13 0,04 


Chaniin, Ina Tintin 


End-Konz. an NaCl, (g/1) 


6 
80 
w) 
80 


Kosien durch Anodenverbrauch 


Bei Platin betrigt nach industriellen Ergebnissen 
der Anodenverbrauch Ap,, wenn man einen proportionalen 
Zusammenhang zwischen der Stromdichte und einen um- 
gekehrt proportionalen Zusammenhang zwischen der End- 
konzentration an Natriumchlorat annimmt: 


17+ O12d+ [NF/t]. 


460 
An = [Na ClO] 
Bei einer auf Graphit aufgezogenen Biei- 
dioxyd- Anode, die n Monate in Betrieb ist, betragen 
die Kosten fiir den Anodenverbrauch pro t Perchlorat 
Appo, = 9 Wn [NF/t]. 


Bei Anoden aus massivem Bleidioxyd kann 
man annehmen, da& der Anodenverbrauch nicht von der 
Stromdichte abhangt, und daB die Anode eine Lebens- 
dauer von drei Jahren hat. Dann betragen die Kosten 
Apyo amass. = § {[NF/t]. 

Die Ergebnisse dieser Berechnung sind in Tab. 6 zu- 
sammengefaft. 


Tabelle 6 Kosten ftir den Anodenverbrauch 


Pb 0,-Anode 


Platin-Anode auf Graphit PbO. massiv 
NaCiO,-End-Konz. Lebensdauer {Mon,] 
5 gf} 80 g/| n=4 = 12 — 
109+0,12d | 22.7 7 O,12d | 2,25 d 


Kosten fur die Behandlungen der Lasungen 
vor und nach der Elektrolyse 


Bei Verwendung von Bleidioxyd-Anoden mu8 man das 
Natriumchromat, mit dem das Chlorat stets verunreinig| 
ist, sorgfaltig entfernen, da dieses die Anoden vergiftet. 
Dadurch entstehen Kosten in der Hdhe von 1,5 NF/t Per- 
chlorat. 


Wenn man die Elektrolyse bis zu einer Endkonzentra- 
tion an Chlorat von 5 g/! betreibt, ist es nicht notwendig, 
das Perchlorat auszukristallisieren, man mu8& aber dann 
in der Lésung das restlichhe Chlorat durch Zusatz von 
Natriumbisulfit reduzieren. Dieser ProzeB erfordert ein- 
schlieBlich der Kosten fiir die Zusdtze und den Chlorat- 
verlust 8 NF/t. Diese poulereithncekerten sind in Tab. 7 
zusammengefaBt. : 


Tabellie 7 Kosten fiir die Aufbereitung 
der Elektrolyt-Lésungen 
Platin-Anode | Bleidioxyd-Anode 

End-Konz. an NaClO, [g/I} 5 80 § 80 


Aufbereitungs-Kosten 8 0 9,5 15 


Kosten fiir die Konzentrierung der Lésungen 


Da die aus der Elektrolyse austretende Fhissigkeit 80 g 
Natriumchlorat und 1000 g Natriumperchlorat pro J ent- 
halt, muS man ftir die Gewinnung von einer t Natrium- 
perchlorat 320 kg Wasser verdampfen, woflir etwa 
200 kWh erforderlich waren. Dadurch entstehen bei einem 
Fnergiepreis von 0,015 NF/kWh Kosten in Hdéhe von 
3 NF/t und bei einem Energiepreis von 0,04 NF/kWh 
Kosten in Hidhe von 8 NF/t. 


Wenn die Elektrolyse bis zu einem Chloratgehalt von 
5 gl/ betrieben wird, 148t man die Lésung, ohne sie vorher 
einzudampfen, direkt in die Ammoniumperchlorat-Herstel- 
lung flieBen. Allerdings muB dann im Verlauf dieses Pro- 
zesses das Wasser entfernt werden. 


Da bei der Auskristallisation des Natriumperchlorats 
dieses als Monohydrat ausfallt, mu8 man — um de 
gleiche Berechnungsbasis zu haben — 460 kg Wasser/t 
Natriumperchlorat verdampfen. Das entspricht einer Ener- 
gie von ungefahr 290 kWh und damit einem Aufwand von 
290 : x NF/t {x = Strompreis). 
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Abb. 14, Wirtschaftlicher Vergleich bei Verwendung verschie- 


dener Anoden 
I Platin-Anoden, II Bleidioxyd-Anoden auf Graphit-Trager 
(a) Lebensdauer 2 Monate; b) 12 Monate), III massive Bleidioxyd- 
Anoden 


SchiuBfolgerungen 


Die tibrigen Kosten sind bei alJen Verfahren gleich. 
Man kann sie zu einer Konstanten K zusammenfassen. 


In den Abb. 10 bis 13 sind als Funktion der Stromdichte 
die Gestehungskosten fiir die verschiedenen Prozesse auf- 
getragen. Durch Vergleichen der Kurven kann man fol- 
gende SchluBfolgerungen ziehen: 


1. Der Energiepreis ist flr die Auswah! eines bestimmten 
Prozesses nicht entscheidend. 


2. Fiir jeden Proze8 gibt es eine optimale Stromdichte, so 
ist bei Verwendung von Platin-Anoden eine Strom- 
dichte von 40 bis 50 A/dm* und bet Verwendung von 
Bleidioxyd-Anoden eine solche unter 20 A/dm* am 
gunstigsten. 


3. Bei allen Prozessen sollte die Elektrolyse nicht bis zum 
volistandigen Chlorat-Verbrauch betrieben werden. 


4, Die Verfahren, die Bleidioxyd-Anoden benutzen, sind 
zwar Wirtschaftlicher, aber der Unlerschied in den 
Optimalbedingungen fiir die Stromdichte ist relativ 
gering und wirkt sich im Verkaufspreis héchstens mit 
einem Prozent aus. 


Wir glauben daher, wie Abb. J4 zeigt, daB die ver- 
schiedenen technischen Verfahren wirtschaftlich durchaus 
vergleichbar sind, Die etwas héheren Ausgaben bei dem 
Prozef mit Platin-Anoden kénnen Ubrigens leicht kom- 
pensier{t werden, wenn man in Zukunft Anoden benutzt, 
bei denen das Platin auf einer gentiqend inerten metalti- 
schen Unterlage aufgebracht wird. 

Eingegangen am 2. November 196! [B 1446} 
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Versuche zur technischen Chloralkali-Elektrolyse”) 


Von Prof. Dr. H. ANTWEILER, Dr. A. J. KAPPEY und Dr. G. MEINHOLD 


Abletlung lar technische Chemie des Chemischen Institutes der Universita! Bonn 


Bei der technischen Chloraikali-Elektrolyse ist es wichtig, da8 
die im Kathodenraum entstehenden Hydroxyl-Ionen nicht durch 
Diffusion oder elektrische Wanderung in den Anodenraum gé- 
langen und dort zu unerwiinschten Nebenreaktionen AnlaB8 ge- 
ben. Um dies zu erreichen, gibt es bekanntlich zwei Méglich- 
keiten. 


1.) Man 14Bt den Elektrolyten vom Anoden- in den Kathoden- 
taum durch ein Diaphragma mit einer groheren Geschwindigkeit 
flieBen, als der Geschwindigkeit, mit der bei einem ruhenden 
Elektrolyten die Hydroxy]-Ionen vom Kathoden- in den Anoden- 
raum gelangen konnen. 


2.) Es wird der Kathoden- vom Anodenraum durch eine Queck- 
silber-Sperre getrennt, die den Stromtransport durch die Elektro- 
hen im Amalgam und den Stofftransport durch das Natrium im 
Quecksilber tibernimmt. In der Praxis wird dieses Verfahren so 
durchgefiihrt. da&B das Natriumamalgam in einer Zelle erzeugt 
und in einer zweiten Zelle zersetzt wird, 


Diaphragmo-Verfahren 


Bei der Anwendung eines Diaphragmas haben wir versudht, 
den hydrostatischen Uberdruck durch bestimmte Eigenschaften 
des Diaphragmas zu unterstutzen und die Auswirkung davon 
Mmessend 20 verfolgen. Durch in den Poren des Diaphragmas ver- 
ankerte Festionen kann beim Stromtransport entweder die Wan- 
derung der Kationen oder der Anionen bevorzugt werden. Wenn 
negative Festladungen an der Wand der Poren des Diaphragmas 
vorliegen, wird bewirkt, daB in bezug auf den Elektrolyten 
mehr Kationen als Anionen transportiert werden. Hat das Dia- 
phragma dagegen positive Wandladungen, dann werden umge- 
kehrt far den Ionentransport mehr Anionen ais Kationen herarr 
gezogen, 


Es wurde nun die smeinbare Anderung der Uber- 
(ihrungszath] in derartig vorbehandelten Diaphragmen 
gemessen, wobei gezeigt wurde, da in einer Zelle ohne Elektro- 
lytstrGmung, aber mit einem Diaphragma mit grdéSerer Uberfih- 
Tungszahl des Kations bei gleicher Strommenge eine gré@ere 
Ausbeute an Natronlauge erreicht wird als bei einer Zelle mit 
kleinerer Uberfihrungszah! des Kations. Die Verarmung bzw. 
die Anreicherung an Elecktrolyt an den Diaphragmen-Grenzifla- 
chen wurde mit einem Jamin-Interferometer gemessen und in 
Beziehung zur Strommenge gebracht. Aus dem Verhaltnis der 
Anderung der Stoffmengen an den Diaphragmenseiten zu den 
Strommengen ergibt sich die scheinbare Anderung der Uberfiih- 
rungszahl. Es wurden Messungen an Asbest- und Zement-Dia- 


*) Kurzfassung des Vorttags, gehalten vor der GDCh-Fach- 
gruppe ,Angewandte Elektrochemie”’, 5. ung 6. Oktober 1961 in 
Frankfurt a. M.-~Héchst. 
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(a geglitht 4,15°/o Fe; b gegliiht 0,15 Fe; 
ec gegitiht; d unbehandelt) 


Abb. 3 (rechts) Versuchszelle fiir das 

Amalgam-Verfahren mit einer Queck- 

silber-Oberflache von 0,01 < 1 m*; ma- 
ximale Stromdichte 10000 A/m-> 


a Quecksilber-Kathode; b Koble-Anode; 
¢ Eisenschiene; d Elektrolyt; “ 
e Wasserdichtunq; / Sdiauglaser 


phragmen durchgefiihrt. Bei dem Asbest-Diaphragma wurde ein 
besonders hohes Ansteigen der Uberfithrungszaht des Kations 
erzielt, wenn das Asbestdiaphragma vorher mit einer Eisen(IIl)- 
Salzidsung getrankt, mit Natronlauge behandelt tod nach dem 
Auswaschen gegliht wurde (Abb. 1}. Bei Zement-Diaphraqmen 
konnte eine Erhéhung der Uberfiihrungszahl der Kationen er 
reicht werden durch einen Zusatz von 5/9 geglihtem kanadischem 
Asbest und einer Eisen(II1)-chlorid-Lésuug. Gleichzeitig wurde 
dadurch eine hoéhere Leitfahigkeft des Diaphragmes erreicht 
(Abb, 2). 
Quecksilber-Verfahren 

An einer Laboratoriumszelle, die sich nur in ihren Abmes- 
sungen von éiner technischen unterscheidet, wurden Versuche 
durchgefihrt, um den EinfluB der Solekonzentration der Sole- 
aciditat, des Elektrodenabstandes und der Anwésenheit von 
Storstoffen auf die Wasserstoff-Entwicklung zu untersuchen. 
Die Versuchszelle war so konstruiert, als ob man aus einer tech- 
nischen Zelle eine Flache von 0,01 X 1 m herausgeschniiten 
hatte. Die Schichth6hen von Quecksi!ber und Elektrolyt, die Elek- 
trodenabstande und die Stromdichten waren bei der Versuchs- 
zelfe die gleichen wie bei einer technischen Zelle. Die Strémungs- 
geschwindigkeit des Elektrolyten und des Quecksilbers wurden 
der reduzierten Lange derart angepaBt, da®B wieder Analogie 
besteht: Der Elektrolyt, der bei einem Normalversuch mit einer 
Konzentration von 308 g NaCV/] in die Zelle eintrat, verlieB sie 
mit 260 g/1; die Strémung des Quecksilbers wurde so eingestellt, 
daB das Quecksilber sich auf 0,159/o Natrium anreicherte. Die 
Zelle (Abb. 3) wurde aus Trovidur hergestellt. Uber eine Eisen- 
schiene von 1000 mm Lange und {0 mm Breite flieft der Queck- 
sitber-Strom, der nach dem Verlassen der Zelle durch eine Pile 
str6mt und im Kreislauf der Zelle wieder zugefuhrt wird. Die 
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Abb. 2. Anderung der UberfUhrungszahl in Zement-Diaphragmen 
flinks} und Zunahme an Kalilauge-Konzentration bei der Elektraq- 
lyse (rechts) 


( Diaphragma aus Zement, Sand, Asbest und Ejisenhydro- 
xyd; — —— Diaphragma aus Zement, Sand und Aluminiumoxyd} 


Abb. | (links}, Anderung der Uberfiih- 
rungzahl in Asbest-Diaphraqmen in Ab- 
hangigkeit von unterschtedlichen Kon- 
zentrationen des Kaliumchlorid-Elektro- 
Vorbehandlung des 


387 


11. LEAD DIOXIDE ON INERT BASIS ANODE 


Manufacture of Electrodes 


Almost all methods for the manufacture of electrodes are based on electrode position of the lead dioxide from a 
bath containing its salts. Diirkes, in German Patent 2,259,821, describes a thermal method for making a lead-coated 
electrode, the lead being subsequently oxidized to lead dioxide. The patent describes the application of a paste of 
ferrous or zinc chloride and powdered quartz and lead, followed by a drying and then a firing at 60WC. But apart 
from this example, all other methods described here are electrochemical. We shall, for reasons which will become 
apparent, discuss graphite-based anodes separately. Unless otherwise mentioned, all the coatings described here, 
derived as they are from acid baths, are preponderantly of the b -PbO> variety. much more limited amount of work 


has been done on the preparation and behaviour of a-PbO, coatings. 


PbO>/graphite anodes 


The important earlier patents are D.A.S. 1,182,211 and U.S. 2,945,791 (1960) and D.A.S. 1,496,962 (1966), all 
from the Pacific Engineering Corp. The second of these specifies addition of a surface-active agent (such as alkyl 
phenoxy polyoxethylene ethanol type) to reduce gassing, increase throwing power and give a more compact 
deposit. Nitric acid is also stated to give better throwing power. The stepwise reduction in current density is 
mentioned in both the first and the second of these patents. All the Pacific patents are characterized by details of 
"bath management" which are trivial on the laboratory scale, but become crucial when plating on an industrial 


scale. Typical bath composition from the earlier patents might then be: lead nitrate, 50-400 g L”!; copper nitrate 
trihydrate, 0-20 g I"! nickel nitrate trihydrate, I 0 g 1-!; sodium fluoride, 0- 5 g L™!; surface active agent, 0-7S g L” 
|; nitric acid, 0-4 g L~!; and pH = 1.5. This bath is operated at 45-70°C at currents which may be constant (e.g. 25 


mA cm‘) or increase or decrease during the plating. The fluoride ions may serve to etch the oxides present on 
graphite. The patent D.A.S. 1,496,962 somewhat amplifies the question. The nickel is stated to act as a grain-size 
refiner the copper to prevent deposition (and thus depletion) of lead on the cathode. This it does presumably by 


reducing the overvoltage for hydrogen evolution at the cathode. (Wabner*! has tested PbO> deposits for the 
presence of metals such as Cu or Ni and finds no detectable traces.) This patent also claims advantages in the 
maintenance of the level of dissolved iron below 0- 02 g L”! 


Further reading shows that in D.A.S. 1,496,962 (which is equivalent more or less to U.S. Patent 3,463,707), the 
emphasis is on removal of iron(to less than 0.02 g L~!) and chlorides, and obviating the need to use the relatively 
costly Ni and Cu salts previously employed. These baths thus contained only sodium fluoride and nitric acid, apart 
from the lead nitrate at a concentration of 200 g 1"! . Thangappan and Nachippan® describe the benefits to be 
obtained by deposition of the PbO, in a bath filled with fluidized inert particles, i.e. one in which the mass 
transport of species has been enhanced compared with normal conditions. A much smoother deposit is claimed. 
Huss and Wabner’ use paraffin-filled graphite and evacuate it before deposition, to ensure absence of gases, while 
Narasimham® describes electrolytic pretreatment of graphite in alkali with a 24-h "soak" period. Little has been 
published in the PbO>-graphite area, although an interesting glass-fibre/PbO, composite "sleeve" to fit graphite 
rods has been described." Graphite is anisotropic in its electrical conductance, and Wabner" suggests this may lead 
to poor current distribution and thus increased corrosion. He also states that the graphite is capable of being "burnt" 
by the PbOs, i.e. oxidized, and reports that this can lead with time to formation of a void between the graphite and 
the inner surface of the PbO» (which would presumably in any case be reduced). This constitutes another reason 
(according to him) why such anodes are comparatively short-lived, although the "Pepcon" commercial anodes are 
stated to last for 2 years approximately when fitted in hypochlorite cells. Narasimham and Udupa,*® in their recent 
and excellent paper reviewing preparation and uses of these anodes, do not support the views of Wabner. In their 
work, they describe how anodes in rod (75 cm long, 20 cm diam.) or plate (90 cm X 18 cm x 2 cm) form behave, 
lasting for as long as 2 years. Although these authors conclude by stating that Ti might be a better substrate, it is 
quite clear that graphite-based anodes are a wholly workable proposition. 


Titanium-based anodes 


Although graphite-based anodes are still in use, notably by the Pacific Engineering Corp. for their chlorate and 
hypochlorite production, the growth is now seen to be in titanium-based electrodes which allow thinner and 
mechanically superior cell designs. The first mention of these (as distinct from graphite) was in U.S. Patent 
3,463,707 or British Patents 1,189,183 (1970) and 1,159,241 or French Patent 1,534,453. In the entire treatment, 
the question of the formation and deleterious effects of the passive oxide layer must always be borne in mind. As 
Wabner points out, theconcept of an electrode based on a Ti (a strongly reducing metal) substrate coated with 4- 
valent, highly oxidizing PbO> goes against all expectations of success. The thermal coefficient of expansion of Ti 


(in contrast to graphite) is close to that reported for PbO», thus minimizing thermal shock problems.°? While 
pinholes in the outer PbO, layer will not, with these substrates lead to catastrophic corrosion, it will nevertheless 
allow a passive film high resistance to spread on the (Ti) substrate surface beneath the PbO, layer. 


Electrodeposition on Ti-General 


The above-mentioned problems of deposition, whether anodiccathodic, on Ti have given rise to several patents 
aimed at solving the problem. Thus German Patent 1,170,747 discusses a Cr** and F” etch bath as pretreatment in 


electrodeposition, and U.S. Patent 2,734,8 specifies a pickling in 90°C HClfor 5-15 min with or without a previous 
HF/HNO3etch or a molten NaOH descale bath. U.S. Patent 3,207,6 79calls for anodization of the Ti to a "Yellow 


colour" prior to Pb deposition (but with a Pt "flash"). 
Complete Descriptions for Anode Manufacture 


There are dozens of patents describing the best way in which to prepare PbO, anodes. There is no way of knowing, 


in most cases, the true worth of the ideas proposed, for there is almost no example of performance or appearance of 
an anode so prepared compared with one in which the step was omitted. The best procedure is to detail all the 
steps, it being understood that several of these may well be omitted. 


Preliminary cleaning and treatment. We here consider mechanic abrasion and degreasing. De Nora'suggests 
sandblasting with fine silica sand followed by degreasing with benzene-a solvent virtually pro-scribed in many 
cases today. Trichloroethylene is now usually specified. They note that a pre-etch in boiling HCl leads to irregular 
PbO, deposition, with a tendency to cracking. Barrett" suggests that the sandblasting is vital to ensure a good 


"keying-in" of PbO, to the Ti substrate, and that choice of correct sandblasting conditions is vital. 


Preplating stages. Prior to electrodeposition, almost all procedure specify some means of removing the titanium 
oxide (although as seen above, its formation is also specified). U.K. Patent 1,373,611 specifies a removal by 
cathodic reduction of the oxide. In theory this is convenient in that it requires no separate stage but simply a 
reversal of electrode polarity, although subsequent work shows H SO, is the best cathodization solution. Most 


other sources specify an etch in HCl, HF, NaF or oxalic acid. D.O.S. 2,012,506 specifies 10 min at 25°C of a 0.5m 
HF/4 m NaF solution, another etch being specified in Belgian Patent 702,806. A completely different idea is 


proposed by Wabner et al.!! They suggest that the deeper scratches which can be seen under the microscope after 
mechanical treatment act as latent fault sites, even though they appear to be evenly.covered over by the lead 
dioxide. After many hours operation, these spring open again. Carborundum inclusions, and hollows with covered 
patches of oxide, are other sources of failure. These workers etch for 1h in boiling oxalic acid (15%). After a short 
time, when the oxide has been etched away, a violent hydrogen evolution is seen, the metal dissolving to form a 
reddish-brown titanium oxalato(III) complex. Figures 7 and 8 show S.E.M. photographs illustrating the "stormy- 
sea" effect of this process. In the next stage (to which the authors state they attach the greatest importance), the 
electrode, after washing, is boiled in TI(IV) oxalate and oxalic acid (0.2 m and 1.25 m, respectively). The authors 
state that neither with the naked eye nor with the S.E.M. does this surface show any difference from the one seen 
after the previous etch. The effect is only seen after plating. The whole idea is taken from D.O.S. 2,306,957 and it 
is worth quoting what the authors themselves stress," namely, that if the PbO, deposit is chemically stripped from 


a Ti substrate so treated, the "effect" remains and a fresh PbO, deposit on that surface constitutes an anode as good 
as the original one. Whether this argues in favour of some compound or species formed on the surface, or simply 


reflects the physical state of subdivision of the surface, is not known. We would opt for the latter suggestion. In a 
somewhat similar vein, D.O.S. 2,023,292 suggests an intermediate firing process of the Ti following the application 
of an aqueous solution of CrCl, or similar compounds which are listed there. 


Wabner" reports many experiments aimed at illustrating the effect that the TI(IV) pretreatment has on the substrate. 


For example, even at 60°C he states that TiO, formation is inhibited in air, in contrast to the untreated metal. By 
means of S.E.M. photographs, he shows how the PbO2 deposits more evenly on treated Ti instead of forming 
isolated clumps, and it is suggested that PbO2 growth into fissures is likewise facilitated, such fissures in their 
uncovered state being postulated as future electrode-failure sites. Time-potential plots of Ti in the etch bath and in 
PBNO, plating baths all reveal differences in behaviour, and Wabner quotes the work of Thomas and Nobe@" as 
well as that of Goldberg and Parry- in showing that TI(IV) ions inhibit corrosion of the metal apparently by 
facilitating passivation. This work is possibly the source of inspiration underlying the TI(IV) pretreatment concept. 


It is impossible to condense here the extensive work of Wabner, much of which has been published. We do not 
believe that any organic. compound could survive prolonged contact with PbO2 without itself undergoing oxidation 
and that if the "magic" of the TI(IV) treatment is to be explained, it lies either in the subsequent decomposition of 
the oxalato or perchlorate to form a stable inorganic species such as the titanoplumbate, or in some effect on the 
morpbology of the surface. In so far as the performance of such treated anodes can be matched in every way, as far 
as can be ascertained, by well-prepared Ti alone, we opt for the latter suggestion. D.O.S. 2,344,645, which again 
raises problems of electrode failure after operation at high anodic potentials or long terms, seeks to avoid this 
failure (due to oxide passivation on the Ti) by creating an interlayer. Plasma-arc spraying of 0- 15-cm thick layers 
of carbides or borides of Ta or Ti gives a conducting layer which inhibits oxide formation. A grain size of 40-90 
lim is suggested. Such a suggestion recalls earlier ideas of Beer based on Ti anodes with a nitride coating (D.A.S. 
1,421,047), although irr this case the coating was intended to be the outer one in contact with solution. 


The electrodeposition process. Lead dioxide may be anodically deposited from a variety of baths. One of the best 


critical evaluations of these comes from the work of Hampson and Bushrod.!* Since commercially viable 
depositions must operate at reasonable current densities, Hampson et al. excluded baths based on fluoborates, 


plumbites and silicofluorides, since at current densities above 5 mA cm these gave highly stressed, flaky and 
poorly adherent deposits. Nitrate and perchlorate salts of lead alone gave satisfactory deposits. With the latter, 


solutions of 2 M lead perchlorate and 1 M.acid gave good deposits at up to 50 mA cm~~ provided the pH did not 
fall below 0. Acidity was controlled by circulation of the solution through a bed of PbO. Hampson also reports that 
lead growths on the cathode were a problem and that this was minimized by using the lowest possible 
currentdensity on the cathode, i.e. having a larger cathode:anode area ratio. Current efficiencies were approx. 
100%. In almost all patents, the nitrate bath is preferred, possibly because of the explosive hazards of perchloric 
acid. Other workers specify pH 1.5-2.5 as the best condition. 


Reporting on the nitrate bath, Hampson showed that the major phenomenon" in the nitrate bath was the build-up of 
nitrite, which, because it can be re-oxidized to nitrate at the anode, leads to loss in current efficiency. A graph 
shows that deposition efficiency ranges from 100% (nitrate absent) to less than 20% when 6% of nitrite is present. 
At higher current densities, the nitrite is further reduced to ammonium ions. The nitrite levels were held down by 
circulation of the electrolyte through Pb30, Alternatively, H»0) may be added to remove NO>. These authors 
report no effect of temperature in the range 20-40°C, although commercially, baths are operated at 60°C or higher. 


The U.S. Bureau of Mines" reports cracking when deposition takes place above 70°C. 


Narasimham and Udup?!® have studied the throwing power of the nitrate bath which they state passes through a 
maximum, but against what is unclear. The effect of nitric acid and surface active agents on throwing power was 
referred to previously. Oddly very few of the patents cited here refer to the stress which occurs in electrodeposited 


PbO>. It is again Hampson and Bushrod!* who study this, and their results are not easy to summarize. Simple 
nitrate baths gave compressively stressed deposits. 


An equally thorough study of the effect of current density, temperature and organic additives on stress of deposited 


on nickel and graphite is due to Narasimham and Udupa.!? In the later paper they explored the use of lead acetate 
as a buffer to relieve stress. Smith" also discusses the effect of deposition conditions on stress, higher stresses 


occurring in more dilute electrolytes. Current density below 70 mA cm~ had little effect while well-stirred 


solutions gave stress-force deposits. Organics, notably sodium acetate, acted most effectively as stress relievers. 
Indian workers with much experience in this field appear to lay special emphasis on CTAB (cetyl 
trimethylammonium bromide) for stress relief and a very perfect surface. This has been described," as has its rate 
of loss" by oxidation etc. 


Commercial baths operate at 60-70°C. Wabner *! states that lower bath temperatures result in anodes giving higher 
overpotentials in subsequent use (for example, for oxygen evolution) and this probably results from the higher 
overpotentials obtained during the deposition process at lower temperatures and so there is thicker TiO, film 
formation. All contain approx. 200 g 1"! lead nitrate. Some have 10 ml conc. HNO, I"!, others contain copper 
and/or nickel salts as described earlier. De Nora (U.K. Patent 1,192,344) operates at 300g I"! lead nitrate and 3 g 1! 


copper salts with 0.92 g 1“! "Tergitol" (a sodium alkyl sulphate), and uses 250 A dm“? current density. Bath 
compositions designed to produce correctly stressed anodes (for primary batteries) are discussed in U.K. Patent 
1,340,914. It is pointed out that stress can be relieved by heating the finished electrode in air and allowing it to cool 


slowly. The 360 g 1"! nitrate solution is unbuffered at pH 3-4 and no other bath constituents are used except in one 
example where a two-stage deposit was built up, the inner one as above and the outer one with a lead 
acetate/sodium nitrate bath. (It should be pointed out that both this patent and Hampson's work cited above relate to 
depositions on nickel. However, the findings are probably of general applicability.) U.K. Patent 1,373,611 uses a 


bath with additions of Cu, Ni salts, free nitric acid, sodium fluoride and heptafluobutanol operating at 70°C, and 
uses a two-step deposition rate, the first 20 mA cm the second 60 mA cm’?. 


Among other ideas and suggestions we can include (frequently unspecified benefits) are D.O.S. 2,012,506 (effects 
of 010gg 1"! 


urea addition), D.O.S. 2,306,957 (the laying down of two discrete PbOz layers, the outer one harder than the inner 
one), the effect of current interruption on PbO@ structure, and the use of glass beads in the plating bath to avoid 
pitting due to oxygen bubble entrapment." The importance of stirring or agitating the bath is universally stressed. 
One paper uses a fluidized (silica) bed to improve quality and uniformity of deposits.’ In spite of the widespread 


use of nitrate baths, advocates exist for other baths, for example, Lazarev** finds H»SiFg+ CH3COOH as good as 


the nitrate bath -, a similar bath has been advocated, while sulphamate baths have also been patented. 76 


Miscellaneous work on deposition. Ghosh !° has studied the effect of various levels of superimposed a.c. on the 
d.c. used for electro-deposition of the lead dioxide. Certain differences are noted in the case of deposition of a- 
forms but no significant changes are seen during deposition of the, B-form. A series of Soviet papers describe lead 
dioxide deposition from trilonate (EDTA) baths.!” However, no indication is given as to the benefits so obtained, 
although the work is thorough in respect of stress measurement etc. 


Narasimham et al:2? have studied the effect of cathode geometry on the mode of deposition (mainly thickness) of 
the PbO, at the anode. 


Wabner@' maintains that deposition using ultrasonic probes results in a20O-300 mV lower overvoltage for oxygen 
evolution when the electrode is in service. 


Glassy PbO. Wabner" has reported the formation of a "glassy" variation of PbO>. It is formed by deposition from 
a conventional nitrate type bath to which has been added some Ti(IV). The precise formula is given as follows: 2.5 
ml of TiCl, are hydrolysed in 300 ml distilled water, neutralized with NH3 and the hydroxide/oxihydrate so formed 
is well washed with water. It is then redissolved in HNO3(10 ml) and allowed to stand at 20°C overnight. Finally 
66 g of lead nitrate are added, the solution is made up to 200 ml (corresponding to I N lead nitrate) and clarified 


with active charcoal. The deposition takes place at 40 mA cm“ and at 20°C. It was shown that the glassy deposit 
was a-PbO> of the "Plattnerite" form (in fact without any of the traces of a -PbO, normally found) and that the 


grain size was approx. 600 A in contrast to the 6000 A of normally prepared deposits. Thus methods such as S.E.M. 
failed to resolve any structure in such deposits at X 10,000 magnification. These are highly stressed and, after 
standing in water, or presumably in service, the morphology changes and visible crystalline structure begin to 
develop. The alkaline "tempering" process described elsewhere also has the same effect after 12 h. This interesting 


form of the dioxide may well find certain uses in analytical applications-for example, where its low specific 
surface area gives the benefits normally associated with polished and smooth metals, and where its apparent lack of 
long-term stability is less important. 


Post-treatment of anodes. Wabner and Fritz" describe an electrochemical post-treatment consisting of cyclic 
voltammetry between + 700 mVand +2280 mV. The effects of this are apparent to the naked eye (colourchange 
from light grey to brownish-black) while an S.E.M. examination (as shown in this work) depicts a change from 
smooth rounded contours of the immediately formed anode to the mass of needles after the formation. A further 
cycling, this time between the more anodic limits of 1650 mV to 2350 mV is stated to give a more reproducible 
electrode for kinetic measurements. 


We have already described the effects of heating electrodes in air to remove strain in the deposit. A similar 
proposal is found i D.O.S. 2,306,957 where the coated anode is suspended in weak hot alkali for a period of time. 


Regeneration of anodes. As they become more widely used, methods of regenerating older anodes, removing the 
coating and corrosion products and redepositing fresh PbO» will become available. To date, the only reference 


appears to be a Japanese procedure" for boiling the anodes in nitric and oxalic acid mixtures. 


The form of the anode. The traditional graphite-based anodes were and still are rods of 2-10 cm diameter. 
Adhesion of the coating to these was usually good. The advent of metallic substrates posed problems. Attempts to 
deposit the dioxide on continuous expanses of flat section lead to progressive failure, even when the initial defect is 
only localized. Expanded mesh has proved to be an ideal form on which to coat PbO» while another idea described 


in a U.S. Bureau of Mines report" and in D.O.S. 2,012,506 is to drill holes in flat sheet at regular intervals. The 
lead dioxide, with its good throwing power, deposits into and behind these holes and anchorage is thereby provided. 
Another comment made by several workers is the importance of avoiding sharp edges and comers on the form to 
be coated. If these are present, nodular growths of lead dioxide will form there. 


Deposition of alpha -PbO2 


The foregoing description of anode preparation relate to coatings which consist predominantly of B-phase PbO». 
Little has been written concerning the deposition or behaviour of the a-phase although it is known to exhibit a 
lower oxygen overvoltage. Ruetschi*” describes the deposition of a-PbO, on Pt. A detailed description of an a- 
PbO, deposition bath is also given by Grigger!® using alkaline lead tartrate. However, the work reported by 
Grigger!® in fact relates to nitrate (e.g. ,B-phase) deposits. Lartey*° describes the formation of a very ductile but 
thin coating of a -PbO> which is of good adherence and is black, shiny and "slippery", apparently having been 
deposited in laminae which flake off when a given thickness is exceeded. The Faradaic efficiency of the deposition, 
even at 5 mA cm”was c. 30%. Carr and Hampson?’ have also reviewed baths for alpha phase deposition while 
Issa et al.28 have prepared deposits of mixed a- and B-PbO, (92%, 80% and 60% a-phase) using formaldehyde as 


a reductant in th edeposition bath. The study of Gancy”? covers both Faradaic efficiency and also stoichiometry, as 
well as other details. Clarke *! states that during or after PbO, deposition from alkaline baths, some sort of 
luminescence is observed and that deposits exhibit a high degree of preferred orientation. 


Recently, Soviet workers have patented a bath based on acetone (6-8 g L-1) urea (3-5 g L!) and lead acetate (7-13 
gL-!) in a 30-50 g L"! NaOH solution.?” 


Scientific Studies of Lead Dioxide on Inert Basis Anode 


In spite of the many recipes for their preparation, few studies of the completed article exist. Largely for this reason, 
it is very difficult to evaluate the comparative merits of the various means of preparation. 


711,41 and in the U.S. Bureau of Mines 


Metallographic (S.E.M.) studies of surface textures are reported by Wabner 
study;!° X-ray analysesof composition (85% B-phase, 15% a-phase) are cited in Belgian Patent 702,806 and also 


by Wabner and Fritz.'! Rusin>! shows how the a : B ratios vary with P»bNO 3 concentration and current density. A 


very fine study of the kinetics of deposition!> of a-PbO, is reported by Fleischmann and Liler?° and this is only 


one of a series of fundamental studies devoted to the electrocrystallization process by Fleischmann.?~?? A more 
recent kinetic study of the electrodeposition and cathodic reduction of PbO» on conductive tin oxide is due to 
Laitinen and Watkins.** The best physical study of (electrical) properties of the PbO > is probably that of Mindt.?! 


Among his more important findings are the increase in resistivity with time (over 12 days) and the effect of loss of 
oxygen on this. Also the fact that resistivity of the a -phase is greater than that of the B-phase, by an order of 


magnitude (pp = 10-* fl cm, pa = 10°? fl cm). In terms of the composite PbO>-TiO», anode, Wabner points out that 
B-PbO, and TiO, are isomorphous (rutile) differing only by 7% in lattice size and that formation of a mixed 


crystal might be possible. This can be considered both in the context of the Pb-Ti interface and the binding 
processes there and also in the context of a "modified" PbO» + TiO, anode along the lines mentioned above. 


However, such an electrode could not, one feels; be made by purely electrodeposition processes. 


Wabner also speculates as to the possible existence of other compounds in the system. He mentions lead titanates 


2 


or titanoplumbates, and the importance of such species, which have been referred in the literature 4* remains to be 


resolved.* He quotes the work of Haufe et al‘4” who show that the electrical conductance of TiO; can be readily 
increased by several orders of magnitude when certain other oxides are added and this fact again may or may not 
be relevant to making better composite anodes. A range of TiO, compositions can also exist with differing 


electrical properties.°* Scientifically as opposed to technologically, Wabner has published more than any other 
worker on the PbO,/Ti composite and his writings therefore deserve careful analysis. 


His use of a.c. techniques to investigate processes occurring PbO,/Ti anodes has been criticized (See Chapter 9) 


and Canagarat and Hampson’? illustrate some of the pitfalls of this technique. 


The basis of his "oxalate" pretreatment is hard to understand Possibly it does create on the surface of the Tia 
monolayer or so of species which impedes the oxide passivation which might otherwise take place when the anodic 
deposition occurs. Randle,*? measure the potential of the Ti anodes during conventional deposition from nitrate 
bath onto simply etched (but otherwise untreated) Ti, notes the when the potential of deposition is greater than 2.0 
V vs N.H.E., the resulting electrode is useless or has at best a life of a few hours before failure due to high 
electrical resistance occurs. Wabner points out that electrodes pretreated with the oxalato method retain their 
special advantages even when the PbO, is stripped off after some considerable time and redeposited. In view of the 
extremely strong oxidizing proparties of PbO, it seems inconceivable that any oxalate remains unoxidized after 
being so coated. Wabner believes that attempts obtain current-potential data with PbO,/Ti anodes are useless 
because of the large (and possibly indeterminate) iR drop across the PbO, interface which he finds impossible to 
separate from the overall drop. This may well be so. 


The main problem with Wabner's findings is the weight of evidence to contradict them or at least to restrict their 
validity. In fact, anodes manufactured in the first commercially successful place’*+ based on PbO>/Ti with no 


interlayer or special pretreatment such as describes, have been operating in hundreds of installations in the U.K. 
and elsewhere (mainly in electroflotation plants) with a proven lifetiime of 2 years or longer. In further apparent 


contradiction to the assertions of Wabner,“* the anodes made and sold by Messrs Morgett Electrochemicals Ltd. 
are frequently stored in air for extended periods with no known deleterious effects on their lifetime, instead of 
leading to early passivation failure he suggests would take place. It is not possible here to state whether Wabner's 
assertions stem from experiences with poorly prepared anodes or whether the passivation failures he describes 
occur sooner in his solutions (2 N -- H)SO,) than they do in the chloride- containing media in which commercial 


anodes frequently operate Certainly passivation would occur more easily in the former than in the latter solutions. 
Wabner's other suggestion that 100 mA cm- is the maximum permissible current rating on account of temperature 
rise from ohmic eating in the interlayer region also appears to be dubious. Electrodes have been operated by us and 
others for 20-30 days in chloride media at 400 mA cm“? without showing the voltage increase he describes. In 


conclusion, the TI(IV) treatment does appear to reduce the rate of Ti passivation, but using properly prepared 
electrodes, such a procedure seems unnecessary. A discussion of corrosion of composite anodes is given on p. 299. 


Future of the PbO,/Metal Anode 


There seems little doubt that the PbO»/metal (especially Ti) anode has an important future in the electrochemical 


process industry Experience in our own laboratories and elsewhere has shown that a considerable degree of "know- 
how" is required before an anode capable of operating successfully over a long period can be made. Even now, it 
not clear what limits the lifetime of anodes, whether build-up of highly resistive films or simple loss of PbO> are 
the main problems. From the large and diverse "recipes" for their manufacture, it might well be deduced that none 
of the elaborate "inter-layers" or pre/post-treatments are really necessary. Future work will probably therefore 
proceed in two directions,. These are: 


(i) Study of the importance (or otherwise) of interlayers either 
metallic or of TiN or similar compounds. 
(ii) Study of mixed oxide coatings Pbp2-Mo, 


In this respect, the history of the chlorine anode which has evolved from a Rucg2 through a RuO,TiO> to a 


RuO,TiO,SnO, electrocatalyst will undoubtedly be borne in mind. However, Mindt*! argues that high 
concentrations of "dopants" will be needed to cause any significant effects. In this connection, for example, USSR 
Patent 498,714 4° describes the preparation of "resistive materials" based on PbO>, Sb»O, and other oxides. But 
knowing that, if well made, simple PbO,/Ti anodes have already a lifetime of 2 or more years, any improvements 
will have to show marked benefits especially if they are difficult to carry out. 


Morphology of the PbO2 Anode 


As should now be obvious, the morphology of the lead dioxide anode can assume a variety of forms when 
examined under the optical or scanning electron microscope. Dr D. Wabner has kindly provided a selection of 
micrographs which are shown on the following pages and which represent a typical range of PbO2 surfaces. 


Corrosion of PbO2/Inert Substrate Anodes 


We have seen elsewhere that the mode of corrosion of PbO»/Pb anodes takes place basically not at the surface but 
rather at the Pb(I 1) interlayer between the metal and the fully oxidizing PbO>. In the composite anode which 


forms the subject of this chapter, no such intermediate valence state exists (at least not as far as we know) and one 
would therefore expect such anodes to corrode more slowly, if at all. They do indeed show much higher corrosion 
resistance than their PbO»/Pb analogues. A recent paper by Lartey" summarizes published data and shows new 


corrosion information on these composites. The findings of Lartey are that corrosion is broadly related in Tafel 
fashion to the potential of the anode, and that effects of Cl- concentration are important mainly in as much as 
whether or not they "depolarize" the anode. Work has continued on this aspect of the problem and there are 
indications that the rate of corrosion (as shown by Lartey to be more or less constant over a 2-week period) 
subsequently declines to reach a lower steadystate value. Though these are only preliminary findings and subject to 
confirmation, it is worth noting that similar effects have been found in long-term sea-water corrosion tests of 
platinized titanium or similar precious metal-coated Ti anodes. An explanation was offered there in terms of a high 
initial loss rate due to poorly adherent metal grains on the outer surface of the anode, which exposed a more 
strongly adherent layer beneath. 


The corrosion products of PbO, anodes in laboratory tests appear to be mainly a powdery suspension of PbO» 


which may subsequently settle out at the bottom of the reaction vessel. This poses a dilemma in that it is difficult to 
explain what is in effect a corrosion not involving any net chemical change in electrochemical (or indeed, 
chemical) terms. One alternative explanation can be attributed to purely mechanical attrition of the PbO@ due, for 


example, to the scouring effect of bubbles of gas formed at the electrode, If this is so, it should be possible to vary 
the mechanical properties of the deposited dioxide so as to achieve a mechanically more resistant structure. The 
means by which this might be done are obvious from the foregoing pages. There is, however, a less orthodox 
explanation which is as follows. It is not widely appreciated that the evolution of a gas at an electrode surface 


causes substantial potential fluctuations at the electrode-electrolyte interface. With a large electrode, such 
fluctuations will appear to be averaged out, but there is no doubt that they do occur, and can be of the order of 0- S 
V. The effect of these fluctuations is to reduce the overvoltage of the system momentarily. It can therefore be 
postulated that the corrosion protection afforded by the anodically formed PbO, is periodically lost when a portion 


of the electrode is covered by a bubble. In such a case, the potential might fall back to the "sulphate" region. More 
rapid dissolution would then take place. The dissolved sulphate would, however, be reoxidized by contact with the 
anode, to PbO», although under these conditions much of it would not deposit onto the anode in a mechanically 


satisfactory fashion. The result would then correspond with what is seen-a build-up of suspended PbO, in the 
solution. Work is presently under way on several fronts, aimed at the elucidation of this question. 
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¢ 30 Apr 2009: All references to Bismuth = deleted;=20 Emphasis on nitric acid control added. =20 Generally 
updated with additional current = knowledge.=20 

¢ 23 Mar 2009: Warning on the use of Bi=20 added=20 

¢ 20 Dec 2008: Initial = Release=20 


After MUCH = reading=20 and study of a large number of patents, the primary means of information = for the=20 
hobbyist, I have come to a few conclusions which I hope to gather and = possibly=20 clarify here. Many of = 
these may be=20 misguided, or flat-out wrong, but I believe the bulk is correct, and = will=20 hopefully result in 
an excellent quality PbO, plating over a = variety=20 of substrates. Possibly = hundreds of=20 home lab chemists 


have attempted lead dioxide anodes, and I believe the = number=20 of successful anodes may be counted on two 
hands. 


The Patent=20 list: This list = is definitely not all-inclusive, = but it=20 does contain those that seem both 
reasonable and consistent with regards = to both=20 the process and the goal; a solid PbO» anode that performs = 


well in a=20 perchlorate cell. For chlorate (NaClO3 or = KC1O3) production, I highly=20 recommend the use of 
MMO (Mixed Metal Oxide) anodes=85 these are = available,=20 inexpensive, and very effective. 


The = patents=20 themselves, in no particular order: 


e 2,945,791: Gibson, 1960 - = =93Inert Lead=20 Dioxide Anode and Process of Production.=94 The 
Grandaddy of the Lead = Dioxide=20 patents. It deals with only=20 graphite as a substrate.=20 
¢ 3,463,707: Gibson, 1969 =96=20 =93Electrodeposition of Lead Dioxide.=94 =20 Gibson has now worked 


with PbO, for almost a = decade. He now introduces other = substrates as=20 suitable for the process.=20 


¢ 4,038,170: Rhees, 1977 =96 = =93Anode=20 Containing Lead Dioxide Deposit and Process of 
Production.=94 Rhees purchased the previous = two=20 patents and has continued research, mainly with the 
introduction of = Bismuth=20 salts. He further = refines Anode=20 current profiles as well. = In my=20 
opinion, the most detailed and best of the PbO»=20 patents.=20 


e 2,846,378: Hoffmann, 1958 =96 = =93Electrode=20 and its Manufacture.=94 = Hoffmann=20 makes use of 
a basic (rather than acidic) bath to produce massive=20 PbO, electrodes. = There=20 is useful information, 


but a bit dated, and as a whole, the procedure = is not=20 applicable to home laboratory anodes. 


From this = point on,=20 when referring to patents, I am going to use the last four digits of the = patent=20 
number. For example, = patent=20 2,846,378 will become 6,378. 


The Basic Process = of plating=20 PbO,=85 Some of = the more=20 important parameters that will determine the 
quality (especially the = adherence=20 of the plate to the substrate) include the = following: 


¢ Preparation of the=20 substrate=20 

¢ Current Density for = both cathode=20 and anode=20 
¢ Current profile vs. time for the plating=20 process=20 
¢ Acid (HNO3) = concentration, and control=20 


¢ Additives, which = include salts=20 of Cu and Ni. These = help define=20 the grain of the PbO» 
plating.=20 

¢ Use of surfactants, = specifically=20 non-ionic polyoxyethylene surfactants.=20 

¢ Thickness of desired=20 PbO, plate=20 


¢ Temperature=20 
e The = Cathode=20 
¢ How to kill a plating=20 bath 


All of = these patents=20 are explicit in their use of rather complex, circulating baths. As we shall see later, the = 
reason for=20 the complexity is two-fold=85 first, the patent holder is attempting to = emphasize=20 the speed and 
efficiency of his process, =20 Secondly, and far more = importantly=20 for us, a circulatory = or=20 two-bath 
process is critical to keep parameters under control, particularly the evolution of = nitric=20 acid. I will go into = 
some=20 detail on this later. 


I think an = important=20 goal of this research is to create what I will call a =93one pot=94 = process=85 a=20 
single, monolithic bath that, while agitated or stirred, is not circulated with an outside = resource. This will = 
greatly=20 increase the challenge of the chemistry involved, but will be worth the = effort,=20 as few home 
laboratories are set up for, or willing to try, a pumped, = multi-vat=20 process. 


I will = approach=20 these process parameters in order.=20 


1) Preparation of=20 substrate: 3,707 details critical anode = preparation=20 more so than the others. = The=20 
substrate must be clean, = and in the=20 case of bare valve metals, the metal itself must be mechanically 
scored=20 (sandblasting is optimum) for best adhesion of the PbO, — coating. Delays in plating after = cleaning a 


metal=20 like Ti will allow oxides to form, and it is desirable to minimize = oxidation=20 prior to plating; 
therefore, cleaning should be followed quickly by=20 plating. Cleaning may be=20 accomplished with a solvent 
such as acetone, alcohol, or perhaps a = dilute acid=20 dip or etch. An acid etch = may have=20 the further 
benefit with a bare metal of creating a surface much more = amenable=20 to taking on a tenacious PbO, coating. 


One = possibility not=20 explored is the vacuuming of the anode, immersed in pure water and = perhaps a bit=20 
of surfactant, prior to plating. = This will hopefully eliminate microscopic, trapped air pockets,=20 especially on 
substrates that are exceptionally rough to begin=20 with. 


Plating = flat plates,=20 especially thin plates, produces a curling of the Ti (or other = substrate) due to=20 stresses 
in the coating. = This is=20 undesirable, and may be corrected by using Ti tubing or rod, rotating = the anode=20 
(hopefully producing an even coating), or partitioning the plate into = grid-like=20 sections by first anodizing the 
plate, then removing the anodizing from = those=20 areas that you want to plate PbO» onto. The resultant anode 
would have = =93islands=94=20 of PbO, plating, and hopefully have reduced stresses. The rate of PbO» = 
deposition=20 probably has an influence on internal stresses in the PbO» = coating as=20 well, with a reduced rate 


creating fewer stresses. 


Movement = of the=20 anode from the preparatory bath into the plating bath should be done at = a=20 temperature 
designed to avoid thermal shocking of the substrate. The more I read 3,707, the = more I like=20 its approach. 
Gibson = recommends a=20 preparatory soak at the same or = higher=20 temperature than the plating bath. =20 
This by definition would rule out acetone as a final prep, = although it=20 would make an excellent initial 
degreaser. =20 The best final prep is probably DI water with perhaps some added=20 surfactant, at 90 degrees C, 
vacuumed or otherwise. The movement from = the prep=20 bath to the plating bath should be quick, and the 
current applied as = rapidly as=20 possible once the anode is in place. 


2) Current Densities: In = general, higher=20 current densities tend to promote rougher, less capable platings, but 
= are=20 helpful in the early stages to create maximum = adhesion. 


Patent = 8,170=20 utilizes two plating baths, = the first=20 being called preplate, and = the=20 second, simply the 
primary plating bath. =20 The only real difference between the two is the addition of = Bismuth; the=20 other 
difference is an extra addition of HNO3. This presents some = possibilities, and=20 some problems. It may, or = 
may not=20 be, practical to maintain two plating solutions, stored separately. If a single bath is desired, = the=20 
preplate bath may be prepared, preplating completed, and then the bath = may be=20 modified with an addition of 
Bismuth in HNO3. For reference, the two listed=20 solutions: 


Preplate = Bath 


=20 Compound =20 &nbs= p; _ =20 =20 gm/I 
=20 Lead = Nitrate &nbs= p;=20 &nbs=p;  =20 =20 375 
Nitric Acid &nbs= p; =20 &nbs=p; =20 =205 
Copper Nitrate &nbs=p; =20 =20 =20 14 
Surfactant &nbs= p; =20 &nbs=p; =20 =20 0.5 
Plate = Bath 
=20 Compound &nbs= p; = ; =20 =20 gm/I 
=20 Lead = Nitrate &nbs= p; =e =20 =20 375 
Nitric Acid &nbs= p; =; = =20 =20 21 
Bismuth Nitrate Pentahydrate &nbs= p; =20 40 
Copper Nitrate &nbs= p; =; = =20 14 
Surfactant &nbs= p; ie =20 =20 0.5 


3) = Current profile vs. = Time for=20 the plating process: = Most of the older patents use a = value of=20 amps 


per square foot. A = much better=20 and easier unit for us is amps per square cm. To convert, simply divide amps 
= per=20 square foot by 929 to yield the correct current per square cm. 


From = Patent Data -=20 The bulk of current density profiles start high, and terminate low. One patent uses the 
following=20 profile: 


=B7 =20 Begin at = 0.155A /=20 cm? for a period of time (unspecified) 


=B7 =20 Reduced to = 0.0775A /=20 cm? for duration. 


Resultant = anodes are=20 described as =93smooth, hard, ceramic-like.=94 =20 Aren=92t they all? = Patent=20 
descriptions rarely report their failures. =20 I wish they did=85 it would make our job much = easier. 


Patent = 3,707=20 references current densities as follows: =20 


- First 60 minutes: 0.144A / cm2>29 
¢ Next 120 minutes: 0.057 / cm2722 
¢ Next 300 minutes: 0.028 / cm2>29 


The other = patents=20 are very much in line in terms of general current densities. All of the later patents have = 
an=20 initially high density to ensure adhesion, which is then tapered off, = and all=20 have cathodic current 
densities 1.5X to 3.0X that of the anode=20 itself. 


Yet = another patent=20 uses the following profile for anode plating: 


- 0.062 to 0.100 = A/cm?=20 for one to three hours=20 
* 0.032 to 0.045 = A/cm?=20 to create a final plating time of five hours. = 


Again, = these are=20 close to the other patents with regards to current = densities. 


An older = patent=20 (6,378) used a constant current density of 0.054 A/cm2, which = verifies the often-quoted 
value of 50 mA / cm? for the bulk = of the=20 plating time. 


Spacing of = the anode=20 and cathode in most of these baths tends to be quoted as between 1 and 3 = inches,=20 
or 2.5 to 7.5 cm. =20 


An average current density = profile might=20 look something like this. = Note that=20 our anodes are smaller 
than those used in industry, and the times = required for a=20 satisfactory plating may be shorter. =20 I will 
express the times, then, as a percentage of the total = plating=20 time, rather than a fixed time in minutes or hours. 
Total time will ultimately = vary between=20 setups, and of course, the amount of lead dioxide one wants to=20 
deposit. 


- Initial: 0.126 = A/cm2=20 for 15%=20 
* Median: 0.050 = A/cm2=20 for 50%=20 
¢ Final: 0.030 = A/cm2=20 for 35% 


One final = thought =96=20 as home laboratory chemists, we may have the luxury of hovering over our = 
plating=20 project like mother hens over their chicks. If so, an even better = methodology may be=20 a nearly 
continuous tapering of current for the entire plating = period. Rather than three distinct = steps, it can=20 be 6, 12, 
or more=85 simply (and slowly) dial the current downwards over = the=20 plating time period. Each = time 
you=20 check the bath, reduce the current slightly, perhaps 5%. It would still be best to have = an=20 initially 
high current for best adhesion of the lead dioxide to the bare = substrate, but there is no hard and fast rule regarding 
the plating = current as=20 it nears the end. To = plate in this=20 manner, (multiple current reductions) you 
obviously need a lab power = supply=20 capable of CC (Constant Current) operation. 


4) = Acid (HNO3) = Concentration and=20 control: This is the big one. Most home=20 laboratories have 
concentrated (not fuming) Nitric Acid, which typically = measures 68% to 70% HNO3 by weight. Thus, to create 


a5 g/l = solution, add=20 (5/0.70) =3D 7.14 grams of concentrated HNO3. The plating of lead dioxide is = a=20 
relatively simple process, and the equation to describe it is equally=20 simple: 


Pb(NO3)9 +=20 2H»O =E0 PbO, + = 2HNO3 +=20 H> 


Density=20 of Pb02 is 9.37 grams/cm?. 


Some rules = of thumb=85=20 As Acid concentration increases=85 


¢ PbO, = plating features=20 become coarse, and less refined.=20 
¢ PbO, adherence is diminished, an = important=20 consideration for the hobbyist.=20 


¢ Surfactant dissolution = increases=20 dramatically; surfactant physically breaks down and negatively impacts 
= PbO, plating. 


One patent = in=20 particular (6,378), which refers to the two step plating process = (alkaline, then=20 acidic) 
recommends, for the acidic portion of the process, a remarkably = low=20 =93less than 1.0 g/l=94 concentration 
for the HNO3. For the other patents, = HNO3=20 concentrations were all over the place. =20 But in every case, I 
could find no=20 significant drawbacks stated with reduced acid concentrations; on = the=20 contrary, nearly every 
resource mentioned serious drawbacks to starting = with, or=20 allowing, the HNO3 concentration to get too high, 
above approx. 30 = g/l. Thus, I would recommend a = starting=20 concentration of 5-10 grams/liter. 


Control of = Nitric=20 Acid buildup: Patent 3,707 explicitly states Nitric Acid concentrations higher = than 
20=20 grams per liter make it physically impossible to plate lead dioxide=20 continuously, and recommends 
keeping it at < 5 g/l = concentration.=20 Considering that the process creates its own HNO3, you may as = well=20 
start small, below 5 g/l, just enough nitric to acidify the = solution. The next step becomes control of the acid as it 
= builds. A single mole of lead dioxide = plated on=20 an anode produces TWO moles of HNO3. To illustrate the 
rapid and = destructive=20 buildup of HNO3 in a plating bath, let=92s make some = assumptions=85 Your=20 
plating bath is 1 liter, contains 331.2 grams of lead nitrate = (Equivalent to a=20 1M Pb concentration), and you 


start with five (5) grams of = nitric=20 acid. Your anode receives = a plating=20 of (for demo purposes) 59.8 
grams of PbOs, or 0.25 moles of = Pb. The Pb concentration in the = bath has=20 dropped from 1M to 0.75M. = 


With the=20 production of 0.25 moles of PbO», you have produced two times = that=20 amount of nitric acid, or 
0.50 moles. =20 With a weight of 63 grams per mole, the 0.75 moles of nitric acid = masses=20 31.50 grams. The 
total=20 HNO3 concentration has increased from 5 g/l to 36.50 g/l, = which is well above the maximum = 
recommended=20 HNO3 concentration. = The=20 plating rapidly begins to devolve into a coarse mass that will 
NOT = adhere well,=20 and will allow corrosive electrolytes relatively free access to the=20 substrate. We know 
what = happens=20 next. The substrate = fails, the lead=20 dioxide flakes, and yet another hopeful anode is trash. 
Much gnashing of teeth and = wailing=20 follows. 


It is = common to=20 think that the post-plating bath, rich in nitric acid, but poor in Pb = ion, can=20 be restored 
to its pristine state after=20 the plating is complete. = This=20 is quite true=85 any number of chemical processes 
can be executed to = bring a used=20 bath back to its original form, but the=20 damage is already done, and the 
anode is already primed for death in the perchlorate cell = due to a=20 poor plating job. I = think the=20 demo 
above has shown that the nitric acid levels will climb during = plating, and=20 do so rapidly enough so that the 
plate job will be ruined. The HNO3 - concentration MUST=20 be controlled as it is evolved. = How=20 this can 


be done is a subject of much debate. 


Freshly = prepared=20 baths tend to start with Pb(NO3)> in the range of = 200 to=20 375 g/l, which, dissolved 
completely, creates a Pb ion concentration of = 0.6M to=20 1.13M. 


Essentially, we must=20 give something for the HNO3 to =93chew=94 on that both = neutralizes the=20 acid, and 


replenishes the Pb ion concentration to keep it in a healthy=20 range. Classic solutions = include=20 litharge 
(PbO) exposed in the bath, or some other lead salt. A likely candidate is either = lead=20 carbonate, PbCOs, or 


Basic Lead Carbonate,=20 2PbCO3=B7Pb(OH)> =29 Apparently, treatment of a lead nitrate solution with = 
sodium=20 bicarbonate produces 2PbCO3=B7Pb(OH)>, while the = use of=20 sodium carbonate, NayCO3, 
precipitates=20 PbCO3. Which = of these is=20 a superior nitric acid neutralizer and lead ion replenisher, I have 
no=20 idea. 


Either of = these can=20 be produced by adding an excess of sodium carbonate or bicarbonate to a = solution=20 
of lead nitrate. When the = brilliant=20 white precipitate ceases to form, allow the heavy lead precipitate to = 
settle,=20 decant the bulk of the liquor, and collect (preferably by vacuum = filtration) the=20 white lead carbonate 
powder, washing thoroughly with water. Dry the (Basic) lead = carbonate, and save=20 in a good container for 
future use. 


To make = use of the=20 Lead Carbonate (or similar lead salts, may of which become soluble only = in an=20 
acidic solution), it must be exposed to the plating bath liquor; = further, there=20 must be adequate agitation or 
stirring so as to expose the liquor to the = neutralizing lead salts. = One=20 possibility is to =93hang=94 some sort 
of fine polymer mesh bag = containing the lead=20 salts in a location where exchange may take place, the acid 
neutralized, = and the=20 lead ion concentration replenished. =20 Another is to simply add the lead salts freely at 
the start of = the=20 plating process. Being = both=20 insoluble and heavy, they will settle to the bottom if the 
crystal size = is large=20 enough. Unfortunately, = basic lead=20 carbonate, as precipitated from a lead nitrate 
solution, is fairly fine, = probably less than 300 mesh. = Drying=20 of the lead carbonate mass on a flat, non-stick 
sheet (such as aluminum = foil)=20 and spreading it out thinly, results in a salt much easier to = handle. The lead 
carbonate dries into = thin=20 plates which are easily broken up, and can probably be added directly to = a 
bath=20 with little problem. 


Almost all = of the=20 patents describe their plating baths as having strong agitation or=20 stirring. If an excess of 
= PbO or=20 PbCO3 is present, as the nitric evolves, it should, in = theory, by=20 acidifying the bath more 
strongly, allow these lead salts to dissolve, = and serve=20 a double service=85 nitric acid concentration remains 
reasonable, and Pb = ions are=20 replenished. My guess for = a good=20 starting weight might be that which 
would replace the lead on a = molecular=20 basis. 


Note: Once = again, I=20 must emphasize, NONE of the patents use a =93one pot=94 plating = process. They all 
use circulation. Used electrolyte is pumped = from the=20 bath, altered with litharge or some other lead salt, and 
reintroduced to = the=20 active plating bath. 


Dann2, = from SMDB,=20 provides the following thoughts on nitric acid evolution and=20 control: 


going to plate in one sitting. 


Nitric acid=20 is formed as plating progresses. To stop the concentration of Nitric = acid from=20 becoming too 
high you must have a suitible large tank (if using a = one tank=20 system) or if using two tanks with a pump then 
the total plating = solution volume=20 need not be so large. You must add neutral solution to the plating tank=20 
at the appropriate rate. 


It = would appear=20 from patents etc, that the best concentration of Nitric acid to have in = your=20 plating bath 
is in the region of 6 to 10 grams Nitric Acid per liter.=20 The Nitric acid concentration will increase once you start 
to = plate. You=20 will get two moles of Nitric acid forming for every mole of Lead Dioxide = that=20 you plate, 
(126 grams acid for every 239.2 grams Lead Dioxide, =3D 0.527 = grams=20 acid per gram Lead Dioxide 
deposited). Most amateur Anodes end up = getting formed=20 from baths with much more that the ideal 
concentration of Nitric = acid. If=20 using a one tank system a large tank is necessary. If you start your = 
plating=20 operation off with 6 grams per liter Nitric acid and you want to = avoid the=20 acid concentration 
going above 12 grams per liter Nitric acid you will = need a=20 tank size of 87.8ml per gram Lead Dioxide that 
you want to=20 deposit. 


Figure out how many grams of Lead Dioxide you need = to=20 deposit to form your Anode from the projected 
Anode dimensions minus the = substrate volume, multiplied by the density of Lead Dioxide (9.37 grams = per=20 
CC). 


For example if you want to deposit 100 grams Lead = Dioxide (not=20 a large Anode) and you decide to start off 
your plating solution at 6 = grams per=20 liter Nitric acid and you do not wish for the acid concentration to = 
go=20 above 12 grams per liter, then you need a minimum (one tank system with = no=20 adding in of 

Lead Compounds during plating) of 100 multiplied by = 87.8 =3D 8.8=20 liters. That's a big tank!! It would appear 
that adding a Lead Compound = (with or=20 without a second tank) is the sensible way to go if the acid = 
concentration=20 is to be kept in the most desirable range of <20 g/l, preferably 10 = g/l. 


The amount of Lead ion = per gram=20 of PbO2 is 0.839 grams. The amount of Lead ion per gram of Lead = 
Nitrate=20 (Pb(NO3)>) is 0.6256 grams. Therefore, each gram=20 of deposited Lead Dioxide will use up 1.341 


grams Lead Nitrate. The = concentration of Lead Nitrate should not be let fall below 200g/liter. = If the=20 tank 
size is large enough to keep the Nitric acid concentration at = reasonable=20 levels then Lead Ion depletion of the 
plating solution will not be a = problem. It=20 is advantageous to have the Lead ion and Nitric acid concentration 
= as=20 constant as possible during plating. 


When going for a one or two = tank=20 system and adding a lead compound, the total plating solution volume = 
need not be=20 as large as when using a one tank system with no addition of = litharge or=20 similar. If using a 
two = tank system=20 the neutral tank will have an excess of neutralizing Lead Compound in = it. The=20 pump 
will slowly pump this neutral plating liquid into the plating = tank at=20 a rate that will keep the Nitric Acid 
concentration at approx 6 to 10 = grams per=20 liter in the plating tank. 


If = using a one=20 tank system and adding Lead compound you will need to add the amounts in = the=20 table 
below=85 


Each = mole of=20 Electrons (26.8 ampere-hours) that flows will produce one mole Nitric = acid (63=20 grams), 
assuming 100% current efficiency, which is equal to = 2.35 grams=20 Nitric acid forming per hour per amp. 


Another way to look at this = is to=20 say that a half mole of Lead Dioxide is plated onto the Anode per 26.8=20 
ampere-hours, (119.6 grams Lead Dioxide per 26.8 ampere-hours) = which is=20 equal to 4.463 grams Lead 
Dioxide per amp per hour. You need to add Lead = Compound to replenish the transferred Lead Ions 

and depending on = the Lead=20 Compound you are using the weight added will need to equal the molar = 


amounts of=20 Lead Ion being transferred. The table below gives the relevant molecular = weights=20 of the Lead 
compounds that are used and thus the amounts to add to the = tank per=20 amp per hour. 


Lead = Compound 


Grams of=20 compound to add to tank per amp per hour @100%=20 CE 


Litharge,=20 PbO 

(mw = =3D=20 223) 

4.16 

Lead = Carbonate=20 (mw =3D=20 267) 
4.985 

Basic Lead=20 Carbonate 

(mw = =3D=20 775) 

4.824 

Lead = Hydroxide=20 (mw =3D 241) 
4.508 


Since = CE will be=20 less than 100% you will need to add less that the table above states. = When using=20 a 
two tank system with Lead Dioxide deposition being performed in one = tank and=20 an excess of neutralizing 
Lead Compound in the other tank (neutral = plating=20 solution), then you must pump neutral liquid into the 
plating tank at = the=20 appropriate rate. 


It may = be=20 possible to have an excess of Litharge at the bottom of a one tank = system (if=20 stirring is not 
used or perhaps intermittent stirring) which will react=20 fairly slowly with the nitric acid as it is produced and 


help keep = the=20 Pb*? ion concentration constant, and the Nitric acid = concentration in=20 the desired range. If 
the Litharge is too finely divided (small particle = size),=20 it may react too easily with the nitric acid and be 
inclined to keep the = pH of=20 the bath too high (concentration of the nitric acid will be too = low). You=20 
cannot use Lead Carbonate or Hydroxide or Basic Lead Carbonate in excess = in the=20 one tank system as they 
will keep the pH too high (they react too = readily=20 with the nitric acid formed) and the carbonate will also 
cause = bubbles/foaming=20 as it reacts with the nitric acid. You would need some way to add = (by hand=20 


even) the compound into the tank as plating progresses. A slurry could = also be=20 pumped perhaps. 


In = summary, control=20 of the Nitric Acid may be a critical feature of plating a strong, = durable anode,=20 and 
is one which, perhaps, has not received the necessary attention from = home=20 lab technicians. 


5) = Additives: Copper = nitrate is=20 standard, but may not be necessary if Cu cathodes are used. PbO, or 
perhaps other lead = salts, must be used to control pH and = evolution=20 of HNO3, because, as already 


mentioned, excess HNO3 is not = desirable,=20 and will destroy a lead dioxide plating attempt. 


That = leaves two=20 additives, NaF, and Ni(NO3) .6H,O. Patent 3,463,707 recommends = 0.5 g/l NaF,=20 and 


most other resources mention this value, or one very close to = it. Nickel Nitrate is supposed to = be an=20 
excellent grain refiner for the plated PbO», and like the = surfactant,=20 may be one of the keys in producing a 


high-quality plating. Patent 2,945,791 recommends 10 = g/l=20 Ni(NO3).6H>O in the plating bath. Subsequent 


patents, especially = those=20 that were granted to the owner of this previous patent, rarely make use = of=20 
Nickel Nitrate, not because of its inefficiency, or lack of efficacy, = but because of its cost! Since we are working 
on a = small scale,=20 we can make good use of Nickel Nitrate to refine the PbO, = grain. A finer-grained = 


PbO, plating=20 will yield greater strength, better resistance to attack by harsh = electrolytes,=20 and possibly a 
superior adherence of the PbO» to the=20 substrate. 


6) = Surfactant = use: Any = electrochemical=20 operation generates gasses at the electrodes, usually hydrogen, 
oxygen, = and=20 others. These start as = microbubbles=20 on the anode surface, cling tenaciously, and if 
ignored, will grow to = visible=20 size. Obviously, any = portion of the=20 anode covered with a bubble is 
not=20 being plated. Eventually, = the=20 bubble grows and breaks free, leaving a microscopic crater behind, and 
= an area=20 of interrupted plating, which is not good. =20 If the plating is interrupted in hundreds or thousands of 
= locations due=20 to bubble evolution, the strength and overall integrity of the anode = will be=20 diminished. 
Any and all = means=20 should be done to shake the bubbles free from the anode, or otherwise = keep them=20 
from adhering to the anode. =20 Surfactants will help by simply preventing the bubbles from = sticking in=20 the 
first place. Beyond = bubble=20 control, surfactants are wetting=20 agents; they promote the flow of fresh 
electrolyte onto the surface = of the=20 anode, and into nooks and crannies in the surface of the=20 metal. 


The = most-cited=20 surfactant from the patents for PbO, plating is a variety of=20 non-ionic polyoxyethylene; 


these come in various chain lengths, with the = longer-chained varieties finding favor over the shorter. Most of the 
older patents = refer to the=20 Igepal family of = surfactants, which=20 are difficult to find or purchase in small 
quantities. Fortunately, polyoxyethylene = surfactants=20 see frequent use in biological laboratories, where they 
are used to work = with=20 (and separate) proteins. = This is=20 handy for us, as the surfactants themselves may 
be purchased quite pure = and in=20 small quantities. =20 


While the = biological=20 supply houses can yield useable surfactants, a bit of effort revealed a = much=20 more 
common surfactant with similar qualities, Triton X-100. From Wikipedia, the = description of this=20 surfactant: 


Triton = X-100: A=20 nonionic surfactant which has a hydrophilicpolyethylene oxide group (on = average=20 it 
has 9.5 ethylene oxide units) and a hydrocarbon = lipophilic or=20 hydrophobic group. The = hydrocarbon group is 
a = 4-(1,1,3,3-tetramethylbutyl)-phenyl group. It = is related=20 to the Pluronic range of = detergents=20 
marketed by BASF. The pluronics are triblock copolymers = of ethylene oxide=20 and propylene oxide. The part = 
formed from=20 ethylene oxide is more hydrophilic than the part from propylene oxide. = It is=20 very viscous at 
room temperature and is thus easiest to use after being = gently=20 warmed. The Chemical = formula:=20 

(Cy 4Hy90(C2H4O)p- ) 


There are = a large=20 number of surfactants of this type, graded upon the chain length of the = polymer=20 
portion of the molecule. = Another=20 very likely surfactant is Tween = 20,=20 which is nothing more than 
Polysorbate 20. =20 


Polysorbate=20 20 (commercially also=20 known as Tween=20 20) is a = polysorbate=20 surfactant whose 
stability and relative non-toxicity allows it to be = used as a=20 detergent and emulsifier in a number of domestic, 
scientific, and=20 pharmacological applications. It is a polyoxyethylene derivative of = sorbitan=20 monolaurate, 
and is distinguished from the other members in the Tween = range by=20 the length of the polyoxyethylene chain 
and the fatty acid ester moiety. = The=20 commercial product contains a range of chemical=20 species. 


Tween 20 = is a=20 non-toxic and easily-available surfactant that should probably do a fine = job. Triton X-100 is 
a = bit tougher=20 to locate, and has some toxicity issues, but relative to the overall = toxicity of=20 the bath, its 
danger can be considered negligible. 


Patent = 5,791=20 discusses the deterioration = of=20 surfactants under the influence of high HNO3 
concentrations, = thus=20 confirming again the desirability of keeping HNO3 = concentration under=20 control. 


Deterioration of = the=20 surfactant eventually renders the plating bath inoperative, a serious = detriment=20 to 
our process. If = desired,=20 remaining surfactant and fragments can be removed with n-amyl alcohol,=20 1- 
pentanol, CAS 71-41-0. = The amyl=20 alcohol is mixed with the bath in a 1:4 ratio, and the bath agitated=20 
sufficiently to mix the amyl alcohol with the remainder of the aqueous=20 bath. The fragmented = surfactant=20 
components are selectively drawn to the 1-pentanol. Agitation or stirring is = halted, and the=20 two components 
allowed to separate. =20 The amyl alcohol, and the fragmented surfactant portions = dissolved in it,=20 is decanted 
or otherwise separated from the remainder of the bath. In industry, the amyl alcohol = is=20 distilled, leaving 
behind the broken polyoxyethylene fragments, plus any = organic=20 materials with a higher boiling point, and is 
restocked for the next = run. The entire process is = complicated,=20 potentially expensive, and not undertaken 
lightly, but if the choice is = this=20 separation process, or otherwise scrapping a large amount of expensive = 
Lead and=20 Nickel Nitrate, this may be a good technique. One possible workaround may be = using a=20 much 
smaller percentage of amyl alcohol =96 rather than a 1:4 ratio of = amyl=20 alcohol to bath, perhaps a 1:10 ratio 
may be adequate, and the = contaminated amyl=20 alcohol may be simply disposed of if distillation is not=20 
desired. 


Other = Surfactant=20 Possibilities: One early patent recommended = the use of=20 pure gelatin. No amounts 
were recommended, = and the=20 patent stated that impure gelatins caused problems. With the ease of availability 
= of=20 polysorbate-20 and Triton X-100, I=92d skip the gelatin and go right for = the real=20 stuff. 


With the = idea being=20 simply to =93wet=94 the surface of the anode, help eject bubbles, and = ensure even=20 


plating, Roscoe Bodine (from SMDB) suggests the = following: 


=93Acetic = acid would=20 seem to be the first thing to look at if anything organic is going into = that=20 
electrolyte to aid wetting. There is also the possibility of using = ethanol which=20 will itself be oxidized in the 
process eventually to acetic acid, but = may aid=20 wetting during the electrodeposition. Both the ethanol and the 
acetic = acid have=20 solvent properties and should decrease the surface tension of the = electrolyte so=20 that it 
more easily wets the substrate onto which plating is done. It = might save=20 a lot of grief in reprocessing the 
electrolyte to get rid of organic = residues=20 later, to try a volatile like acetic acid first and leave the other = 
organic=20 =91surfactants=92 as a last resort.=94 


This makes = sense=85=20 heating of the bath drives off the volatile surfactants and leaves = behind the=20 
desirable salts for future use. = A=20 three-step investigative process might consist of no surfactants; then, the use 
= of ethanol=20 or acetic acid (I would be inclined to try ethanol first, due to its = easy=20 availability), and 
finally, the use of a powerful (and heavy) surfactant = like=20 Triton X-100 or Polysorbate 20. =20 These may 
technically be superior, but as mentioned, they do = eventually=20 break down under the influence of the nitric 
acid (or possibly the=20 electrochemistry itself), and the only method I have read of to remove = them is=20 the 
use of n-amyl alcohol (1-pentanol), previously described.=20 


One final = suggestion=20 is the use of Kodak Photo-flo, another non-ionic surfactant. As packaged, it is a = 
relatively dilute=20 product, so one must take that into consideration in the addition phase = of the=20 job. Photo- 
flo is cheap = and=20 available at any serious photographic supply store, and consists (per = the MSDS)=20 of 
Propylene Glycol (25 =96 30%) and p-tert-octylphenoxy polyethoxyethyl = alcohol (5 - 10%). = Given these=20 
ingredients, Photo-flo will probably perform quite well, but it will = have the=20 same drawbacks (breakdown 
under acidity) of the other = polyoxyethylenes. Interestingly, I used = Photo-flo as=20 a kid when I had a Black 
& White darkroom, and to wet the film for=20 streak-free drying, it performed spectacularly. 


7) = Thickness of PbO2=20 plate: When = starting with a=20 mesh anode, consensus thought is that enough lead 
dioxide should be = plated until=20 the gaps in the mesh are completely full. =20 By this point, your anode will 
have a waffle-like appearance, but = will be=20 solid and hopefully quite strong. My experience with Anode #2 = 
(description=20 to follow) negates this thought a bit, I believe. Anode #2 took on a very heavy = lead=20 dioxide 
plate, and the holes were nowhere near closed. Enough plating to truly close = a typical=20 Ti MMO mesh would 
produce an extremely heavy anode, and probably create = a=20 somewhat amorphous blob shape. = This=20 
would more closely resemble a classic =93Massive PbO2 anode=94 rather = than an=20 elegant moderate plate. 


Patent = 8,170=20 recommends a thickness of 0.02=94 to 0.2=94. =20 Given that the patent owner is producing 
anodes for industry, = this may be=20 on the high side for our small anodes. =20 I am going to guess 

0.100=94 =20 to 0.200=94 as a desirable coating thickness for our anodes, with = the=20 low-side increased to 
perhaps compensate for coverage that may not be as = effective as that achieved in a larger plating tank. Other 
enthusiasts from Science = Madness=20 state that the anode should be much thicker. If it turns out that the = 
(per)chlorate=20 electrolyte breaches the coating and destroys the substrate, then a = thicker=20 coating may 
definitely be more desirable, but the goal I believe is an = anode=20 that resists substrate attack via excellent 
adhesion and grain = refinement,=20 rather than relying on bulk. 


8) = Temperature: In all = patent cases,=20 the temperature was held between 60 to 90 degrees C. There are two 
ways to achieve = this.=20 Choices include a glass=20 (borosilicate) vessel on a hot plate, or an immersion heater 


in either a = glass=20 or plastic vessel. If = your choice=20 is a plastic vessel, the two typical choices are 
polyethylene, usually = the HD=20 variety, or polypropylene. = Of the=20 two, the latter is MUCH preferred, as 
polypropylene withstands near = boiling=20 reagents better than an HDPE vessel, but I suspect HDPE would 
work=85 = simply keep=20 the heat closer to 60 C than 80 C. =20 Another potential plastic that shows promise for 
nearly all = phases of=20 this process (both anode plating, and (per)chlorate production, is = PET=85=20 
Polyethylene Terepthalate. = PET is=20 Coke bottle plastic =96 crystal clear and relatively inert. One important 
issue may be its = softening=20 at the higher temperatures required. 


I am not = sure of the=20 physical effects of temperature on the plating characteristics. Does a higher temp create 
a = better bond=20 of the PbO, to the substrate, or a weaker bond? Questions like this, for now, = remain=20 


unanswered. This would be = an=20 excellent area for future experimentation. For now, I am going to target = 
70=20 degrees C for my plating baths. 


If your = vessel is=20 borosilicate glass, a good hot plate can be put to use. If not, some form of immersion = heat 
will=20 be necessary, and a means to control it. =20 The Cadillac of temperature controllers is a =BC DIN or 
similar = temperature=20 controller made for industrial process use. Most of these use PID = (Proportional,=20 
Integral, Derivative) to control the temperature, meaning they are both=20 intelligent and=20 accurate. 


Immersion=20 heaters: These come in a=20 nearly infinite variety, and most are quite expensive. = Be=20 
prepared for sticker shock for a true lab immersion heater! Remember = also that a=20 lead nitrate plating bath 
uses (and creates) nitric acid, so whatever = heater you=20 select must fulfill three requirements: 


1. It=20 must have a wattage adequate for the volume of electrolyte=20 

2. It=20 must be resistant to nitric acid, and not shed Fe+ ions, which will = pollute=20 the bath and render the 
plating fragile.=20 

3. It=20 must be controllable 


Stock = fish=20 heaters may do a fine job=85 simply realize that they must be = disassembled, and=20 the control 
electronics bypassed to allow the heater to achieve the = necessary=20 temperatures. While it is = possible=20 to 
modify one, it will require significant tinkering. I do think I've come up with a = better=20 answer... the 

industrial cartridge = heater. 


Cartridge=20 heaters are heating elements encased in either stainless steel, or = incoloy, a=20 space-aged nickel 
alloy capable of shrugging off extremes of = temperature.=20 Inconel and its family of alloys finds extensive use in 
jet engines at = the=20 turbine core, where temps are inconceivable. 


Cartridge = heaters=20 come in two flavors, low watt density, and high watt density. The low = watt=20 density 
types are usually sheathed in 304SS, not good for this process = due to=20 the inevitable shedding of Fe+ ions if 
used unencased or otherwise=20 protected. The high watt = density=20 types have the incoloy sheath, and come in 
a huge variety of sizes, = voltages,=20 and wattages. Best of all, they are remarkably inexpensive, maybe $30 = for 
a 500=20 watt heater, 120V, if ordered from a company like MSC or Grainger. If purchased off eBay, new = 
cartridge=20 heaters can often be found for $5 to $10. =20 Look for wattages of approximately 100 to 500, a 
relatively wide = (3/4=94)=20 diameter, and a short length. 


Incoloy is = a metal=20 acknowledged as compatible with nitric acid processes. The ends of the = sheath=20 away 


from the lead wires appeared to be well-sealed, either via = resistance=20 welding, or possibly spin (friction) 
welding. Regardless, it is best to = encase the=20 cartridge heater in a copper or titanium tube, totally sealed 
against = ingress=20 from harsh electrolytes. = If=20 soldering copper tube to encase a cartridge heater, electrical 
solder = and rosin=20 flux may be used to good effect. 


However = you install=20 your cartridge heater into a tube, you must consider transfer of the = heat from=20 the 
walls of the cartridge heater itself, to the walls of the protective = tube. If your cartridge = heater=20 slides into 
the tube with a nice, close fit, you are ready to go=85 but = the odds=20 of that happening are slim. = What=20 
happens more often is a sloppy fit; an air gap around the heater. This can create heat transfer = problems,=20 and 
the gap MUST be filled. =20 Probably the easiest is some sort of fine, powdered refractory = substance=20 like 
magnesium oxide, fine sand, or grog. Another option is a strip of = stainless=20 steel foil, wrapped around the 
heater body, so as to create a sliding = fit into=20 the tube. Additional consideration must = be made for=20 the 
wiring from the cartridge heater. =20 In normal use, these wires are air-cooled. Enclosed in a tube, they may = 
be=20 subjected to excess heat. = Given=20 that the protective tubing is immersed, the liquid will draw off the = 
bulk of the=20 heat, leaving the wiring at a safe temperature. Conclusion: if you create a = heater of=20 this sort, 
do not run it in air=85 power it up only when immersed. This is common sense for any=20 immersion-style heater, 
be it a homemade job or a modified fish tank=20 heater. 


With a = cartridge=20 heater correctly ensconced in a Cu or Ti tube or similar, and attached = to a=20 functional 
heater controller, you are ready to go. 


Initial = tests=20 indicate that a wattage of about 75 to 100 watts per liter will be = adequate to=20 achieve the 
desired bath temperatures. =20 Err on the high side. 


9) = The = Cathode: Interestingly, the current = densities at=20 the cathode are recommended to be 2X to 3X the 
density at the = anode. In simple terms, the surface = area of the=20 cathode needs to be approximately 1/3 the 
area of the anode. A rule of thumb: a typical = expanded mesh=20 electrode will have an area between 1.8 and 2.3 
X the measured = profile. Using 2X will probably come = very=20 close. One unanswered = question=20 
remains=85 when measuring the area of the cathode, does one measure the = entire area of the immersed = portion, 
or=20 just that area which is in the electron flux? My thought for now is to = measure only=20 the area exposed to 
the flow of electrons. 


If your = anode is=20 stationary, the cathode is best constructed as a cage. Despite the warnings against = free 
iron=20 ions floating throughout your bath, almost all of the patents recommend=20 stainless steel as a viable 
cathode material. If you do choose stainless, I = recommend=20 316SS as the least likely to corrode. =20 Frankly, 
I don=92t like the idea of stainless steel as a cathode, = and as=20 you=92Il see later, great and tedious lengths are 


pursued to eliminate=20 Fe** from the bath. 


Other = recommended=20 cathode materials are hard graphite, Copper, Titanium, and the other = valve=20 metals. 
Cu and Ti are = probably the=20 best. 


10) = How to kill a = plating Bath, and = wreck the=20 anode: Despite the usual glowing terms = patent=20 
owners use to describe their perfect anodes, enough analysis reveals = some=20 failures. I will present = them 
based=20 upon the apparent emphasis placed upon these parameters by the patent=20 authors. 


Nitric = Acid=20 Concentrations too high: Allow your bath to produce = nitric acid,=20 unchecked. The result = 
will be an=20 anode that will fail in use. = High=20 nitric acid concentrations (above 20 g/l) simply do not 
produce a = quality lead=20 dioxide plating. 


Excess Fe = in the=20 plating bath: Patent = 3,707 delves=20 deeper into =93iron pollution=94 than any of the 
others. In particular, it discusses = ways to=20 measure and/or sequester Fe*? ions from the bath, using=20 5- 


sulfosalycilic acid, and describes techniques to keep it (the = Fe**=20 ions) below 2.0 g/l. From = what 
[=92ve=20 read, a better value is 0.00 g/l, but the iron finds its way into the = plating=20 bath via a number of 
sources, and apparently source #1 is the PbO = (litharge)=20 used to control nitric acid concentrations. Continuous 
additions of = litharge end=20 up polluting the bath with iron. = I=20 can easily see this happening, as most home 
laboratory chemists do not = buy ACS=20 99.999% litharge; they buy the PbO sold at pottery or assay stores 
which = probably has significant iron content to begin = with. 


The iron = tends to=20 bind or occupy the sodium fluoride added to almost all baths as Iron = (IIJ=20 Fluoride, 
Fe)F,. =20 This compound is soluble in an acid environment. What effect it has on plating, = or=20 whether extra 


additions of NaF can counter any ill effect, I do not = know. But the patent agrees, loss of = available=20 NaF 
inhibits its beneficial effect on the plating process. How to control iron? Starting with chemicals as = pure as 
your=20 wallet can handle is probably a good way to start. I personally have 3 kg of PbO = of totally=20 unknown 
iron content. If = Lead=20 Carbonate ends up being a superior scavenger of nitric acid, and we can = produce=20 
it with lead nitrate of known purity, it may be another=20 answer. 


One final = thought=20 might be an addition to the bath of a reagent that binds with the free = iron ions=20 and 
renders them into an insoluble solid, but the acid buildup often = alters the=20 dynamics of the situation, as it 
dissolves iron salts deemed = =93insoluble=94 and=20 puts them right back in the bath, where they exercise their 
demonic=20 control. The iron oxides = are all=20 insoluble in cold water, but again, with acids present? I 
don=92t know, and [=92I1 = leave suggestions=20 on iron control to more experienced chemists. 


Starting, = stopping,=20 and restarting the plating process: Simple = answer,=20 don=92t do it. Once the = juice 
is=20 applied, don=92t let up until the anode is at a thickness you are happy = with. Excess bubbles clinging to the 


= surface=20 of the anode have the exact same effect. =20 Avoid them. 


Poor = preparation of=20 the substrate: Rinsing a mesh or some other = substrate=20 in water will do little to 
prepare it for good lead dioxide = adhesion. It MUST, at a minimum, be=20 degreased. A strong = detergent 
will=20 do the trick, as will a solvent like acetone or MEK. Tri-Sodium Phosphate (TSP) is = a powerful=20 
detergent that will eliminate every trace of grease or oil from the = substrate,=20 and if the substrate can handle it, 
I=92d recommend boiling it in TSP = for 10 to 15=20 minutes, followed by multiple rinsings in distilled or 
deionized = water. From there, continue with any = additional=20 surface preparation. An=20 analogy: In the 
firearms = trade, a=20 good gun blue requires a seemingly inordinate amount of preparatory work = before=20 it is 
blued. Without it, = the blue=20 simply will not form properly, or the finish will be=20 poor. 


The Plating Bath: Our = plating bath=20 so far looks something like this: 


Plate=20 Bath=20 Constituents 


=20 Lead Nitrate =96 Pb(NO3)> &nbs= p; aa =20 375 


=20 Nitric=20 Acid =96 HNO3 &nbs= p; =; = =20 10 
=20 Copper Nitrate - = Cu(NO3)9.3H 0 &nbs= p; = ;=20 14 
=20 Nickel Nitrate =20 Ni(NO3)5.6H,O &nbs= p; => =20 10 
=20 Sodium = Fluoride=20 (NaF) &nbs= p; =; = =20 0.5 
=20 Surfactant =96 Triton X-100 &nbs= p; = =20 0.5 


Determine = the=20 surface area of your anode, and select a cathode that has an effective = surface=20 area of one 
half to one third of the anode. If the anode is some sort of = mesh,=20 typically titanium or MMO over Ti mesh, 
the surface area usually falls = within=20 the range of 1.8 to 2.3 times the dimensions of the cut mesh. If your bath 
has a static = anode,=20 cathodic coverage of the anode can be critical, and subject to=20 experimentation. At a = 
minimum, two=20 cathodes are required, one on each side of the flattened sheet or = mesh. Most of the patents 
describe = some sort=20 of a stainless steel =93cage=94 surrounding the anode. Calculating the effective = 
surface area=20 of a cage can be daunting. = If I=20 were to use a basket or cage, I would be tempted to form one 
from CP=20 (Commercially Pure) titanium, rather than stainless steel. Cu wire of course may be = used. If you 
use a copper cathode, = you may=20 ignore additions of copper nitrate to the bath. Other metals, however, require 
= the=20 copper nitrate=85 this prevents Pb from being plated on the=20 cathode. 


Once the = surface=20 area of the anode has been determined, calculate a current profile. Referring to section=20 
three: 


Plating Period _ Current = A /=20 cm2——=" Duration 

Initial: = = =20 0.125 &nbs= p; = 3 = =20 15% 
Median: = =20 0.050 &nbs= p; = = =20 50% 
Final: = =20 =20 0.030 &nbs= p; =; =20 35% 


Note that = there is=20 no actual time; rather, the current profile is expressed as a function = of=20 percentage. A 
= minimum plating=20 period is probably on the order of four to 6 hours; a longer period, = upwards of=20 20 
hours or more, would be on the high side and produce a heavy plating, = at the=20 cost of additional labor and 
monitoring of the setup. If your goal is a moderate = lead dioxide=20 coat, you may consider a plating session of 
8 to 10 hours. Without experimentation and = experience=20 at this process, it is hard to determine just how long a 
particular = plating=20 process might require, but at a = minimum,=20 keep the plating current at the 0.125 A/cm? 
value until you = see 100%=20 of the bare anode material covered with significant lead dioxide. Not just a 
dusting or flash, = but a=20 relatively solid coating. = Only then=20 consider reducing the current. 


In = general, the=20 higher the current, the coarser the LD grain. A coarse grain will adhere and = provide=20 an 
excellent base for further LD additions. From the initial coating, it = is simply a=20 matter of decreasing the 
current over time to refine the plating and = produce a=20 finer grain that is catalytic, resistant to attack, and has 
great = strength. 


Patent=20 4,130,467 recommends the addition of litharge at the rate of 5.8 = g/l per=20 hour to control nitric acid. 
= This=20 has been discussed to some extent, with basic lead carbonate possibly = being a=20 superior choice to 
litharge (PbO) when your source of litharge may be = suspect,=20 and contain significant quantities of iron. 


Further, = patent=20 4,130,467 suggests an initial nitric acid concentration of 6ml/l = when using=20 standard 
68% concentrated acid. = It=20 may be possible, at this relatively low acid dosage, to monitor the pH = of the=20 
bath by any conventional means, and the addition of litharge or a form = of lead=20 carbonate (or other lead salt; 
NOT metallic Pb) may be used to control = evolved=20 nitric, and keep the pH close to the starting = value. 


Xenoid = (from SMDB)=20 devised an ingenious device=85 a vibrating anode support = system, whereby=20 a 
small electric motor is fitted with an eccentric weight, and attached = to the=20 boom arm which holds the 

anode. =20 Connecting a variable DC supply to the vibrator motor allows the = user to=20 adjust the magnitude of 
the vibration. =20 I was so impressed with the idea that I immediately added my own = vibrator=20 motor, so I 
now have both rotation and vibration. The rotation/vibration (I am = hoping)=20 will do three things: 


¢ It will help agitate = and stir=20 the bath. Thermally, = this is=20 quite important, as immersion heaters 
tend to create =93hot zones=94 = and overall,=20 without agitation, do a poor job of maintaining an 
even=20 heat.=20 

¢ It will hopefully = drive bubbles=20 off the anode. The rate = of=20 rotation and the style of anode (plate or 
mesh vs. tubular) will have = much to=20 do with the ability of rotation to eject formed = bubbles.=20 

¢ Finally, it will = create a more=20 even coating than a stationary anode. =20 The current density at a 
particular point on the anode will be = changing=20 continuously. I am = hopeful that=20 this will improve 
the plating quality. =20 It certainly did with decorative plating=85 it resulted in a = much more=20 even 
overall electroplating job. 


Whether = any of these=20 actually happen is subject to debate and experimentation. 


I=20 began my plating experiments = in January = of=20 2009. Plating #1 took = place in a=20 small bath of 
approximately 2.25 liters, using standard MMO mesh for the = anode,=20 and Ti tubing for the cathode. = The=20 


working portion of the MMO mesh measured 80mm X 40mm, which equals=20 32mm2, and when multiplied by 
this particular mesh=92s area = factor,=20 equated to ~ 72mm?. 


The CP = (Commercially=20 Pure) Ti tubing cathode (1/2=94 OD) was marked in a lathe with a fine = scoring 
tool=20 along every centimeter, and these markings were used to determine the = surface=20 area immersed in the 
bath. = To=20 achieve a lower current density on the cathode vs. the anode, the = cathode was=20 lowered 5.63cm 
below the level of the bath. Spacing was 10 = cm. 


Anode = Prep: The anode was physically = cleaned using a=20 soft cloth and acetone. = Those=20 portions of the 
CP Ti shank that were exposed to the plating bath were = scuffed=20 with 220 wet/dry silicon carbide paper from 
3M. The anode was then completely = immersed,=20 with occasional agitation, in acetone. =20 A 15% HNO3 
solution was prepared, and the anode was then dried = and=20 immersed in the acid at 20 degrees C for 5 minutes. 


Next, the anode was rinsed in = distilled=20 H2O, and a solution was prepared consisting of 2ml Triton X-100 in 
800 = ml of=20 distilled H20. The anode = was=20 allowed to soak in this solution for 45 minutes, at which point 
a vacuum = was=20 applied to the beaker containing the anode and surfactant solution for = 30=20 minutes. No 
heat was used = at any=20 point in this particular preparation. =20 The anode then went immediately into the 
2.25L plating tank. The detailed description, from = my blog=20 on APC (http://www.apcforum.n= 
et/forums/blog/swede/)=20 is as follows: = 


From my = APC blog,=20 dated 19 Jan 2009: 


It has = been a long=20 road, but I now have two anodes plated... one of them looking fairly = sad, while=20 the 
other looks excellent. I've=20 spent probably a month preparing for this moment, making equipment, = 
gathering=20 chemicals, and above all, educating myself. This process has been = somewhat of a=20 holy grail for 
home chemists. The electroplating itself of lead dioxide = is well=20 known, but the problems that are associated 
with it are many, and = ultimately=20 cause the lead dioxide anode to fail in use. The primary failure mode is = 
poor=20 adhesion, meaning the electroplating simply does not stick well, to = itself, or=20 to the substrate. Pieces 
of lead dioxide simply flake away or fall off = the=20 anode. 


The second = failure=20 mode is chemical attack of the substrate rather than the lead dioxide, = which by=20 itself 
is quite inert in use. Assume for a moment that you have a nice = titanium=20 anode which you successfully plate 
with lead dioxide. It looks good. But = in use,=20 the potent liquor attacks the titanium beneath the lead dioxide; it 
= oxidizes,=20 and you lose continuity between the Ti and the lead dioxide. Eventually = there is=20 little or no 
conductivity between the two, and the anode fails.=20 


Several = patents=20 address the adhesion problem with the use of surfactants, especially = those of=20 the 
polyoxyethylene variety. I found a good one in Triton X-100. Think = of the=20 surfactant as a very = 
powerful=20 detergent. The second failure mode (attack of the substrate) I hope to = overcome=20 by plating a 
very tough MMO mesh which has proven itself in extreme=20 environments 


In my = entire life, I=20 have never worked with such noxious and toxic materials. I prepared = accordingly:=20 


Go ahead = and=20 laugh! 


Respirator, gloves,=20 face shield, and a disposable ($7) painter's Tyvek suit. The separate = portions=20 of the 
setup were gathered together on a portable table. I laid down a = plastic=20 drop cloth, and taped it to shelves 
behind the table. Several layers of=20 newsprint paper (from "Staples") were placed on the plastic to soak up = 
spills=20 and droplets. 


From left = to right:=20 a mag stirrer plus 41 beaker, a heater, a vacuum jar plus gauge (the vac = pump is=20 
below the table), and a dual power supply. On top of the supply is a = cheap=20 powered HEPA filter that I was 
hoping would gather local airborne = contaminants,=20 and contain them. Finally, to the right, is the plating rig. It 
both = vibrates=20 AND rotates the anode. There was some doubt about the viability of = rotation as a=20 
methodology, but I am convinced that it works, and works=20 well. 


The grey = box at the=20 edge of the table is the heater controller. The next batch of pictures = will=20 include 
pics of both anode 1 and anode 2 plating sessions. The = difference=20 between the two is primarily the bath size... 
for anode two, I went with = the 6.5=20 liter bath. Anode 1 used a 2.5 liter, cheap plastic container that I was = 
not=20 happy with, but it had a good shape. There were important chemical = differences=20 as well, which I will 
describe as we proceed = along. 


The first = step was=20 to prep the MMO anode. I began by simply immersing it in a beaker full = of=20 acetone, 
and allowing it to soak for perhaps an hour, with occasional = agitation.=20 While soaking, I also prepared another 
beaker full of distilled water, = and added=20 to the beaker approximately 2 ml of Triton X-100, a powerful 
surfactant. = The=20 Triton has a viscosity about like that of heavy molasses, but disperses = well and=20 easily. 
This beaker went on the heater to heat up to 70 degrees.=20 


Once = heated, the=20 Triton plus water mix became milky and a bit opaque.=20 


While the = anode was=20 soaking, I filled the 4 liter beaker with 2.5 liters of distilled water, = and on=20 the 
magnetic stirrer, began to add the chemicals. The "recipe" I used = was a=20 carefully thought-out mixture from a 
number of patents. = 


In the = background is=20 a 2.5 liter FEP bottle of concentrated nitric acid, the last chemical to = add to=20 the 
bath. The plating bath (2.5 liter, anode #1) consisted of the=20 following: 


¢ Compound &nbs= p; =; = &= nbsp;=20 gm/1 
¢ Lead=20 Nitrate =96 Pb(NO3)2 &nbs= p; =; =20 375=20 


Nitric=20 Acid =96 HNO3 &nbs= p; =; = =20 10=20 


¢ Bismuth=20 Nitrate - Bi(NO3)3.5H20 &nbs= p; =20 20=20 

¢ Copper=20 Nitrate - Cu(NO3)2.3H20 &nbs= p; =20 14=20 

¢ Nickel=20 Nitrate Ni(NO3)2.6H20 &nbs= p; =20 10=20 

¢ Sodium Fluoride = (NaF) &nbs= p; =; =20 0.5=20 

¢ Surfactant =96 Triton = X-100 &nbs= p; =; = =20 0.5 


I started = with the=20 less toxic and more easily dissolved salts: The copper nitrate and = nickel=20 nitrate. There 
is some controversy on the use of nickel nitrate. Older = patents=20 make use of it as a grain-refiner, and anything 
that refines grain = (finer,=20 denser lead dioxide) is desirable to me. I decided to try it. Use = caution:=20 Nickel 
Nitrate is both toxic AND a suspected carcinogen. After the lead = nitrate,=20 it is probably the most noxious of 
the chemicals. 


The Copper = Nitrate=20 is not required if using copper cathode(s), but in my case, I decided to = use a=20 CP 
(Commercially Pure) Titanium tube, so into the bath went 35 grams of = Copper=20 Nitrate. These small cups = 
are=20 typical plastic bathroom cups, and are extremely handy for weighing=20 chemicals. Simply place = the cup 
on=20 the scale, push the =93Zero=94 or Tare button, and add the chemical of=20 interest. 


The water = in the=20 four liter beaker had already been heated to about 80 degrees C on the = hot plate=20 to 
ease in the mixing of the chemicals. For the second bath, which was = 6.5=20 liters, this process had to be done 
twice... the first 3 liters were = loaded with=20 all of the chems except the lead nitrate, and added to the 
polypropylene = tank.=20 The beaker was refilled with an additional 3.5 liters of distilled = water,=20 heated, and 
used to dissolve the huge amounts of lead nitrate the "big = bath"=20 required. 


Back to = the original=20 bath, the 2.5 liter job... I decided to use Bismuth salts. From my = research, in=20 the 
patents, Bismuth was added to improve the efficiency of the anode in = colder=20 environments; not a player = 
for=20 perchlorate production, but there were some obscure references to it = also being=20 a grain-refiner. Into 
the bath it went. Being completely insoluble in a = neutral=20 solution, all it did was cloud the stirred = electrolyte. 


One of the = last=20 chemicals to be added was the surfactant, 2.5 grams of Triton X-100. = This too is=20 
controversial, because ultimately the acidic environment breaks down the = polyoxyethylene chains; the bath life 
becomes limited as a result, = unless the=20 ruined surfactant is extracted with 1-propanol or similar. I decided to 
= give=20 this first run the very best chance for success, so it too went into the = bath=20 along with the Bi salts. 
With the cloudy mixture being magnetically = stirred, I=20 began to weigh out the lead nitrate on a kilogram scale. 
The various = patents=20 have a range of 200 to 400 grams per liter of lead nitrate. I decided to = start=20 with a 
low concentration of lead nitrate, and this may have been a = mistake. I used 300 g/l rather than 375 = g/l, so=20 
750 grams of lead nitrate was used for the small bath, bath=20 #1. 


Lead = Nitrate is a=20 useful chem beyond plating... it can be used to make nearly any other = nitrate=20 needed 
(such as Barium or Strontium) by simply adding the salt of = interest to=20 the lead nitrate solution. Since nearly 
every other lead salt is = completely=20 insoluble, the newly-formed lead salt precipitates and you can then = 
harvest the=20 aqueous nitrate of interest. 


The lead = nitrate=20 dissolves with ease if the water is hot enough. This is one case where a = combined mag 


stirrer + heater is a good thing to have. Not being blessed = with=20 one of these, I simply heated the solution first, 
then moved it to the = stirrer=20 to dissolve the lead nitrate. 


The final = addition=20 was the nitric acid. In both cases, I added 5ml of stock 70% nitric per = liter to=20 the 
bath. This is definitely on the low end of various recommended acid=20 concentration ranges. Since the process 
itself generates nitric acid, = and excess=20 nitric is fatal to a good plating job, I erred on the side of caution in = 
terms=20 of concentration. 


Lead = Nitrate=20 Added 


With the = bath=20 prepared, it was transferred from the large beaker to the 2.5 liter = plastic=20 container, and the 
immersion heater (encased in copper) was fixed into = the bath=20 and the controller turned on. For both plating 
attempts, I set the = controller=20 for about 65 degrees, and the controller did a fantastic job throughout, = 
maintaining +/- 2 degrees C. 


While the = bath=20 warmed up and stabilized, and the anode continued to soak, I prepared = the=20 cathode. 
Resources state the cathode should be between 1/3 and 1/2 of = the area=20 of the anode. These anodes measured 
approximately 8 cm X 4cm, for a = surface area=20 (as cut) of 32 square cm. The mesh actually has 2.2X this area, 
so the = surface=20 are of the anode was determined to be 75 square cm, counting the shank = portion=20 
immersed in the bath. In my lathe, I took the titanium tubing (1/2" OD) = and=20 scored it every cm, so by 
counting the rings as they immerse, I was able = to=20 determine how much cathodic surface area is presented to 
the anode. = Converting=20 the 1/2" to metric, and doing a bit of math, I calculated roughly 4 cm = squared=20 for 
each cm of immersion. = The cathode=20 carrier was machined from a strip of PVC plastic, and I set it up for = 
three=20 cathode diameters, 0.312", 0.500" and 0.750" 


The = Cathode=20 =93Carrier=94 


The = grooves machined=20 in the plastic carrier allows repositioning of the cathode on the = plastic bath=20 
container, with stability. Once the bath had stabilized at 70 degrees, I = continued with the preparation of the 
anode. It had been soaking in hot = water=20 plus surfactant. I decided to apply vacuum to the beaker to pull any = 
bubbles or=20 voids on and in the MMO away from the=20 surface of the anode. 


The beaker = + anode=20 was set up in the bell jar, and the vacuum applied. The gauge slowly = crept=20 
downward. At this pressure, the water began to boil, so I allowed a bit = of air=20 to creep into the bell jar to cease 


the boiling, yet still continue to = draw off=20 any trapped air. It was left at this pressure for 1/2 hour. Up to this = 
point,=20 both runs (Anode #1 and Anode #2) were identical with three major = differences: 


1. Anode #1, in the 2.5 = liter bath,=20 had added Bismuth salts.=20 
2. Further, Anode #1 had = added=20 surfactant to the bath itself, and=20 
3. The volumes were = greatly=20 different, 2.5 liters vs. 6.5 liters for Anode #2. = 


The anode = was=20 attached to the rotating arm with 316SS hardware, and tightened=20 firmly: 


With = everything=20 completely ready to go, it was time, finally, to apply current. Like so = much=20 else 
associated with this process, suggested currents vary wildly. I = took a=20 number of them and essentially 
averaged the = current. 


e phase =20 Current (A/cm?) &nbs= p;=20 Duration=20 
¢ Initial =20 0.125 &nbs= p; =; =20 15%=20 

e Median =20 0.050 &nbs= p; =; =20 50%=20 

¢ Final =20 0.030 &nbs= p; =; =20 35% 


Note that = NO ACTUAL=20 TIME is specified, mainly because I was unable to truly determine how = long a=20 
plating job should last! I figured I'd keep an eye on the anode in the = initial=20 phase, and when it exhibited 
100% lead dioxide coverage, I'd move on to = the next=20 phase. Before I was even able to apply power, minor 
catastrophe #1 = occurred. I=20 didn't even bother to calculate the required current... for some stupid = reason,=20 


I figured it would be below 3 amps, which is the maximum my smaller lab = supply=20 can do. At 75 cm? and 


0.125 A/ cm, I needed 9.37 = amps! I=20 had two supplies to choose from that were capable of this amperage, 
a=20 lightweight inverter supply, which is 240V, and an 80 pound beast, my = old=20 Sorensen, a 120V supply. 
Since I had no 240V at the plating station, I = dragged=20 the Sorensen over, and ten minutes later I had my 9.37 
amps through the = anode.=20 


I am not = sure if=20 soaking (with no current) of the anode, during this period, was harmful. = Normally, you do 
not want electrodes to soak unpowered in an = electrochemical=20 cell. The rotation was turned on, setting the 
stage (again, I am = referring to=20 anode #1) for a more major catastrophe. I am not a completely stupid = 
engineer...=20 but for some reason, I decided a 0.375" copper round rod would rotate = for days=20 in a simple 
drilled hole in the aluminum anode support arm. Metal on = metal at=20 low RPM... normally not a = problem.=20 


Within = just a few=20 minutes, I heard a bit of squalling from the rotating shaft. I added a couple of drops of = 
oil, and=20 soldiered on. The anode support arm has both rotational and vibrational=20 capabilities. The vibrator is 
nothing more than a Pittmann motor mounted = to the=20 boom arm, and a variable brass weight attached to the 


output shaft. By = varying=20 the voltage to the vibrator, I could go from only a barely perceptible = shaking,=20 
to a vibration so severe that the bath contents were being ejected from = the=20 container! THAT would not be 
good with this toxic bath. Here is a test = with=20 water from a previous day: 


The = purpose behind=20 rotation and vibration was primarily to create an even coating; = secondarily, it=20 was 
hoped that the rotational and vibratory movement would eject formed = pinhead=20 bubbles. 


I dialed = the=20 vibration down, set the rotation very slow, and waited... and watched. = The anode=20 darkened 
almost instantly, with the lead dioxide being flashed on. I ran = anode=20 #1 at the initial stage for = 
approximately 1 hour. Then, I began to dial the current down to the = median=20 stage. In all stages of the project, 
the power supply was run in CC = (Constant=20 Current) mode. Interestingly, I was able to easily control the nitric 
= acid=20 evolution (a very important function) using a pH meter and PbO, or = litharge. The=20 pH of the initial 
bath in both cases was 0.5. Within an hour, due to = evolved=20 nitric acid, it had dropped to below 0.0, into the 
negative range. Most = meters=20 and probes have a difficult time dealing with such a low pH, but my = meter 
and=20 probe seemed to work fine. 


Patent = (and other)=20 sources suggested 10 grams of litharge per liter, per hour of operation, = to=20 control 


pH and replenish Pb*? ions. A bit of experimentation = on the=20 fly showed this number to be fairly accurate. 
Approx 1/2 teaspoon of = litharge=20 every hour or so would bring the pH back up to 0.5, and that is where I = 
tried to=20 keep it. Lead Carbonate worked in much the same manner, with the bonus = feature=20 of a sizzle of 
CO2 gas as the carbonate hits the acidic bath, but = litharge is=20 cheaper and more convenient. 


Some sort = of=20 stirring or agitation is necessary during litharge additions. I used a = PTFE rod=20 as a stirrer. 
Future setups will definitely use some sort of motorized = stirrer.=20 I strongly believe that powerful agitation is 
helpful in this process, = given=20 that the more industrialized setups not only stir or agitate, they recirculate. 


About = three hours=20 into plating Anode #1, the copper rotation shaft seized with the = aluminum boom=20 arm. 
The gear-motor that powers the rotation of the shaft pulled the = belt right=20 off the toothed timing pulley used on 
the Cu shaft. The only way to free = the=20 system once more was to manipulate it with quite a bit of oil, some of 
= which=20 definitely drained down the shaft, polluting the bath. With the entire=20 rotational rig suspect, I pulled 
the plug at the 7 hour point; = otherwise, I=20 would have let it run overnight. 


The = result: Anode #1 is quite ugly, and I = doubt that=20 it will be functional. The plating is rough and scaly. 
The lead dioxide = that=20 plated onto the pure CP Ti shank rubbed right off, probably due to the = oil=20 
dribbling down the shaft. LD on other parts of anode #1 seemed fragile. = To say I=20 was unhappy was not an 
exaggeration. 


I had one = more free=20 day to make another attempt... Waking up early, I tore down the boom arm = on the=20 
plating gantry, and machined some PET plastic bushings for the rotating = shaft.=20 The 6.5 liter bath was 
prepared with the exceptions I mentioned... no = Bismuth,=20 and no surfactant in the bath = itself-=20 Two other 
major = differences - I=20 boiled anode #2 in a fairly heavy solution of surfactant, approximately = 5 grams=20 
per liter, and from there, it went directly into the plating bath with = no=20 rinsing; thus, the initial plating was 
onto a surfactant-slick MMO=20 surface. 


The second = difference was in the spacing of the anode to the cathode. I probably = tripled=20 it... being farther 
away, and as a simple tubular form, the cathode = becomes more=20 of a point source with added distance. With 
good bearings in the boom = arm, I was=20 able to plate overnight. 


The=20 Results: My goal was to close off the = mesh with=20 lead dioxide. I didn't = quite make=20 it, but I am 
happy with the quality of the plating. It is heavy, and so = far,=20 quite strong, shrugging off normal handling, 
whereas anode 1 is flaky. = Since I=20 have no basis for comparison, I am going to claim that yes indeed, it = has 
that=20 oft-mentioned "ceramic-like" surface from the dozens of patents I have=20 read. 


Anode #2, = still=20 wet 


Compare = this heavy=20 surface with that of Anode #1, from the 2.5 liter bath with added = Bismuth and=20 
excess surfactant: 


Anode=20 #1 


Regarding = Anode=20 #2: The odd blobs on the = edge are=20 even and strong. I don't think there is any way to 
make a mesh lead = dioxide=20 anode that doesn't have a slew of warts, and is generally ugly, but a = strong,=20 
even grain is what is needed. I think=20 that I may have succeeded with this one, but only testing and time will=20 
determine the truth of this. Remembering that these are actually small = test=20 anodes, their specs: MMO Mesh: 
8.0 X 3.5 cm, 14.33 grams Anode #1: = Little change=20 dimensionally; 27.17 grams PbO» deposited Anode #2: 


9.0 X 4.7 = cm,=20 182.78 grams PbO, deposited. 


Assuming = anode 2=20 works, I believe the following attributes were important to the=20 success: 


=B7 =20 Thorough = prep, to=20 include boiling in a polyoxyethylene surfactant 

=B7 =20 A bath = including=20 lead, copper, and nickel nitrates, plus NaF 

=B7 =20 Lead = Nitrate=20 concentration high, >350 g/l 

=B7 =20 Introduction of=20 anode strongly wetted with surfactant directly to the bath with no=20 rinsing 
=B7 =20 Lengthy = hi-amperage=20 session to deposit strong alpha PbO2 


=B7 =20 Small Ti = cathode,=20 spacing 5" or greater 


=B7 =20 Large, = chemically=20 stable bath 


Next on = the list is=20 an analysis of the bath remnants, check of Pb*? ion = concentration,=20 filtration, and an 
attempt to continue plating with the "used" bath, = assuming=20 ion concentration is acceptable. This anode took 
on 182 grams of=20 PbO,, or 0.76 moles of lead. The 6.5 liter bath started with = 6.95=20 moles of Pb in solution, 


so the anode "took up" 10.9% of the lead. I did = not=20 track litharge addition. A guess would be 200 grams, or 
an addition of = 0.90=20 moles of Pb, so the lead concentration of the bath should be fairly = close to=20 start. 


Pb = concentration is=20 easy to check... take a sample of the bath, precipitate the lead ions = with NaCl=20 or 
MgSO4, and weigh the dried precipitate. Calculate the molar amount in = the=20 sample, and extrapolate. 
Historically, "used" baths don't plate as well = as=20 freshly-prepared baths, and I'm not sure why. It would be 
well worth=20 investigating, given the cost of the chemicals, and the need to keep = lead=20 sequestered, safe, and 
not part of our local environment. You simply = don't pour=20 lead salts down the drain! If you experiment with 
lead, do so = responsibly; be=20 adult. One of the goals was to plate enough lead dioxide to actually = "close" 
the=20 MMO mesh. In retrospect, I'm not sure this is necessary. It will require = 275+=20 grams of PbO>, and a 


plating duration of at least 24 to 36 = hours, on=20 a small 8 X 4 cm anode. An odd part of me prefers an 
aesthetically = pleasing=20 appearance for my anodes. I'd love to find a Ti rod, MMO coated, to = plate with=20 
PbO >... this will definitely make a more attractive anode, = and=20 importantly, it will be strong. 


One of the = future=20 goals is a simple and relatively small "one-pot, one shot" plating = process using=20 a very 
basic bath with a SS wire "cage" cathode. I believe (again, = always=20 assuming that these anodes perform) that 
the anode prep was perhaps the = most=20 important aspect to the plating, along with, in the case of #2, a large, = 
chemically stable bath. = Following=20 closely behind the anode preparation is an aggressive control of nitric = 
acid=20 evolution. 


Some photomicrographs of Anode #2: 


The = surface has a=20 porosity under the microscope that indicates it will have a high and = hopefully=20 
effective surface area. =20 


Conclusion: While not a trivial prospect, = home=20 plating of PbO, is possible. =20 I would not use such an 


anode for anything except the = electrochemical=20 production of perchlorates, and not the creation of chlorates, 
which is = easily=20 done with relatively inexpensive MMO (Mixed Metal Oxide)=20 anodes. 


For = significant=20 discussions of this process, as well as the production of chlorates and=20 perchlorates, one of 
the better online sources is the Science Madness = Discussion=20 Board, http://www.sciencem= 
adness.org/talk/index.php; look in the = =93Technochemistry=94=20 section. I will hopefully = see you=20 
there! 


LEAD DIOXIDE ANODE 


The lead dioxide anode is an electrode of massive lead dioxide in an extremely hard and dense form. It is 
produced by electrodeposition on a suitable base material from an aqueous lead salt bath. This form of lead dioxide 
is of increasing interest as an inert anode in electrochemical processes. Its many favorable properties make it a 
promising substitute for the platinum anode. 

Other forms of lead dioxide, such as thin flash coatings which may be fanned on lead anodes in sodium 
hydroxide solution, or the pasted lead dioxide anodes of the lead storage battery, are not included in this discussion. 


Background 


Platinum has long been the favored anode material for electrochemical processes because of its high oxygen 
overvoltage and low erosion and dissolution rates. However, platinum requires a large capital investment, and its 
anodic losses, while small in volume, may be significant in dollar value. Also, with rising requirements for 
platinum in the United States in the period after World War II, it was felt that the supply might not be adequate in 
times of national emergency. Therefore, interest in other inert and high current efficiency anode materials was 
aroused. 

The production of sodium perchlorate by the electrolysis of a concentrated sodium chlorate solution is of 
particular interest and importance in relation to this need for inert anode material. In the period of 1951-1954, 
Pennsalt Chemicals Corporation under a research contract from the Office of Naval Research explored alternate 
anodes to replace platinum in the electrolytic oxidation of sodium chlorate to perchlorate. A lead dioxide anode 
made by electrodeposition of lead dioxide from a lead nitrate bath on tantalum and nickel metal cores was 
developed. Based on this research effort, American Potash and Chemical Corporation (Western Electrochemical 
Company) carried out a development study under a Navy Bureau of Ordnance contract during 1954-1956. A pilot 
plant cell was designed, constructed, and successfully operated for the conversion of sodium chlorate to perchlorate 
in which lead dioxide anodes were used. In 1962, Pacific Engineering and Production Company of Nevada was 
reported to be producing lead dioxide anodes commercially and using them in electrolytic cells for the production 
of sodium perchlorate. 

The technical literature shows a strong, continuing interest, beginning about 1934, in lead dioxide anodes and 
their use in electrochemical oxidations. Recent work has been concentrated on improvements in the process for 
electro-depositing lead dioxide and on means for increasing the anode current efficiency in process use. 


Forming Lead Dioxide Anodes 


Several types of baths from which lead dioxide may be plated have been proposed, icluding those based on 
alkaline lead tartrate, neutral lead perchlorate, and acid lead nitrate. The lead nitrate bath is preferred, since it may 
readily, be controlled over long plating periods and gives a high-quality deposit over a relatively wide range of 
operating conditions. A typical bath composition is: 


Lead nitrate, Pb(NO3)2 250-350 gpl 
Copper nitrate, Cu(-NO3)2'H,O 1.5-4.0 gpl 
*Surface-active agent 0.5-2.0 gpl 


* Preferably a nonionic of the class of alky1 phenoxy polyoxyethylene ethanol, as for example"Igepal CO-880" 
(Trademark General Dye Corporation). 


The addition of copper nitrate serves to suppress lead deposition on the cathode, which may be carbon, graphite, 
or copper. A suitable surface-active agent ensures deposition of lead dioxide of high strength, density, and surface 
smoothness. Other additives, such as nickel nitrate and sodium fluoride, also have been proposed. Periodic 
additions of 35 per cent hydrogen peroxide are claimed to aid in maintaining anode plating efficiency above 85 
percent. Regeneration of the plating bath to maintain production of high-quality lead dioxide deposits has also been 
effected by additions of n-amyl alcohol to used cell effluent. The n-amyl alcohol removes residual surface-active 
agents, and its altered products in a separated liquid layer which is decanted. A fresh amount of surface-active 
agent is then added to the regenerated plating solution. 

Initial bath pH is about 3.5 and during anodic lead dioxide plating the pH is usually controlled in the range of 2 
to 4 by the frequent addition of lead oxide. Strong, dense deposits of lead dioxide in thicknesses of 2.5 cm or more 


have been obtained by operating the bath at an anode currrent density of 0.016 to 0.032 amp/sq cm (15 to 30 
amp/sq ft) and a temperature of 70'C. Impurities in the bath, such as iron or cobalt compounds, can drastically 
reduce the strength, density, and surface smoothness of lead dioxide deposits. 

Lead dioxide deposits on iron or steel base surfaces are difficult to form in the acid nitrate bath because of 
dissolution of the base. This dissolution effect may be minimized by maintaining a bath pH of 4 or above. With 
careful control of the bath at 2 to 4 pH, nickel is a satisfactorv anode base. Anode bases which are essentially 
independent of bath acidity are tantalum, platinum-clad tantalum, carbon, and graphite. Tantalum metal as a plating 
base has the further advantage that in subsequent electrolytic use of the lead dioxide anode the tantalum rapidly 
polarizes and then acts as an inert, noneroding filler. Other metal bases, such as nickel and steel, are gradually 
dissolved during electrolytic use of the lead dioxide anode. 

Nodular-free deposits are most easily formed on wire or rod-form cores or bases. Where flat, rectangular anodes 
are desired, deposits may be formed on both sides of screen or expanded metal mesh. In this case, inert, 
nonconducting baffles closely spaced about the anode edges permit formation of nodular-free deposits within close 
dimensional tolerances. 


Properties 


Two modifications of lead dioxide have been reported, the orthorhombic alpha-PbO, and the tetragonal beta- 
PbO,. The massive form electrodeposited from the lead nitrate bath is beta-PbO, which has a higher oxygen 
overvoltage than the alpa-PbO. This oxygen overvoltage is comparable to that of platinum. When dried at 80 to 
90'C the water content is about 0.2 per cent. With a resistivity as low as 40 X 10- ohm-cm, the dense lead dioxide 
is a better electrical conductor than many metals and a much better conductor than carbon or graphite. Chemically 
it is inert to most oxidizing agents and resistant to many strong acids. While massive, electrodeposited lead dioxide 
is rather brittle, it has adequate strength for ordinary handling when plated in rod or plate form to thicknesses of 0.5 
cm or greater. It is extremely hard, dense, and metallic in appearance with a gray to black coloration. 


Current Contacts 


For successful use of the lead dioxide anode, a durable, low-resistance current contact must be made. When a 
conventional clamp-type current contact of copper or other usual conductor metal is made directly to the lead 
dioxide, a high contact resistance and local heating results. This high contact resistance is also observed when 
current contact is made to the core when this is a metal, such as nickel, iron, or steel. However, when a thin spray 
coating, 0.002 cm or less in thickness, of a noble metal such as silver is first applied to the top of the lead dioxide 
anode, an extremely low-resistance current contact may be made by any of the usual means. Preferably, the thin 
silver coating is protected by a further spraying with a heavy layer of copper to form a jacket about the top end of 
the anode. Where the lead dioxide is plated on a carbon or graphite core, the same unplated top portion of the core 
may be successfully utilized as current contact in both the electrodeposition of the lead dioxide and in the 
subsequent eleettochemical use of the lead dioxide anode. 


Applications 


Lead dioxide has been proposed as an insoluble anode for the electrolysis of aqueous solutions containing such 
anions as Cl-, Br-, l-, F-, CIO-, CIO04-, CIO3-, SO4-, NO3-, CO3-, and C2H302-. Lead dioxide has been used in 
sodium chloride electrolysis for chlorine production, where it is reported to have a low chlorine overvoltage. Also, 
it is claimed to be efficient in very dilute hvdrochloric acid, allowing chlorine formation at almost reversible 
potential. Lead dioxide, however, is attacked by concentrated hydrochloric acid. In the oxidation of iodic acid, 
HIO3 to periodic acid, HIO4, with an anode of lead dioxide, the current efficiency is 100 percent as compared to 
onlv 1 percent at smooth platinum. This is an example of the catalytic activity of the anode. The electrolytic 
oxidation of starch has also been carried out at a lead dioxide anode. A perchloric acid power cell from which high 
currents may be drawn at temperatures as low as -20'C has positive plates of- lead dioxide plated on an inert 
conducting grid, such as palladium. The negative plates of this cell are lead metal, and the electrolyte is aqueous 
perchloric acid. 

Greatest interest for lead dioxide anode use has been in cells for electrochemical oxidation of sodium chlorate to 
perchlorate. Perchlorate cells using lead dioxide anodes are very similar in structural details and operating 
conditions to those using platinum anodes. One striking difference is that whereas in the platinum-anode cell, 0.5 to 
5 gpl of sodium dichromate is added to improve current efficiency, in the lead dioxide-anode cell presence of 
chromate reduces current efficiency. As a result, the mild steel cathodes in the platinum-anode cell which are 


protected by the chromate ion are replaced bystainless steel or nickel in the chromate-free lead dioxide cell. The 
most effective additives for improving current efficiency in the lead dioxide- anode cell are sodium fluoride and 
potassium persulfate used at concentrations of 0.5 to 2.5 gpl. Other typical cell operating conditions are: 


Sodium chlorate 500-600 gpl 
Anode current density ||0.16-0.32 amp/sq cm (150-300 amp/sq ft) 


Voltage 5-6.5 
Temperature 25-40C 
pH (adjusted with HCI)|/6.0-6.8 


Cumulative current efficiency with suitable additive approaches that obtained with the platinum anode, being 80 
percent or better down to a chlorate concentration of 100 gpl. Below this concentration current efficiency drops 
rapidly with both platinum and lead dioxide anodes. 

Although judgment must be made on a rather limited experience to date beyond the laboratorn stage, 
electrodeposited lead dioxide shows promise of development to a high efficiency as an inert and insoluble anode of 
long, indefinite life in electrochemical processes. 
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THE SYSTEM LITHIUM CHLORATE - LITHIUM CHLORIDE -— 
WATER AT VARIOUS TEMPERATURES! 


By A. N. CAMPBELL AND J. E. Grirritus? 


ABSTRACT 


The equilibrium diagram of the system lithium chlorate - water has been 
determined at all temperatures and that of the system lithium chlorate —- lithium 
chloride — water at the temperatures 3.0°, 6.0°, 8.5°, and 25.0° C. 

Lithium chlorate forms three hydrates having the formulae: 

(i) (LiCiO;),.H2O—stable in contact with solution from 20.5° to 42.0° C. 
(ti) LiClO;.H2zO0—stable in contact with solution from --0.1° to 20.5°C. 

(tii) LiClO3.8 HyO—melts congruently at 8.4°C. 

Hydrate (i) was discovered by Berg but he gave to it the formula (LiCIO,;)3.H,0. 

Lithium chlorate and lithium chloride form no double salts at the tempera- 
tures of investigation. 

Lithium chlorate exists in two enantiotropic forms, namely the a and the 8 
forms. The transition, «<> 8, takes place at 99.8° C. and the a form has the lower 
density. The y form, proposed by, Kraus and Burgess, does not exist either stably 
or metastably. The X-ray diffraction pattern of 8-LiCIO; has been obtained. 


The question of the number and nature of the hydrates of lithium chlorate, 
after passing through the usual period of ill-founded claims, was attacked in 
a systematic manner by Kraus and Burgess (5) and by Berg (1), in the period 
1926 to 1929. Almost all of the experimental data of these researches are in 
good agreement but the authors differ, in some respects, regarding their 
interpretation. Kraus and Burgess claim the existence of three anhydrous 
modifications, of a trihydrate, and of a monohydrate. Berg claims only two 
anhydrous modifications and three hydrates, viz. a hydrate with } mole water 
per mole of salt, a monohydrate, and a trihydrate. In short, the two investi- 
gators differ in that Kraus and Burgess claim the existence of a y-anhydrous 
form, between 22° and 44° C., where Berg claims a hydrate with } mole water; 
in other respects they agree. 

In order to decide the conflicting interpretation given above, as well as to 
verify the formulae of all hydrates, we decided to add a third ion to the binary 
system LiClO;-H.O, and to investigate the system LiClO,—-LiCI-H.O, at 
various temperatures. Under these circumstances, the Schreinemakers’ “wet 
rest’? method determines the composition of all hydrates without ambiguity. 
In addition, we thought it well to repeat part of the worl: of Kraus and Burgess 
and of Berg, on the binary system. We have also made attempts, more or less 
successful, to obtain X-ray diffraction patterns of the phases in dispute. 
Finally, we attempted to determine transition temperatures with the dilato- 
meter since this is the most delicate method of determining transition tempera- 
tures, but here again we were not entirely successful because of obstinate 
metastability. 

Manuscript received June 7, 1956, 
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Lithium chlorate was prepared by a method which is essentially that of 
Potilitzin (6) and of Kraus (5), viz. double decomposition between barium 
chlorate and lithium sulphate, but the final dehydration to anhydrous salt 
is a modification of our own. The suppliers’ analyses, both of lithium sulphate 
and of barium chlorate, showed that these salts were very pure; as the method 
of preparation of the anhydrous salt does not permit recrystallization this is a 
necessity, as is also the use of exact stoichiometric quantities. 

A 1 molar solution of barium chlorate was heated to about 85° C., and a 1 
molar lithium sulphate solution was added slowly to this with a dropping 
funnel until equivalence was reached. The precipitated barium sulphate was 
removed by repeated filtration. To ensure equivalence of lithium and chlorate 
ions, the resulting solution was titrated with dilute solutions of barium chlorate 
and lithium sulphate. 

The solution was evaporated slowly, the temperature being kept below 
85° C., up to an approximate concentration of 50% lithium chlorate. The 
filtered solution was transferred to a 250 ml. Claissen flask and dehydration 
was carried out under a reduced pressure of less than 5 mm. mercury, the 
distillate being absorbed in concentrated sulphuric acid. The temperature was 
kept below 85° C., since decomposition begins at this temperature in concen- 
trated solutions. The result of this procedure was a solution containing about 
90% lithium chlorate. 

On the cooling of the solution to room temperature, the salt crystallized; 
it was placed under vacuum over phosphorus pentoxide. After about a month, 
the water content had been reduced to about one per cent. To remove the last 
trace of water, the salt was placed in a vacuum furnace, over phosphorus 
pentoxide, and kept at a temperature of 80°C. After several months, no 
further change was found in the melting point of the salt. 

None of the textbook methods for the analysis of lithium chlorate is 
entirely satisfactory, so we worked out the following method: A weighed 
sample of lithium chlorate is made up to a volume of 250 ml. A 10, 20, or 25 ml. 
aliquot is transferred to a 250 ml. iodine flask. To this is added 40 ml. concen- 
trated orthophosphoric acid, followed by the addition of about 0.1 gm. sodium 
carbonate, to exclude air from the flask. Approximately 25 ml. of iodate-free 
potassium iodide solution (0.2 gm./ml.) is added and the stoppered flask 
allowed to stand at room temperature for 60 to 70 min. The free iodine is 
titrated with sodium thiosulphate. Standardization of the method with pure 
sodium chlorate indicated an accuracy of +0.4%. 

The chloride content of solutions containing appreciable amounts of chloride 
was determined volumetrically with silver nitrate solution, using an alcoholic 
solution of sodium dichlorofluoresceinate as indicator (4). For solutions con- 
taining less than five per cent chloride the standard gravimetric method was 
used. 

Solubility determinations were made in the usual way. For temperatures 
below room temperature a cooled and controlled thermostat was used. 
Temperature control was good to +0.05° C. throughout this research 


CAMPBELL AND GRIFFITHS: LiCLO;-LiCLt-H:0 SYSTEM 1649 


Thermal analysis was used only for the ice curve, the binary eutectics, and 
a< @ transition. After a break had occurred on the cooling curve, a sample 
of the equilibrium mother liquor was removed for analysis. Temperature was 
measured with an iron—constantan thermocouple and a good potentiometer. 

The technique of X-ray diffraction measurements is now standard but, in 
the case of anhydrous lithium chlorate, measurements were rendered difficult 
by the very hygroscopic nature of the substance (it is comparable with that 
of phosphorus pentoxide). A sample of the anhydrous salt was ground to a fine 
powder and then returned to the vacuum desiccator and redried for several 
days. Following this, a very fine and thin-walled capillary tube (outside 
diameter 0.5 mm. and inside diameter 0.3 mm.) was filled with the sample and 
immediately sealed at both ends. The intensities of the lines were estimated 
visually. Powder photographs were taken of a sample that had been in a 
vacuum desiccator at room temperature for seven months and which we 
therefore considered to be the form stable at room temperature. A quantity 
of the same substance was then placed in another vacuum desiccator, held 
at 80° C. for a week, and then photographed: the results obtained were the 
same as for the unheated sample. 

By means of a high temperature X-ray camera, we were able to take X-ray 
patterns at 115-+5° C. We supposed that, at this temperature, the anhydrous 
lithium chlorate would have transformed to a different allotrope which would 
exhibit a different pattern. The result was disappointing; as far as could be 
judged, the pattern was the same as that at room temperature but the weaker 
lines of the room temperature picture had vanished and the few lines which did 
appear were quite broad. This is what would be expected if the lattice structure 
were the same. The atoms of the lattice would have increased thermal vibration 
at the higher temperature. A sample of the anhydrous lithium chlorate was 
sent to the National Research Council at Ottawa for further X-ray study. 
The work was carried out by Dr. L. D. Calvert, who was able to obtain dif- 
fraction patterns of the 8 form up to the melting point of the salt. Dr. Calvert 
was unable to detect any change in lattice structure corresponding to the 
change from the 8 to the @ form, but his apparatus was not susceptible of 
close temperature control. At higher temperatures, however, he was able to 
evacuate his camera and this reduces the absorption of X rays by the air. 
The capillaries used in his work had a wall thickness of 0.007 mm. 

The dilatometric work was carried out much in the usual manner, The bulb 
of the dilatometer had a stoppered side-tube to facilitate filling. The dilato- 
meter was filled in a dry-box. About 100 gm. of anhydrous lithium chlorate, 
which had been dried for five months, was used to fill the bulb to about three- 
fourths capacity. The indicator liquid was p-xylene which had been dried over 
sodium for three days. The bulb of the dilatometer was placed in a thermostat 
whose temperature was constant to +0.1°C. The temperature was raised 
one degree every 24 hr., but in the range 35° to 50° C., where Kraus and 
Burgess have claimed an allotropic transformation (5), the rate of increase was 
reduced to 0.5° per 24 hr. No break occurred on the curve of capillary height 
versus temperature, up to 106° C., with rising temperature. Since it was still 
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possible that a very slow transition had been overlooked, the temperature was 
kept at 60° C. for a week but there was still no indication of an y > 8 transi- 
tion. At higher temperatures an @— 8 transition occurred and this was 
reversible. The formation of the @ modification from the 8 modification is 
accompanied by a marked expansion but the change, in both directions, 
showed marked hysteresis. 


THE SYSTEM LITHIUM CHLORATE - WATER 


Since the part of the diagram where ice and solution were in equilibrium 
was of little interest, this was outlined by the method of thermal analysis. 
The compositions of the solutions in equilibrium with ice at various tempera- 
tures were determined by chemical analysis. With the exception of a few fixed 
points the rest of the equilibrium diagram was investigated by isothermal 
solubility determinations. The solubilities covered the range of composition 


735 


50;- 


TEMPERATURE [(°C} 


- 25+ 
f itt 

-50)- 7 4 ; i 

LiClOx3 #0 LiClO HO (LiClO HO | 
: : : | 
: : thes. ‘ ‘ : 1 iS t 
co) 10 20 30 40 50 60 70 80 90 100 
WEIGHT % LiClO 

HoO Liclog 


Fic. t. System LiClO;-H;,0. 


CAMPBELL AND GRIFFITHS: LiCLOrLiC1-H20 SYSTEM 1651 


from 45.8 to 95.5 weight per cent lithium chlorate. The upper temperature 
reached was 98.9°C. The determinations were discontinued at this point 
because the change of solubility per degree rise in temperature had become 
less than the accuracy of the analysis. 

The stable and metastable binary eutectics were determined by thermal 
analysis in the usual way. The thermal analysis of the anhydrous salt was 
conducted in an evacuated vessel, with a copper—constantan thermocouple 
and a Minneapolis-Honeywell recording potentiometer. The temperature was 
raised slowly to a temperature above the melting point and the melt then 
allowed to cool slowly. The experiment was repeated many times in the vicinity 
of 40° C., because of the 8 @ ¥ transition which is said to occur there. 


EXPERIMENTAL RESULTS 


The solubility relations and the results of thermal analyses are reported in 
Table I, together with the method used to arrive at them. The equilibrium 
diagram is shown in Fig. 1. The broken lines indicate solubility curves in the 
metastable region. A broken vertical line represents the composition of a 
hydrate. Since the solubility of lithium chlorate in water was not determined 
at temperatures above 98.9° C., the part of the solubility curve representing 
e-lithium chlorate in equilibrium with solution from 98.9°C. to 127.5° has 
been drawn in as a broken line. 


TABLE I 
‘THe system LiCLO;-H.O0 


Wt. % Wt. % Temperature 
LiClO; HO Method (oxen) Nature of the solid phases 
1 — 100.0 Thermal analysis 0.0 Ice 
2 10.4 89.6 e — 6.5 ie 
3 20.0 80.0 “ ~14,2 ot 
4 29.2 70.8 a —26.2 as 
5 30.2 69.8 oe — 28.6 
6 36.0 64.0 ee — 40.4 " 
7 37.3 62.7 a —43.3 Ice-LiClO;.31,0 
(eutectic) 
8 45.8 54.2 Solubility —16.9 LiClO;.3H,0 
9 52.8 47.2 ie ~- 1.5 ie 
10 56.7 43.3 ay 0 “ 
11 57.9 42.1 a 2 a 
12 58.7 41.3 s 0 us 
13 60.8 39,2 a I i 
If 681 31.9 “ 0 “ 
15 70.8 29.2 us 0 te . 
16 73.1 26.9 ‘Thermal analysis - 0.1 LiClO3.8H.O-LiCIO;3.H.O0 


SHAME SWAMH SWADBAUHS 


(eutectic) 
17 73.6 26.4 Solubility 0 LiClO3.H.O 
18 74.2 25.8 iS 6 a 
19 74.1 25.9 u .0 “ 
20 75.1 24.9 bad 9) a : 
21 75,7 24,3 “ 10.5 vt 
22 77.5 22.5 ve 14.0 ut 
23 78.0 + 22.0 a 15.0 ee 
24 78.5 21.5 ts 16.0 a 
25 79.3 20.7 a 18.0 et 
26 81.9 18.1 as 20.5 LiClO;.H2O-(LiC103)4.H20 


(peritectic) 
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TABLE I (concluded) 


Wt % Wt. % Temperature 
LiClO; H:0 Method CoC) Nature of the solid phases 

27 82.0 18.0 Solubility 21.5 (LiC103)4.H2O0 

28 82.6 17.4 us 25.0 ei 

29 83.4 16.6 ie 30.2 ut 

30 83.6 16.4 re 32.6 de 

31 85.2 14.8 38.5 a 

32 78.7 21.3 Thermal analysis —10.5 LiClO;.3H2O-(LiC103),.H20 
(eutectic) 

33 82.7 17.3 “ —25.0 LiClO3.3H2O0-6-LiClO3; 
(eutectic) 

34 86.7 13.3 Solubility 44.2 B-LiClOs 

35 87.2 12.8 si 47.9 a 

36 87.8 12.2 “ 54.0 ee 

37 89.5 10.5 uf 63.2 ue 

38 91.0 9.0 ae 72.8 oe 

39 92.4 7.6 ‘ 81.7 # 

40 93.7 6.3 ee 86.2 rf 

41 93.8 6.2 e 90.7 i 

42 94.8 5.2 “ 94.2 iA 

43 95.5 4.5 a 97.5 “f 

44 95.9 4.1 “ 98.9 3 

45 100.0 0.0 Thermal analysis 127.5 a-LiClOs; 


Since Calvert's results for the X-ray diffraction pattern of lithium chlorate 
at room temperature are in agreement with ours but his are more extensive, 
we reproduce only Calvert’s results, in Table IT. 

In regard to the dilatometer results, it is sufficient to say that the B- a 
transformation took place at 108° and at 106° in two successive cycles with 
rising temperature, and that the reverse change, a — 8, took place at 80°C. 
and 84.1° C. 

The results of the thermal analysis of the anhydrous salt are contained in 
Table III. 


The System Lithium Chlorate — Lithium Chloride — Water 


It was found that the time of stirring required for the attainment of equili- 
brium varies considerably, depending on the nature of the equilibrium solid 
phase or phases. Because of this uncertainty, equilibrium was always ap- 
proached from two directions. A mixture of appropriate composition was 
divided into equal parts and treated as follows. One part was heated until all 
the solid phase had passed into solution, whereas the other was frozen until 
all the solution had solidified. These two portions were then stirred in tubes 
in the thermostat until the compositions of the liquid phases in each portion 
had become identical. For solutions containing up to 10% lithium chloride, 
the equilibrium stirring time was found to be from two to three days. When 
the solutions were more concentrated in lithium chloride, and particularly when 
the solid phase was the monohydrate or dihydrate of lithium chloride, five 
or six days were necessary for the attainment of equilibrium. 

Solubility isotherms were determined at 3.0°, 6.0°, 8.5°, and 25.0°C., 
employing the Schreinemakers’ method of ‘‘wet residues”’ for the determination 
of the nature of the equilibrium solid phase. 
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TABLE II 


X-RAY DIFFRACTION PATTERN oF §-LICLO;3 (CALVERT) 
, AT ROOM TEMPERATURE 


d (kX) i d(kX) I 
3.91 9.5 1441 4.0 
3.79 10.0 1.428 0.4 
3.42 9.0 1.416 0.5 
2.81 10.0 1.378 1.0 
2.71 8.0 1337 1.4 
2.39 3.0 1331 17 
2.26 3.4 1322 0.7 
2.13 27 1.295 3.0 
2.05 0.9 1.255 0.9 
1.947 Ll 1.236 1.1 
1.879 1.3 1.223 1.0 
1.795 0.9 1.213 1.0 
1.726 11 1.188 1.0 
1.665 3.2 1.153 0.9 
1.629 1.3 1140 04 
1.576 0.9 1.128 0.6 
1.549 Ll 1119 08 
1.539 1.0 1.078 0.7 
1.510 1.1 1.064 0.6 
1.500 2.0 1.060 0.9 
1.469 0.9 1.040 0.9 
1.027 3.5 0.836 11 
1.025 2.6 0.8384 1.0 
0.993 Dy 0.831 2.5 
0.991 0.9 0.829 2.0 
0.985 0.5 0.824 2.1 
0.975 0.5 0.822 1.1 
0.972 0.5 0.818 1.4 
0.969 0.5 0.816 0.4 
0.967 0.5 0.812 0.4 
0.954 1.6 0.807 0.2 
0.933 1.2 0.805 1.7 
0.931 1.0 0.803 15 
0.926 0.2 0.801 4 
0.923 0.3 0.794 1.6 
0.920 0.2 0.792 1.4 
0.901 0.8 0.788 14 
0.898 0.7 0.787 0.6 
0.888 0.6 0.784 0.6 
0.847 1.0 0.782 2.0 
0.844 0.9 0.780 05 
nied ae ee oe 0.841 0.8 0.774 26 
ri a ere 0.839 0.6 


TABLE III 


THERMAL ANALYSIS OF ANHYDROUS SALT 


Rising temperature Falling temperature 
Temperature Temperature 
Transformation CG) Transformation . 
a— Melt 127.4-127.5 Melt -@ 127.4-127.5 
Bo «@ 106.1 a 8 98.2 


Bro «@ 103.6 a —8 99.8 
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Fic. 2. System LiC]O;-LiCI-H.0 at 3.0° C. 
Fic. 3. System LiClO;-LiCI-H,0 at 6.0° C. 
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Fic, 4. System LiClO,-LiCl-H,0 at 8.5°C, 
Fic. 5. System LiClO;s-LiCl-H,0 at 25.0° C. 
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Fic. 6. Enlarged portion of Fig. 5. 


The data for the isothermal ternary studies are given in Tables IV, V, VI, 
and VII and they are reproduced graphically in Figs. 2, 3, 4, and 5, respectively. 
Fig. 6 is an enlargement of the lithium chlorate corner of the 25.0° isotherm. 

As will be seen later, we believe that the peculiar hydrate which is claimed 
by Berg (1) to have the formula (LiCIO3)3.H2O, and which is thought by 
Kraus and Burgess (5) to be an anhydrous y form, really has the formula 
(LiC1O3)4.H»O. As additional evidence of this, a sample of the wet residue 
from Expt. 7, Table V, was submitted to microscopic examination. Comparison 
of these crystals with the photomicrographs of Berg, left no doubt that they 
represent the same solid phase. A photomicrograph of one of these crystals is 
reproduced as Fig. 7. 

Since, in the ternary system, the stable hydrate of lithium chloride was the 
dihydrate at temperatures up to and including 8.5° C. and that stable at 25° 
was the monohydrate, we determined the transition temperature of the reaction 


LiC!.2H:0< LiCl.H,0 + H:0 


by thermal analysis. We found this temperature to be 12.5°+0.1°C., in 
agreement with the value of 12.5°, found by Hiittig and Reuscher (3). 


PLATE | 


Fic. 7. 
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RESULTS 
TABLE IV 


ISOTHERM FOR 3.0+0.05 


Gs 


Solution Wet residue 

Wt. % Wt. % Wt. % Wt. % 
LiClO; Licl LiclO; LiCl 
I 56.7 — — — 
2 55.8 1.3 59.4 0.9 
3 62.2 4.3 62.7 0.7 
4 66.0 2.8 64.5 1.6 
5 68.7 1.5 64.1 0.8 
6 70.8 — 67.0 _ 
7 73.6 _ 80.7 _ 
8 65.6 7.1 78.4 1.9 
9 62.4 9.4 76.2 3.8 
10 58.5 13.1 73.6 5.6 
ll 57.5 13.7 57.1 18.1 
12 44.7 19.9 27.9 38.8 
13 40.9 22.1 15.0 46.0 
14 37.4 23.5 17.8 39.3 
15 23.9 29.1 9.6 44.2 
16 _ 41.0 — 49.3 

TABLE V 
ISOTHERM FOR 6.02-0.05° C. 
Solution Wet residue 

Wt. % Wt. % Wt. % Wt. % 
LiClO; LiCl LiClO; LiCl 
1 58.7 — 61.1 — 
2 58.3 2.5 61.3 0.8 
3 62.7 1.8 62.7 1.0 
4 68.1 — 66.1 —_— 
5 74.1 - 81.4 _ 
6 70.0 2.7 79.5 0.9 
7 69.7 3.4 78.6 1.2 
8 65.8 7.1 79.9 1.9 
9 64.9 7.5 78.8 2.0 
10 62.6 9.6 76.5 3.1 
ll 61.4 10.7 78.0 2.2 
12 60.4 12.3 65.1 15.6 
13 57.5 13.7 16.0 54.3 
14 54.8 15.2 314 38.9 
15 53.9 15.0 26.2 43.5 
16 45.2 20.0 20.0 48.2 
17 38.2 23.7 23.2 42.0 
18 37.2 24.0 19.7 46.0 
19 36.2 24.6 22.2 42.3 
20 35.7 24.9 16.6 44.8 
21 34.1 25.4 20.0 37.8 
22 24.4 29.7 15.5 39.0 
23 23.5 30.0 9.7 45.1 
24 18.3 32.5 7.1 46.0 
25 16.3 33.5 7.1 42.0 
26 _ 41.1 —_ 49.5 


Nature of the 
solid phase 


LiC103.3H2O 


sc 


LiClO;.H:O 


“ 


LiClO3.H20 + LiCl.H,0 


LiCl.H,0 


LiCl.H,0 + LiCl.2H20 


LiCl.2H:0 


“i 


Nature of the 
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TABLE VI 
ISOTHERM FOR 8.5+0.05° C. 


Solution Wet residue 
Wt. % Wt. % Wt. % Wt. % Nature of the 
LiClO; LiCl LiClO; LiCl solid phases 
1 75.0 _ — _ LiClO3.H20 
2 73.4 1.5 77.5 0.9 et 
3 72.0 1.9 80.0 0.8 a 
4 66.1 Tt 79.0 2.0 aan 
5 65.6 8.8 78.3 2.5 as 
6 64.2 11.2 70.7 11.9 LiClO,.H.O + LiCl.H.0 
7 63.5 11.2 73.3 11.2 uf 
8 62.7 11.6 35.1 38.4 e 
9 60.5 12.3 31.9 39.7 LiCl.H,0 
10 50.8 17.4 24.9 44.9 - 
Il 31.3 27.7 18.3 46.3 vs 
12 30.6 27.8 17.8 41.9 LiCl.H.O + LiCl.2H,O 
13 28.2 28.9 12.8 43.4 LiC).2H.O 
14 22.5 32.2 12.2 42.7 ‘Be 
1b 10.4 37.3 6.7 43.7 “ 
16 5.6 39.7 3.8 45.3 i 
17 — 42.7 —_— 50.3 wt 
TABLE VII 
ISOTHERM FOR 25,0-+0.05° C. 
Solution : Wet residue 
Wt. % Wt. % Wt. % Wt. % Nature of the 
LiClO; Licl LiClO; Licl solid phases 
I 82.6 —_ — — (LiC103)4.H2O 
2 78.7 3.3 90.0 1.0 “ 
3 76.4 5.0 89.6 1.6 me 
4 76.1 5.1 86.9 2.1 Ms 
5 75.7 5.6 89.9 15 be 
6 75.8 5.7 87.8 2.3 a 
7 75.9 5.8 90.7 14 i 
8 72.3 9.2 78.8 8.0 (LiC103)4.H2O + LiCl.H,0 
9 71.8 9.2 78.1 10.8 ut 
10 71.6 9.2 37.5 46.7 st 
Il 67.7 10.7 43.1 32.4 LiCl.H,O 
12 41,7 23.3 2a.2 44.4 os 
13 33.8 27.7 13.0 53.8 2 
14 27.0 31.3 10.1 55.7 or 
15 25.5 31.7 11.7 52.5 ae 
16 _ 45.5 = = - 


DISCUSSION OF RESULTS 


Apart from a few slight refinements in temperature and composition, the 
solubility curves in the binary equilibrium diagram, Fig. 1, are essentially 
the same as those previously obtained by Kraus and Burgess (5) and by 
Berg (1). In general, the results of previous workers indicate a lower solubility 
than do our results. 

The trihydrate of lithium chlorate melfts congruently but the equilibrium 
curve is very flat and this makes it difficult to read off the exact melting 
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temperature from the curve. Neither was an attempt to determine the melting 
point by direct experiment successful, since it is difficult to prepare and 
maintain the mixture having the exact composition of the trihydrate. We found, 
experimentally, that the trihydrate exists at 8.1°, while reference to Fig. 4, the 
8.5° isotherm, shows that trihydrate is absent. The flat maximum on the 
equilibrium curve, as well as we could read it, appeared to us to lie at 8.4° C. 
Kraus and Burgess (5) reported 8.0° and Berg (1) from 8.1 to 8.3°. 

The trihydrate participates in four eutectics, two stable ones at —43.3° and 
—0.1° C. respectively, and two metastable at —10.5° and —25° respectively. 
The other solid phases at the eutectics are listed in Table I. 

The solubility curves of the binary system indicate that two different solid 
phases are in equilibrium with solution in the temperature ranges —0.1° to 
20.5° C. and 20.5° to 42.0°, respectively. The ternary isotherms for 3.0°, 6.0°, 
8.5°, and 25.0° show clearly what the phases are. In the lower temperature 
range, the solid phase is the monohydrate of lithium chlorate, as claimed by 
Kraus and Burgess and by Berg. 

The isothermal ternary study at 25.0° proved to be the most instructive, 
since it has refuted the claims both of Kraus and Burgess and of Berg. Fig. 6, 
which is an enlargement of the lithium chlorate corner of the 25° isotherm, 
shows tie lines running consistently into a composition corresponding to the 
hydrate (LiClO3)4.H2O. Since the existence or non-existence of this hydrate is 
important, it is well to say a few words about the attainable experimental 
accuracy in this region. The successful application of the Schreinemakers’ 
method of ‘‘wet residues’’ depends on the accuracy of the chemical analyses 
employed and on the extent to which mother liquor is removed from the 
“‘wet”’ solid phase. At 25°, we never found more than 11% water in this solid 
phase; this could hardly be improved upon, since the dry hydrate itself 
contains 4.7% water. Although the inaccuracy of our chlorate determinations 
may amount to 0.4%, our gravimetric determinations of chloride were much 
better. than this. In Fig. 6, the tie lines joining the compositions of the liquid 
phase and the wet residue cross the lithium chlorate reference lines at an angle 
of about 70°. Hence, if there is an error of 0.4% in the lithium chlorate de- 
termination this would lead to an error of about 0.2% lithium chlorate in the 
composition of the equilibrium solid phase. The consequences of an error in 
the lithium chloride analysis are far more serious, because the directions of 
the tie lines and the reference line of lithium chloride approach one another. 
The fact that none of the tie lines ever crossed, and that they all converged 
to a single composition when extrapolated, indicates that the analyses were 
of sufficient accuracy and that equilibrium had been reached in all cases. As a 
check on the possibility of any consistent error in the procedure, the data were 
compared with a point which had been determined a month previously. The 
points all indicated the same solid phase and therefore left no doubt that the 
hydrate stable at 25° C. has the composition corresponding to the formula 
(LiC103)4.H2,0. 

In Fig. 6 there are no experimentally determined solubilities representing 
solutions containing from 5.8 to 9.16% lithium chloride. In order to prove that 
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a break did not occur in the solubility curve in this range, the wet residues from 
the two determinations 7 and 8 were investigated under the polarizing micro- 
scope. The solid phase was the same in both cases, although a slight amount 
of the monohydrate of lithium chloride was present in number 8. Therefore, 
the invariant solutions 8, 9, and 10 were actually in equilibrium with the one- 
fourth hydrate of lithium chlorate and the monohydrate of lithium chloride. 

The hydrate which Berg claims contains one-third of a mole of water we 
think contains only one-fourth of a mole of water, but we are referring to the 
same hydrate. We convinced ourselves of this by comparing our photomicro- 
graph of wet residue 7 with those obtained by Berg of his supposed one-third 
hydrate. If, therefore, our hydrate contains one-fourth of a mole of water, so 
does Berg’s. Berg deduced the composition of his hydrate by the method of 
the peritectic halt time and this is far from being a sensitive method. Kraus and 
Burgess, on the other hand, thought they had eliminated Berg’s claim for a 
hydrate of low water content on the ground that a mixture containing 6.55% 
water definitely showed the presence of solution between 21.0° and 41.5° C. 
If the solid were really the one-third hydrate, which contains 6.2% water, the 
mixture would not form an observable amount of solution. If, however, the 
hydrate contains only one-fourth of a mole of water, as we claim, about one- 
third of the above mixture would liquefy. 

At 42.0°C., the one-fourth hydrate undergoes a peritectic transition to 
anhydrous salt and solution. The modification of anhydrous salt formed at 
42°C. is the first (low temperature) modification of two allotropic forms. 
This form is the one stable at room temperature and corresponds to the @ form 
of Kraus and Burgess. Of the three methods used to investigate the transition 
from £ to a, viz. thermal analysis, dilatometry, and X-ray diffraction, only the 
former method gave a really satisfactory result and it indicated that the transi- 
tion temperature was 99.8° C. This value compares favorably with the values 
obtained by Kraus and Burgess and by Berg. The dilatometer showed a 
marked increase in volume, accompanying the 8 to a@ transition. We have 
applied the techniques of dilatometry, thermal analysis, solubility, and X-ray 
diffraction in an attempt to find the supposed 6 to y transition, but always 
without result. The heating and cooling curves of anhydrous salt showed no 
break and the expansion and contraction of the dilatometer was perfectly 
regular. Finally, an X-ray diffraction picture was taken of a sample which 
had never been heated; this was then heated for a week at 80° C., allowed to 
cool, and immediately photographed again. The two patterns were identical. 

If the hemihydrate of lithium chlorate claimed by Wachter (8), Troost (7), 
Potilitzin (6), and Brtihl (2) did indeed exist, it would be formed from the 
monohydrate in a peritectic transformation. This would appear as a break in 
the solubility curve, in the binary system. No such break occurred between 
—0.1° and 20.5° C. The monohydrate is the solid phase in equilibrium with 
solution in this temperature interval. Neither was there any break in the 
solubility curve from 20.5° to 42°C. In this temperature range, the stable 
solid phase is the one-fourth hydrate. Therefore, there is no doubt that the 
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hemihydrate of lithium chlorate does not exist as a stable phase and there have 
been no indications of its ever appearing as a metastable phase throughout 


this study. 
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begun several years ago. Practically all ot the work was, however, 
executed in the summer during his absence. It is a pleasure to express 
my thanks to Professor G. P. Baxter for having put the facilities of the 
Harvard laboratory at my disposal. 
Summary. 

The specific heats of eleven salts and of ice between —190° and + 22°, 
and —-78.4° and +22° are determined adiabatically. 

From these figures the molecular heats are calculated between —190° 
and —78.4°, and —78.4° and +22° 

Comparisons are made at both ranges between the molecular heats of 
hydrated and double salts.and those of their factors. 

It is shown that these are almost the same except in the case of copper 
sodium sulfate. 

An outline of further work on the subject is given. 

CAMBRIDGE, Mass. 


[CONTRIBUTION FROM THE CHEMICAL LABORATORY OF THE UNIVERSITY OF MICHIGAN. ] 


THE PREPARATION OF PERCHLORIC ACID. 
; By H. H. WitLarp. 
Received August 30, 1912. 

Among the various methods used tor preparing perchloric acid only 
two deserve serious consideration. The first is that of Kreider,! which 
consists in treating sodium perchlorate with concentrated hydrochloric 
acid, filtering off the sodium chloride formed, and evaporating to expel 
all hydrochloric acid. The details of this method have been carefully 
worked out by Mathers,? The acid thus obtained is contaminated with 
sodium perchlorate, together with impurities present in the materials. 
To obtain a pure product, the crude acid must be distilled under dimin- 
ished pressure. ‘The second method is that of Mathers,’ which consists 
in the distillation of potassium perchlorate with concentrated sulfuric 
acid in a current of steam under diminished pressure. The only advan- 
tage of this method over the preceding is in the use of the cheaper potas- 
sium salt, but this is more than counterbalanced by its disadvantages. 
Only comparatively small quantities can be used at a time, the distilla- 
tion is rather troublesome, and the acid obtained contains 20-25% of 
sulfuric acid, so that, if a reasonably pure acid is required, it must be re- 
distilled or the sulfuric acid precipitated by barium carbonate. 

In trying to find a-cheaper method of preparing perchloric acid, atten- 
tion was directed to. the ammonium salt, which is not much more expen- 
sive than the potassium salt, and considerably cheaper than the sodium 

' Z. anorg. Chem., 9, 343; Am. J. Sct., [3] 49, 443. 
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salt. Since it is not difficult to oxidize ammonium compounds, a study 
was made of ammonium perchlorate, with this in view. 


It was found that Schlésing,’ in 1871, had already suggested the use 
of this salt with aqua regia,as a means of separating potassium and 
sodium, the ammonium being oxidized and thus giving practically a solu- 
tion of perchloric acid; but he gave no details regarding the reaction. 
Experiments showed that ammonium perchlorate could easily be converted 
into pure perchloric acid in this way, and a careful study was made of the 
conditions necessary to obtain complete removal of the ammonium 
with minimum consumption of nitric and hydrochloric acid. 


Tt would appear from Schlésing’s statement that, since aqua regia 
is used, chlorine must be the oxidizing agent; but this is not true. The 
gas may be passed into a boiling ammonium perchlorate solution for 
hours with almost no effect. Although nitric acid itself does not oxidize 
ammonium salts, its reduction product, nitrous acid, decomposes them 
readily, and it seemed likely that this waa the basis of the reaction. Ac- 
cordingly, the gas obtained by.treating sodium nitrite with sulfuric acid 
was passed into a boiling solution for some time. The action was very 
slow, but quite an appreciable amount of ammonium was decomposed 
and free perchloric acid formed. 


On this theory, any reagent capable of reducing nitric acid fairly readily, 
and not acted upon by nitrous acid, could be substituted for hydrochloric 
acid, Formic acid, therefore, was slowly run into a boiling solution of 
ammonium perchlorate and nitric acid. Every trace of ammonium 
could thus be eliminated from the solution, indicating that nitrous acid 
is the active reagent. If, however, hydriodic acid, which is quickly oxid- 
ized by nitrous acid, was used, the ammonium salt was not decomposed. 
Although it is possible to use a reducing agent like formic acid, practically 
this is not advisable, for the oxidation of the ammonium proceeds much 
less rapidly and efficiently than with hydrochloric acid. It might be ex- 
pected that nitrogen would be the principal product of the reaction, as 
is the case with ammonium nitrite, but, as will be seen later, this is net 
true. 


A large number of experiments were made to determin the indluence 
of temperature, volume, and relative concentrations of hydrochloric 
and nitric acids. The ammonium perchlorate used was purified by re- 
crystallization, and some of it was prepared by neutralizing distilled per- 
chloric acid with ammonia. It is readily prepared from the sodium salt 
by treatment with ammonium nitrate, and easily purified by recrystalliza- 
tion with excellent yields. If potassium perchlorate is present, however, 
it cannot be removed by this process. The salt was dried ‘at 100° and 
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was not at all hygroscopic. The acids used were the ordinary chemically 
pure reagents, the nitric being labelled 69%, and the hydrochloric 37%, 
though the latter was probably a trifle weaker. In each experiment 500 
grams of ammonium perchlorate were added to the water and nitric acid, 
contained in a two-liter flask, the solution heated to boiling, and the hydro- 
chloric acid, previously diluted, was added, either in portions or continu- 
ously through a dropping funnel. 

Ejject of Temperature—This is very pronounced; the solution must be 
kept boiling vigorously, or the action will be slow. 

Effect of Rate of Adding Hydrochloric Acid.--When added all at once, 
more of each acid was required than when it was added in portions or 
through a dropping funnel. The latter method was preferred; most of 
the acid was run in during the first ten minutes, all of it within twenty- 
five minutes, and occasionally this time could be shortened without re- 
quiring more acids. 

Effect of Volume.—The amount of water added was increased frem 600 
cc. to 900 cc.. without any appreciable change in the quantity of nitric 
and hydrochloric acids required, but the reaction became slower. When 
reduced to 500 cc. the consumption of acids increased slightly, and with 
less than that the increase was very rapid, the two acids reacting on each 
other with comparatively little effect on the ammonium salt. It is neces- 
sary to keep the volume fairly constant. by replacing the water lost by 
evaporation until most of the reaction is over, usually for about an hour, 
after which the solution was evaporated to remove excess. of nitric or 
hydrochloric acid. 

Yteld—The yield is the theoretical, since the perchloric acid takes no 
part in the reaction. To test this point, 500 grams of the ammonium 
salt were converted into the acid, evaporated until tree from hydrochloric 
and nitric acids, diluted, neutralized with ammonia, evaporated, dried 
at 100° and weighed. In three experiments 498.5, 499, 499 grams were 
abtained, corresponding to a yield of 99.7-99.8%, the slight deficiency 
being due to a loss of perchloric acid during the evaporation to expel 
the other acids, and to a slight spattering during the evaporation of the 
ammonium perchlorate solution. 

The amounts of the substances used when conditions were most favora- 
ble, were: ammonium perchlorate, 500 grams, water 600 grams, nitric 
acid 410 grams, and hydrochloric acid 105 grams. 

Occasionally, it was possible to use about 2% less nitric acid, but as a 
rule these figures could. not be decreased appreciably, without leaving 
a little ammonium in solution. Expressing these quantities in mols 
(assuming the hydrochloric acid to be 36% and the nitric 69%), they 
become: 
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NH,CIO, 4.25 | [ 17 mols. 
HNO, * 4.49 \ or in round numbers ; 18 mols. 
HCl 1.04 | _ 4 mols. 


If all the nitrogen were liberated in elemental form, the proportions 
would be: 


NH ClO gis cit eek o Eke ey nla ee «ee 28?/, mols. 
FAN ge ore d ted ath Hees dae amen a ees 18 mols. 
Ds 0 ©; Pee are eet Pate Weare oe ae we ee ae eles teut pe 4 mols. 


It is evident, therefore, that the nitregen must be combined with a 
certain amount of oxygen. If the numbers actually found by experi- 
ment as given in the first table are used to form an equation, the latter 
exactly balances, if nitrous oxide is formed, thus: 

34NH,C1O, + 36HNO, + 8HCl = 34HClO, + 4Cl,+35N,0 + 73H,0. 
Accordingly, some of the gas evolved was collected over sodium hydroxide 
selution to remove chlorine and nitrogen dioxide, and analyzed by ex- 
ploding with hydrogen. It was found to contain about 90% nitrous oxide, 
the rest being apparently nitrogen. It seemed to be free from nitric 
oxide, Some N,O, or NOCI is also apparently formed during the reac- 
tion, for the gas above the boiling solution is often faintly brownish. 

The acid obtained contains only the impurities present in the materials 
or derived from the vessel used, Since ammonium perchlorate, if free 
from potassium, can readily be prepared chemically pure, and c. Pp. hy- 
drochloric and nitric acids are always at hand, it is obvious that without 
any distillation, chemically pure perchloric acid can quickly be prepared 
by using a container which is not attacked. 

As the result of this investigation, the following method is recom- 
mended: In a two-liter flask place 500 grams of ammonium perchlorate, 
add 600 cc. of water, 410 grams of 68~70% nitric acid, heat to boiling, 
and run in rapidly through a long-stemmed dropping funnel, 105 grams 
of 37% hydrochloric acid, previously diluted to 400-500 cc. or sufficiently 
so that the volume of the solution in the flask remains fairly constant. 
The acid is run in rapidly at first, then more slowly, but may all be added 
within 25 minutes, or it may be added more slowly. The boiling must 
be very vigorous throughout the entire operation. Water is then run 
in to replace that lost by evaporation, keeping the volume constant for 
about ene hour, by which time the reaction is nearly over. The solution 
is then rapidly boiled down until fumes of perchloric acid appear. The 
acid should now be free from ammonium as shown by Nessler’s test. 
Usually there will be a slight excess of nitric acid and this requires a some- 
what higher temperature for its complete removal than does hydrochloric 
acid, where 135° suffices. It may in some cases he advisable to add a 
little more hydrochloric acid to react with the nitric acid present, leaving 
an excess of the former. A casserole or evaporating dish is more efficient 
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in the last evaporation. When the acid fumes copiously, its composi- 
tion is nearly that of the dihydrate, HCIO,.2H,0, this being the constant- 
boiling product obtained by distillation. The yield is the theoretical— 
580 grams of the dihydrate, and the entire process is easily completed 
within two and a half hours. If the hydrochloric acid used contains 
arsenic, this would probably remain with the perchloric acid, from which 
it could readily be precipitated, but no experiments were made along this 
line. 

The distillation of the acid obtained in this way from impure materials 
is so easy that this method of purification will probably be the cheapest 
where a perfectly pure product is required. A pressure of 200 mm. is 
very satisfactory; at higher pressures, decomposition becomes noticeable, 
until at atmospheric pressure a loss of perhaps 10% is inevitable; at lower 
pressures, the acid tends to bump badly. The apparatus used in this lab- 
oratory consists of a one-liter distilling flask, with a ground joint between 
the side tube and condenser, for greater flexibility. The distance from 
flask te condenser jacket should be at least 4o cm., forming an air con- 
denser, otherwise, when the vapor at 160-165° strikes the water-cooled 
portion of the tube, the latter is liable ta crack. The neck of the flask is 
drawn out so that into it may be snugly fitted a thermometer, over which 
is slipped a short piece of rubber tubing, the latter fitting inside the neck 
like a thin rubber stopper. If this point is 20 cm. above the side tube, 
the rubber is scarcely attacked. The condenser tube is made tight in 
the receiver by passing through a rubber stopper. To prevent bumpiug, 
three or tour capillary tubes, about 3 cm. in diameter, as described by 
Scudder,! were found very satisfactory. Five hundred grams of acid can 
easily be distilled in one hour. The distillate smells of chlorine and its 
oxides, from which it may be readily and completely freed by aspirating 
through it a current of air, keeping it gently warmed. 

The following data will give an idea of the cost of the acid, using com- 
mercial chemicals: ammonium perchlorate is quoted in Germany at 155 
marks per 100 kilos. To produce one kilo of commercial 70% perchloric 
acid would require about 865 grams of the ammonium salt, 710 grams of 
nitric acid and 185 grams of hydrochloric acid, which would cost at re- 
tail in Germany about forty cents. The cost for labor would be small, 
owing to the simplicity of the process. There is no reason, therefore, 
why, if a demand is created, the acid should not be available in large quan- 
tities at a reasonable price, instead of being quoted at some such figure 
as $5 a pound for 20% acid, when it is quoted at all. Ii produced by 
Kreider’s method, the cost of materials is more than twice as great, while 
the product is more impure and the labor much greater. 

In conclusion, it may be well to call attention to some of the valuable 


! Tors JOURNAL, 25, 162. 


PRECIPITATION OF THE AMMONIUM SULFIDE GROUP. 1485 


properties of this acid. It is neither poisonous nor explosive and is per- 
fectly stable (unlike the anhydrous acid). It is, as a rule, non-oxidizing 
except near its boiling point, 203°, and by reason of the latter being so 
high, it is capable of displacing completely from their salts, nitric, hydro- 
fluoric, hydrochloric and other volatil acids. Most of its salts are readily 
soluble not only in water, but also in organic solvents like alcohol and 
acetone, and they are very suitable for electrochemical work, since they 
suffer no reduction by electrolysis. Its principal use in the laboratory 
is in the separation of potassium and sodium, but other uses will sug- 
gest themselves when it becomes cheaper. Andrews! has suggested it 
as a solvent for barium chromate in the volumetric determination of 
sulfur. It is very suitable for use in electrolytic analyses.?, It makes an 
excellent standard solution for use in acidimetry where a non-volatil 
acid is required and sulfuric is not suitable. It may be substituted for 
sulfuric acid in permanganate titrations; the evaporation of ferric chloride 
solutions with perchloric acid to complete removal of chloride is not at- 
tended with the formation of difficultly soluble basic salts, as frequently 
occurs with sulfuric acid, and the addition of a little water causes imme- 
diate solution of the residue. In technical work, its extended use seems 
already assured, especially in .electrochemical processes, judging from 
the number of such patents issued. 
Summary. 

1. A method is given for preparing pure HClO,.2H,O from ammonium 
perchlorate by boiling with the proper quantity of dilute nitric acid, to 
which a certain amount of hydrochloric acid is gradually added. 

2. The principal gaseous products are nitrous oxide and chlorine. 

3. The superiority of this process lies in its simplicity, rapidity, and 
the cheapness of materials. 

4. The distillation of the acid is briefly described. 

5. Some of its most striking properties and a few new uses for it are 


mentioned. 
ANN ARBOR, MICH. 


(CONTRIBUTION FROM THE LaBORATORY OF ANALYTICAL CHEMISTRY OF THE COLLEGE 
OF THE CiTy or New Yor«.] 

THE INFLUENCE OF NON-VOLATIL ORGANIC MATTER AND CER- 
TAIN ACIDS ON THE PRECIPITATION OF THE AM- 
MONIUM SULFIDE GROUP OF METALS.:® 
By Lous J. CuntMan AND HarRyY DUBIN, 

“f Received September 18, 1912. 
As is well known, there are two classes of substances whose presence 
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US Patent 1,453,984 
Manufacture of Ammonium Perchlorate 


May 1, 1923. Ralph Austin Long 


The invention relates, particuularly to the amnufacture of Ammonium Perchlorate from Sodium Perchlorate and 
Ammonium Chloride. 

The object of the invention is to provide a method, by which Ammonium Perchlorate of high purity is produced 
and in which the by-product Sodium Chloride is obtained in such form that it is unnecessary to recrystalize in order 
to remove valuable materials. I have discovered a process in which the reaction between equivalent quantities of 
Sodium Perchlorate and Ammonium Chloride when added to a previously prepared nucleus solution, containing 
essentially the correct proportions of either Sodium and Perchlorate ions, or Ammonium and Chloride ions, is such 
that comparatively pure Sodium Chloride seperates out hot. The concentration of the Sodium Chloride left in 
solution in sufficiently low that, after the portion which separates has been filtered off, the filtrate, upon addition of 
from six to seven percent water , can be cooled to a temperature below 30C, resulting in a large yield of 
Ammonium Perchlorate of high purity. The mother liquor after the dilution water has been evaporated off, forms 
again the above mentioned nucleus solution for the new cycle. 

The process, in brief, depends upon the fact discovered by me that the proper excess of either Sodium Perchlorate 
or Ammonium Chloride is maintained in the solution throughout the reaction, thus producing the proper depression 
of the solubility of the Sodium Chloride at the high temperatures and of the Ammonium Perchlorate at the low 
temperatures due to effect of the common ions in each case. 


To a hot nucleus solution containing the correct proportions of Ammonium Perchlorate, Sodium Chloride and from 
one to six percent of either Ammonium Chloride or Sodium Perchlorate, is added Sodium Perchlorate and 
Ammonium Chloride in such amounts that the excess of either Sodium Perchlorate of Ammonium Chloride 
originally present in the nucleus solution is not disturbed. The existance if either one of these above mentioned 
salts in the hot solution depressed the solubility of Sodium Chloride and caused more to separate out than 
ordinarily would. After filtering off the separated Sodium Chloride and adding a sufficient amount of dilution water 
to prevent any further deperation of the salt, the solution is cooled. At the cooler temperature, the presence of 
Sodium Perchlorate or Ammonium Chloride in the solution depresses the solubility of the Ammonium Perchlorate, 
resulting in a larger yield of product at these temperatures. In both cased this effect is due to the existance of the 
common ions. In the first case it is due to the presence of the common ions, Sodium and Perchlorate. In the second 
case it is due to the presence of the common ions, Ammonium and Chloride. 

As an example, I may state that the process may be carried out by employing a nucleus solution containing 
approximately 9% to 12% Ammonium Perchlorate, 1% to 7% Sodium Perchlorate, and 17% to 22% Sodium 
Chloride, removing the Sodium Chloride that seperates out, diluting the remaining liquid and then removing the 
Ammonium Perchlorate at a temperature below 30C. 

In the case Sodium Perchlorate is to be used in excess, a nueleus solution is prepared at 100C to contain 11.8% 
Ammonium Perchlorate, 3.6% Sodium Perchlorate and 20% Sodium Chloride. To this solution is added the proper 
amounts of Sodium Perchlorate and Ammonium Chloride to produce a solution containing 25% Ammonium 
Perchlorate, 3.8% Sodium Perchlorate and 17.5% Sodium Chloride and the NaCl that separates out at this 
temperature is removed. The filtrate is diluted with 6% water and cooled to 20C when a crop of Ammonium 
Perchlorate is removed. The mother liquor is then concentrated until it contains approximately the same amount of 
dissovled salts as the original nucleus solution. 

In case Ammonium Chloride is used in excess, a nucleus solution is prepared at 100C to contain 12.5% 
Ammonium Perchlorate, 1.6% Ammonium Chloride, and 22% Sodium Chloride. To this solution is added the 
proper amounts of Sodium Perchlorate and Ammonium Chloride to produce a solution containing 26% Ammonium 
Perchlorate, 1.6% Ammonium Chloride and 18.9% Sodium Chloride. The Sodium Chloride that separates out at 
this temperature is removed and the filtrate treated in the same manner as above. The mother liquor is then 
concentrated until it contains the same amount of dissolved salts as the original nucleus solution. 

While I have given examples it should be understood that I do not limit myself to these proportions or 
temperatures, but find that good results can be obtained when using a solution in which the percentage of 
Ammonium Perchlorate varies from 18% to 30% and that of Sodium Chlorate or Ammonium Chloride varies from 
1% to 7%. At the same time the nueleus solution may be prepared at temperatures abetween 75C and 100C and the 
Ammonium Perchlorate is removed at any temperature below 30C. 


Having described by invention, what I claim is: 

A process for the manufacture of Ammonium Perchlorate which consists of employing a mucleus solution 
containing approx. 9% to 12% Ammonium Perchlorate, 1% to 7% Sodium Perchlorate, and 17% to 22% Sodium 
Chloride, adding to this the proper amount of Sodium Perchlorate and Ammonium Chloride to produce a solution 
containing 18% to 30% Ammonium Perchlorate, 1% to 7% Sodium Perchlorate, and 17% to 22% Sodium 
Chloride, removing the Sodium Chloride that separates out, diluting the remaining liquid and then removing the 
Ammonium Perchlorate at a temperature below 30C. 
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Electrochemical process for 
production of perchlorate. 


Joseph R. Ryan, Williamsville, N. Y., assignor to 
Buffalo Electro-Chemical Compant, Inc., Buffalo, N. Y. 
Application March 20, 1943, Serial No. 479,905 


The present invention relates to manufacture of sodium perchlorate in a relatively pure condition and free from 
contamination with lower oxy acids of halogens. 

Sodium perchlorate is an excellent source of oxygen in explosive mixtures possessing high detonation and 
shattering power and, in the dry condition, is extremly useful in this connection. However, the presence of minute 
amounts of unconverted chlorate in the perchlorate increases the sensitivity of the perchlorate to heat and to shock. 
It is an object of the present invention to manufature pure sodium perchlorate free of halogen oxy acids or salts 
thereof. 

It is also an object of the present invention to produce sodium perchlorate directly from sodium chlorate while, at 
the same time eliminating excess of chlorate or avoiding the presence of chlorate in the perchlorate produced. 

In accordance with the present invention, therefor, a cell solution of sodium chlorate is oxidized anodically, in the 
usual way, in a conventional oxidation cell well known for this purpose. Thus a cell solution is prepared containing 
about 700g/1 of sodium chlorate. To this solution there is added about 2 g/l of sodium chromate or dichromate. The 
purpose of the chromate is to protect the cathode and to prevent formation in solution of reducing hydrogen from 
electrolysis of the aqueous electrolyte with destruction of some of the chlorate in the cell and therefore at a reduced 
cell efficiency of output. 

The solution is electrolyzed in the usual way and generally in a conventional cell cascade. The operating voltage 
and amperage will depend upon the construction of the cell and the movement of electrolyte therethrough. 
However, these are factors which are well known in the art and constitute no part of the invention herein described 
and claimed. In general. the temperature is permitted to rise in the last cell of the cascade and may reach 60C. At 
this point, the cell electrolyte contains about 840g/l sodium perchlorate. This figure may be increased to a limiting 
value of about 1100g/1 by adding additional sodium chlorate to the electrolyte from two-thirds to half way through 
the cascade to compensate for the sodium chlorate that has already converted to perchlorate. However, as the 
presence of unconverted chlorate in perchlorate imparts very serious and undesirable characteristics to the 
completed product, it is preferable to operate the cell to the lowest concentration of chlorate that is economically 
feasible. The economic limit is reached when a concentration of about 1 to 5 g/l chlorate is reached. This is due to 
the fact that the high current density of 450 amperes per square foot (480mA/cm‘2) produces excessive quantities 
of ozone by reason of electrolysis of the aqueous electrolyte, thus lowering the cell efficiency to unacceptable 
levels. 

The perchlorate cell solution at the end of the conversion is, in accordance with the present invention, already at a 
relatively elevated temperature, namely in the neighbourhood of about 60C. To this solution, removed from the 
cell, a substance is added having the power of selectivity reducing any residual chromate and chlorate. The 
reducing material selected must possess in addition to this selective reducing power, the characteristic ready 
removability from the solution. Sulfur dioxide provides an excellent reducing substance for the purpose intended, 
since this material may be bubbled through the electrolyzed cell solution, destroying the residual chlorate which is 
normally present at this point to the extent of about 1g/l and reducing any portion of the chromate not already 
reduced at the cathode. The chlorate is reduced to chloride and the chromate to chromic compounds. 

The sulfur dioxide treatment is continued until such time as the cell solution given no further test for the presence 
of chlorate ion. To this end, the electrolyzed cell solution is added to a test indicator make of one gram per liter 
indigo carmine. The test is made by mixing 1ml of the indigo carmine with 5ml of concentrated hydrochloric acid, 
and the mixture heated to boiling, To this boiling mixture, 5ml of the reduced cell solution are added. Five parts 
per million of chlorate will cause a sharp decoloration of the indicator, and one part per million can be detected. 
Sulphur dioxide does not interfere with this procedure. Sulfur dioxide is therefor added to this solution until a test 
make with the indigo carmine indicator shows the presence of less than one part per million of chlorate, that is, the 
elimination of substantially all of the chlorate and any other halogen oxy acids. 

Excess sulphur dioxide is eliminated from the treated solution by boiling and bubbling air through the solution to 


sweep out such excess. Sulphur dioxide may be tested for by permitting the evolved gases to act upon 1/1000 N 
potassium permanganate solution. 

The acidity of the treated solution is then adjusted to a pH of about 7. To this end, sodium carbonate or other mild 
alkali may be employed. The chromic ion is percipitated as chromic hydroxide and may be removed. 

The cell solution thus purified, is evaporated to dryness and the sodium perchlorate dried carefully and slowly at 
about 160C. The material may be dried in any suitable or conventional fashion by employment of conventional 
pulverizing and drying equipment and in general the time required to dry the material will be dependent directly 
upon the efficiency of the drying equipment. 

An analysis of the dried sodium perchlorate gave the following composition: 


The present invention provides a method of purifying electrolyzed 
sodium chlorate and the production of sodium perchlorate free of the 
Sodium Perchlorate |98.70 deleterious chlorate whereby the sodium perchlorate may be used 
Sodium Sulfate 1.00 directly as a compounding agent in explosive materials without the 
Saduuinchionde 0.04 | necessity of changing the perchlorate to the potassium or ammonium 
salt as has been done heretofore. 
Sodium Carbonate ||0.32 


What is calimed is: 

The method of manufacturing solid sodium perchlorate uncomtaminated 
with chlorate which comprises anodically oxidizing an aqueous solution of sodium chlorate containing a water 
soluble salt of hexavalent chromium with the production of perchlorate contaminated with chlorate, treating the 
oxidized solution with sufficient sulfur dioxide to reduce chromates to chromic salts and the residual chlorate to 
chloride, adding mild alkali to adjust the pH of the solution to about 7 to precipitate chromic hydroxide, removing 
the precipitated chromic hydroxide, and thereafter evaporating and drying the relatively purified solution to recover 
the sodium perchlorate. 


JOSEPH R. RYAN 
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US Patent No. 2,813,825 
Method of producing Perchlorates 


Henry C. Miller and John C. Grigger 
Pennsalt Corporation Nov. 19, 1957 


The present invention related to a novel method for electrolytically producing Perchlorates and more particularly 
the present invention relates to a novel method for electrolytically oxidizing a Chlorate aqueous solution to the 
corresponding Perchlorate by which improved current efficiencies during operation of the cell are realised. 

It has long been known that aqueous solutions of Chlorate such as alkali metal Chlorates can be electrolyzed to 
form the corresponding Perchlorates in solution. The literature on the electrolythic production of Perchlorates 
indicated a unanimous acceptance of platinum as the most favoured anode material. In spite of the high cost due to 
electrochemical attack and mechanical disintegration, platinum is still used as an anode in the major Perchlorate 
installations. The search for a platinum substitute for Perchlorate manufacture has proceed for many years with the 
result that other materials have been suggested for use ass anode including graphite, silicon, manganese dioxide, 
magnetite, and Lead Dioxide. In copending applications Serial Nos. 552,968 and 552,970 filed Dec. 14 1955, are 
disclosed and claimed particularly advantageous electrodes comprising Lead Dioxide which are particularly suitable 
for use in Perchlorate cell. 

As is known, in the electrolysis of Chlorate to Perchlorate there is a drop in current efficiency in the cell as the 
concentration of Chlorate in the electrolyte decreases. The exact drop, and the concentration level at which it 
begins to take noticeable effect varies with the particular anode employed. For example, in electrolyzing Sodium 
Chlorate to Perchlorate employing a Platinum anode, the overall current efficiency is generally maintained at a 
high value in the neighbourhood of 80% as the Sodium Chlorate is electrolyzed from about 600 g/l down to about 
100¢/1. In a cell with a Lead Dioxide anode, the current efficiency begins to fall even at the initially high Sodium 
Chlorate concentrations and although an average current efficiency of about 68% has been obtained in the Sodium 
Chlorate concentration range of about 600 to100 g/l, the current efficiency usually drops to below 10% in the 
Sodium Chlorate concentration range below 100g/I. 

It has been previously been suggested to employ additives in an attempt to increase current efficiency in the 
Perchlorate cell. Present day commercial cells using Platinum anodes generally employ an electrolyte containing 
initially about 600g/1 of Chlorate, usually Sodium Chlorate, and 5g/1 of a soluble dichromate, usually Sodium 
Dichromate. There has also been a suggestion to add a small amount of Sodium Fluoride to increase the current 
efficiency of a cell employing a Lead Dioxide anode. 

It has been found that that there are definite limitations to the use of such additives, Using a Lead Dioxide anode, 
for example, and Sodium Fluoride as the additive, 2.5g/1 of Sodium Fluoride increased the overall current 
efficiency appreciably on the first batch electrolysis; however, the current efficiency steadily dropped on three 
succeeding electrolysis to below the value obtained before the Sodium Fluoride addition. The presence of Sodium 
Dichromate at concentrations as low as 0.5g/l (as the dihydrate) sharply decreased the current efficiency of the 
Chlorate to Perchlorate electrolysis when operation with a Lead Dioxide anode. Other materials, including Sodium 
Thiocyanate, Platinum Chloride, Sodium Hexametaphosphate, Sodium Pyrophosphate, Sodium Perborate, Sulfuric 
Acid, and Hydrogen Peroxide have also been tried resulting either in no appreciable beneficial effect or actual 
reduction in cell current efficiency. 

It has been found that the inclusion of a water soluble Persulphate in the Chlorate containing electrolyte 
significantly increased the cell current efficiency during electrolysis. 


At the initiation of electrolysis it is generally desired to have a concentration of Chlorate in the electrolyte as high 
as feasible under the temperature conditions obtaining, since the higher the concentration the higher the efficiency. 
In most cases this initial concentration of Chlorate is in the neighbourhood of 500-700g/I. As the electrolysis 
proceeds, the concentration of Chlorate as such in the electrolyte diminishes until a point in reached, usually in the 
neighbourhood of 2-20g/l of Chlorate, where further electrolysis becomes impractical. 

The temperature at which the Perchlorate cell is operated may vary widely, and the temperature of the bath may 
vary from room temperature up to elevated temperatures as high as about 70C. Preferred practice is to maintain the 
temperature of the cell between about 25 and about 55C. 

As is usual in the electrolythic oxidation of Chlorate to Perchlorate, agitation of the electrolyte bath is desirable and 
circulation of the electrolyte bath through one or more cells is preferred practice. 

The electrolysis of the Chlorate is generally carried out at a pH below about 9, and preferably at a non-alkaline, 


that is neutral or acid pH. Generally an acid pH is preferred when the cell is to be operated at an elevated 
temperature. 

With respect to the electrical conditions employed, in general current yields improve with increase in current 
density. In addition, higher anode current densitys tend to minimize the adverse effects of operation at higher 
temperatures and of competing anode reactions. In the preferred practice of present process, anode current densities 
of at least 20 ampers per square decimeter (200mA/cm/2), preferably at least about 40A/dM/2 (400mA/cm‘2). 
The coating of Lead Dioxide on the anode is to be at least 1/16 of an inch thick. The most marked affect of the 
addition of Persulphate to the cell electrolyte is with Lead Dioxide anodes. However improvements in current 
efficiency will also be noted with other anode materials. 

The cathode can be stainless steel. The usual Persulphate added will be Potassium Persulphate but any water 
soluble sulphate can be used. The amount of Persulphate to add may vary somewhat. Amounts in excess of about 
10g/l provide no significant improvement over inclusion of lesser amounts, whereas amounts less than about 1¢/1 
do not provide any marked improvement. Electrolysis can be carried out until there is less than 10g/l of Chlorate 
left. 


Example 1 


To an aqueous solution containing 606g/1 of Sodium Chlorate is added Potassium Persulphate in an amount of 
2.08¢/1. The resulting solution is electrolyzed using a Lead Dioxide anode and a stainless steel cathode at 
300mA/cm/2 at a temperature of 35C. In the Sodium Chlorate concentration range of 606 to 100¢/l, the current 
efficiency is 82.4% and in the range of 606 to 7.1g/1 of Sodium Chlorate the current efficiency is 73.3% 


Example 2 


In a second run employing similar conditions to example 1 the current efficiency is 80.8% in the Sodium Chlorate 
concentration range of 606 to 100g/l and 68.2% in the range 606 to 30.3 grams per litre Sodium Chlorate 


Claims not shown: 
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United States Patent No. 3,493,478. 
Handady V.K. Udupa, Srinivasa Sampath, Kapisthalam C. 
Feb. 3, 1970 


Electrolythic preparation of perchlorates 


Abstract of the disclosure 


Sodium perchlorate is prepared electrolytically from Sodium Chloride solutions in one step by passing a direct 
current through the solution , in the presence of sodium fluoride. A mild steel cathode and a Lead Dioxide anode 
are satisfactory. 


This invention relates to the electroltic preparation of Perchlorates directly from Sodium Chloride using Lead 
Dioxide anode. 

Hitherto it has been the practice to employ a two stage process for the production of perchlorates from chlorides , 
the first stage being the oxidation of chloride to Chlorate using Graphite, Magnetite or Lead Dioxide anodes and 
the second stage consisting of the oxidation of Chlorate to Perchlorate, using Platinum or Lead Dioxide anodes. 
This conventional process has various drawbacks, such as: 

(i) that in between the two stages the solutions have to be processed to isolate the Chlorate and recover the 
unconverted Chloride: 

(ii) that Graphite gets desintegrated to a considerable extent and Magnetite to a lesser extent when used in the 
production of Chlorates and 

(iii) that there is an inevitable loss of Platinum due to corrosion in the Perchlorate cell. 

With a view to avoiding the intermediate step of the processing of the liquor after the said first stage of the 
conventional process, it has been proposed that the effluent from the chlorate cell should be treated under different 
electrolytic conditions from thoses in which the sodium chloride solution was treated in the chlorate cell during the 
first stage of the process. But this proposed process also is a two stage process and the processing of the effluent 
from the chlorate cell introduces complications in the method. 

This invention has for its main object an improved method which will obviate the drawbacks of known methods, 
and whereby the perchlorates may be prepared directly from sodium chloride in a single step of electrolytic 
oxidation, the conditions of electrolysis being maintained constant at predetermined levels throughout the period. 
Another object of this invention is to avoid the use of graphite, magnetite or platinum as the anode. With these and 
other objects in view , this invention broadly consists of a process of preparing sodium perchlorate directly from 
sodium chloride in a single step of electrolytic oxidation, which consists in passing a direct current through a bath 
of sodium chloride solution containing fluoride ions. 


The improved process according to this invention may be carried out into practice under the following conditions: 
(i) The said fluoride ions may be provided by adding sodium fluoride ou hydrogen fluoride to the bath. 

(ii) About 0.5 to 5 grams per liter of sodium fluoride may be added; but about 2g/L is ok. 

(iii) The electrolytic oxidation may be carried out in a cell having a stainless steel cathode and a lead dioxide 
anode. 

(iv) The said anode may consist of a massive lead dioxide or a GSLD. 

(v) The current density may be in range 5 to 40 amps per square decimeter. 

(vi) The electrolyte oxidation may be carried out at a temperature of 30 to 60 C. 

(vii) The process may be carried until all the chloride is converted into perchlorate, the conditions being maintained 
constant at predetermined levels throughout the process. 

The following Table I. gives the particulars of three different examples illustrating the invention. 


TABLE I 


EXAMPLE CUB 
Concentration of electrolYte (initial) g/L NaCl//290.8 2O1 308.1 
Sodium fluoride g/L 2 2 2 

Anode GSLD ||GSLD_ ||JGSLD 
Cathode SS SS SS 
Current density (amps /dm/2) 10 25 19 
Current concentration (amp/L) 18.75 25 10 
‘Temperature 40 40 45 

Cell voltage ( volts) 3.0 to 3.9)/3.7 to 4.5)/3.9 to 4.5 
Current efficiency % 52.2 53.2 57.5 
Energy consumption (kwh/kg of NaClO4) 13.3 13.9 13.2 
Current passed Amps 15 20 800 
Quantity of NaClO4 present in solution (gms) ||544 546 61KG 


Table II shows other benificeal effects of using NaF. 


Table II 


Experimental conditions Without NaF |/With NaF 
GSLD GSLD 


Anode current density (amps / dm squared) 
Current concentration (amp/L) 

‘Temperature C. 3.5 TO 4.0 
Current efficienct % (with ref. to NaClO4 formed) 
Energy consumption (kwh/kg of NaCl04) 


Snip of most of the text repeating the claims above except: 
Claim (3): Current density is in the range 5 to 40 Amps per dm/2. 
Claim (4): Temperature is in the range 30 to 60 C. 


Other patents sited: 

2,813,825 11/1957 Miller et al 
2,840,519 6/1958 Stern et al 
2,872,405 2/1959 Miller et al 
3,020,124 2/1962 Bravo et al 
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United States Patent 4,008,144 
Torikai, et al. February 15, 1977 


Method for manufacturing of electrode having porous ceramic substrate coated with electrodeposited 
lead dioxide and the electrode manufactured by said method 


Abstract 


An electrode having a lead dioxide coat electrodeposited on a porous ceramic substrate is manufactured by soaking 
a porous ceramic substrate in an aqueous lead (II) salt solution and thereby allowing lead oxide to be deposited in 
the porous surface layer and on the surface of the substrate thereafter soaking said porous ceramic substrate in a 
persulfate solution to cause oxidation of the lead oxide so deposited therein and thereon and effecting electrolysis 
in an aqueous lead (II) salt solution by using said lead dioxide-coated substrate as the anode and the aqueous 
solution as the electrolyte and thereby causing lead dioxide to the additionally electrodeposited on said lead dioxide 
coat. The electrode manufactured as described above excels in corrosion-resisting property and therefore proves 
quite advantageous as an electrode for use in the electrolysis of aqueous solutions. 


Inventors: Torikai; Eiichi (Yao, JA); Kawami; Yoji (Kawachi-Nagano, JA) 
Assignee: Agency of Industrial Science & Technology (Tokyo, JA) 
Appl. No.: 606351 


Filed: August 21, 1975 

U.S. Class: 204/290R; 204/30; 204/38R; 204/57; 204/291; 429/228 
Intern'] Class: C25B 001/30; C25B 011/16 
Field of Search: 204/30,57,290 R,290 F,38 R 

U.S. Patent Documents 
1510173 Sep., 1924 Hosenfeld 204/286. 
2872405 Feb., 1959 Miller et al. 204/290. 
2994649 Aug., 1961 Morrison et al. 204/57. 
3207679 Sep., 1965 Schmidt 204/42. 
3607681 Sep., 1971 Cooke et al. 204/30. 
3668085 Jun., 1972 Kiyohara et al. 204/57. 
Foreign Patent Documents 
2,119,570 Oct., 1972 DT 204/57. 


Primary Examiner: Edmundson; F.C. 
Attorney, Agent or Firm: Oblon, Fisher, Spivak, McClelland & Maier 


Claims 


1. A method for the manufacture of an electrodeposited lead dioxide electrode incorporating a porous ceramic 
substrate, which method comprises: 


soaking a porous ceramic substrate in an aqueous lead (II) salt solution, removing said substrate from said aqueous 
solution and drying the substrate, soaking the dried substrate in one aqueous solution selected from the group 
consisting of an aqueous persulfate solution incorporating an aqueous ammonia and an aqueous persulfate solution 
incorporating an alkali metal hydroxide, and subsequently removing the substrate from said aqueous solution, 
washing and drying the substrate and thereby obtaining a composite having said ceramic substrate coated with a 


layer of lead dioxide consisting preponderantly of .alpha.-PbO.sub.2 and formed on the surface and in the porous 
surface layer of said porous substrate, and thereafter 


disposing said composite in an electrolytic cell containing an aqueous lead (II) salt solution as the electrolyte and 
incorporating, as the cathode, a piece of a metal selected from the group consisting of lead, copper and stainless 
steel, passing a flow of electric current having an anode current density of 0.5 to 20 A/dm.sup.2 to effect 
electrolysis and thereby further coating the composite (ceramic substrate coated lead dioxide) with a layer of black 
compact lead dioxide of .alpha. + .beta. form excelling in electroconductivity. 


2. The method according to claim 1, wherein the substance of said porous ceramic substrate is at least one member 
selected from the group consisting of silica, alumina, magnesia, zirconia and calcia. 


3. The method according to claim 1, wherein said aqueous persulfate solution incorporating said aqueous ammonia 
is an aqueous solution obtained by adding to an 8 to 10 weight percent aqueous ammonia solution one persulfate 
selected from the group consisting of ammonium persulfate, sodium persulfate and potassium persulfate in an 
amount to give a concentration of 5 to 6 percent by weight based on the finally produced aqueous solution. 


4. The method according to claim 1, wherein said aqueous persulfate solution incorporating said alkali metal 
hydroxide is obtained by having an aqueous alkali metal solution contain therein one persulfate selected from the 
group consisting of ammonium persulfate, sodium persulfate and potassium persulfate, with the pH value adjusted 
in the range of from 11 to 13. 


5. The method according to claim 1, wherein said aqueous lead (II) salt solution used as the electrolyte is one 
member selected from the group consisting of lead nitrate, lead perchlorate and lead sulfamate. 


6. The method according to claim 5, wherein said electrolyte contains 0.5 to 1.0 mole/liter of Pb(NO.sub.3).sub.2 
and has a pH value in the range of 6.0 to 2.0 and a liquid temperature of 20.degree. to 60.degree. C. 


7. An electrodeposited lead dioxide composite for use as an electrode, comprising a porous ceramic substrate, a 
layer preponderantly of .alpha. -lead dioxide deposited on the surface and in the porous surface layer of the 
substrate, and a layer of .alpha. + .beta. lead dioxide deposited on said deposited layer of .alpha.-lead dioxide. 

8. The electrodeposited lead dioxide composite for use as an electrode according to claim 7, wherein said porous 
ceramic substrate is at least one member selected from the group consisting of porous silica, alumina, magnesia, 


zirconia and calcia. 


Description 


BACKGROUND OF THE INVENTION 

This invention relates to a method for the manufacture of an electrode excelling in corrosion-resisting property and 
having a porous ceramic substrate coated with electrodeposited lead dioxide and to the electrode manufactured by 
said method. There are the following three types of lead dioxide electrodes known to the art: 

A. The type of electrodes produced by having lead dioxide anodically deposited on the surface of a lead substrate. 


B. The type of electrodes formed solely of lead dioxide without using any substrate. 


C. The type of electrodes produced by having lead dioxide electrodeposited on the substrate of a corrosion-resisting 
substance other than lead. 


Of these three types, those of types b and c are called electrodeposited lead dioxide electrodes and they excel over 
those of type a in terms of corrosion-resisting property. They have already been put to practical use as electrodes 
convenient for the electrolysis of aqueous solutions. 


The electrodeposited lead dioxide electrodes generally available on the market include rectangular lead dioxide 
electrodes devoid of a substrate and lead dioxide electrodes possessed of a substrate of graphite, titanium or 
tantalum or a substrate of such metal having the surface thereof plated with platinum, gold or silver. At the present, 
lead dioxide electrodes using a titanium substrate are enjoying favorable acceptance in the market. 


The electrodeposited lead dioxide electrodes described above have their demerits: For example, the type of lead 
dioxide electrodes using no substrate are susceptible to fracture and therefore have their shape and dimensions 
inevitably limited and the type of electrodes using a graphite, titanium or tantulum substrate easily sustain cracks. 
When a crack occurs in such an electrode in the course of an electrolytic reaction, the solution undergoing the 
electrolysis penetrates through the crack and eventually comes into contact with the underlying substrate, with the 
result that the substrate is corroded by the solution. The crack, therefore, has an adverse effect on the service life of 
the electrode. 


A primary object of the present invention is to provide a method for the manufacture of an electrodeposited lead 
dioxide electrode which incorporates a substrate of high corrosion-resisting property and therefore permits desired 
electrolysis to be performed without entailing troubles for a long time. 


Another object of the present invention is to provide electrodeposited lead dioxide electrodes which enjoy high 
resistance to corrosion and withstand use conditions for a long time. 


SUMMARY OF THE INVENTION 


To accomplish the objects described above, the present invention provides a method which comprises soaking a 
porous ceramic substrate in an aqueous led (II) salt solution, then soaking said substrate desirably in an aqueous 
persulfate solution incorporating aqueous ammonia or in an aqueous persulfate solution incorporating an alkali 
metal hydroxide and thereafter drying the wet substrate. In consequence of the treatment described above, lead 
dioxide is deposited on the surface and in the porous surface layer of the porous ceramic substrate. 


As the next step, electrolysis is effected by using, as the anode, the porous ceramic substrate having lead dioxide 
deposited as mentioned above and, as the electrolyte, an aqueous lead (II) salt solution. By this electrolysis, a 
black, fine-grained coat of lead dioxide excellent in electroconductivity is additionally formed to coat the lead 
dioxide layer covering the porous ceramic substrate. 


Consequently, there is obtained an electrodeposited lead dioxide electrode which is constructed of a ceramic 
substrate and a layer of lead dioxide formed to coat the surface of said ceramic substrate. This electrode has 
excellent electroconductivity. Even if a crack occurs in the coat of lead dioxide while the electrode is in use, the 
electrolysis under way is not interrupted by the crack because the ceramic substrate offers perfect resistance to the 
action of the electrolyte. 


BRIEF EXPLANATION OF THE DRAWING 

FIG. 1 is an X-ray diffraction diagram indicating the structure of electrodeposited lead oxide. 

FIG. 2 is an X-ray diffraction diagram indicating the structure of lead dioxide deposited by the soaking process. 
DETAILED DESCRIPTION OF THE INVENTION 


A ceramic substance is a very poor conductor of electricity. Therefore, lead dioxide cannot be electrodeposited 
directly on the ceramic substance. 


For the formation of electroconductive films on the surface of ceramic articles, there have heretofore been proposed 
methods resorting to techniques such as chemical plating, vacuum evaporation and thermal decomposition. The 
process which comprises plating a given ceramic substrate in advance such as with platinum or silver by one of 
such methods and thereafter causing led dioxide to be electrodeposited thereon is easy to accomplish. It is, 
however, not advantageous from the economical point of view. 


The method of the present invention is characterized by first inducing deposition of lead dioxide by a chemical 


process or a soaking process so as to give rise to an electroconductive layer on the surface of a ceramic substrte 
which is intrinsically a poor conductor of electricity prior to causing electrodeposition of lead dioxide on said 
surface, and subsequently permitting the formed layer of lead dioxide to achieve growth by means of electrolysis 
and thereby producing a fine-grained electrode excellent in electroconductivity and advantageous for actual uses. 


Since the electrode according to the present invention uses a substrate of ceramic substance, it offers high 
resistance to corrosion and can be produced in any desired shape and dimensions. 


A porous substance produced by sintering silica, alumina, magnesia, zirconia, calcia, etc. is used as a ceramic 
material for the production of the substrate in the electrode of the present invention. The ceramic material may be 
made from either one member or from a mixture of a plurality of members selected from the group mentioned 
above. It is quite easy for such a ceramic material to be molded to any desired shape so as to suit the purpose for 
which the finally produced electrode is to be used. 


Since the ceramic substrate thus molded is a poor conductor of electricity, it is subjected to a treatment to impart 
desired electroconductivity to the surface thereof. And this treatment is carried out in accordance with the method 
disclosed by the same inventors in Japaneses Patent Publication No. 20164/1970. To be specific, the porous 
ceramic substrate molded to a desired shape is soaked in an aqueous lead (II) salt solution at temperatures from 
normal room temperature to 100.degree. C, preferably from 50.degree. to 80.degree. C, for a period of not less than 
5 minutes and not more than 1 hour. The aqueous lead (II) salt solution is desired to be an aqueous solution of a 
water-soluble lead salt such as, for example, lead nitrate, lead acetate, lead perchlorate or lead sulfamate. 


At the end of said soaking, said ceramic substrate is taken out of said aqueous lead (II) salt solution and dried. This 
drying may be accomplished either by allowing the wet substrate to stand at normal room temperature or by being 
heated if accelerated drying is required. While the ceramic substrate is standing in the aqueous lead (II) salt 
solution, this solution penetrates into the porous surface layer of the substrate and adheres to the surface thereof as 
well. When the substrate is removed from the solution and then left to stand, the solution deposited in said surface 
layer and on the surface dries up to give rise to a uniform deposit of said lead (II) salt in the form of crystals. 


Thereafter, the dried substrate is again soaked in an ammoniacal aqueous persulfate solution or an alkaline aqueous 
persulfate solution to cause oxidation of the lead salt deposited on the surface. 


The aqueous persulfate solution incorporating aqueous ammonia to be used for said oxidation is obtained by 
preparing an aqueous 8-10% ammonia solution and adding to this solution such an amount of a persulfate to give a 
persulfate concentration of 5 to 6%. The concentrations of ammonia and persulfate mentioned above may be 
increased so as to suit the particular amount of the deposited lead dioxide desired to be oxidized on the surface of 
the substrate. 


The soaking in the aqueous persulfate solution incorporating the aqueous ammonia is required to be given for not 
less than 50 minutes up to 1.5 hours, with the solution temperature kept between normal room temperature and 
60.degree. C, preferably between 50.degree. and 60.degree. C. 


Examples of the persulfate, of which the aqueous solution is used for this oxidation, generally include persulfates 
of ammonium, sodium, potassium, etc. 


The aqueous persulfate solution incorporting an alkali metal hydroxide is obtained by adding a persulfate such as 
of ammonium, sodium or potassium to an aqueous solution of the hydroxide of an alkali metal such as sodium or 
potassium in such relative amounts that, in the finally produced aqueous solution, the alkali metal oxide 
concentration falls in the range of from 20 to 40 g/liter and the persulfate concentration in the range of from 60 to 
100 g/liter respectively, with the pH value of the solution maintained between 13 and 11. 


As the result of the aforementioned treatment, crystals of lead dioxide are deposited on the surface of the substrate 
and in the pores distributed in the surface layer to a depth of several millimeters of the substrate. 


FIG. 2 is an X-ray diffraction diagram of the lead dioxide crystals deposited as described above. The horizontal 
axis is graduated for diffraction angle 20 and the vertical axis for the intensity of diffraction ray. From the 
diffraction diagram, it is seen that the lead dioxide is substantially composed of .alpha.-lead dioxide. If the formed 


layer of deposited lead dioxide does not have sufficient thickness and the substrate fails to show sufficient 
electroconductivity, a desired electroconductive layer can be obtained by repeating the aforementioned step of 
oxidative soaking. This soaking process is nothing but an operation intended to impart sufficient 
electroconductivity to the substrate. A layer of lead dioxide having a thickness sufficient for the purpose of a 
practical electrode is not obtained, therefore, by merely repeating this process. 


Desired growth of the layer of lead dioxide is accomplished by subsequently subjecting the substrate to the 
electrolytic process. This electrolytic process is effected as follows: In an electrolytic cell which contains, as the 
electrolyte, a lead (II) salt such as lead nitrate, lead perchlorate or lead sulfamate and, as the cathode, a piece of 
lead, copper or stainless steel (SUS 304, SUS 316, for example), the ceramic substrate which has been coated with 
lead dioxide in consequence of the aforementioned soaking process is disposed so as to function as the anode and 
electrolysis is effected. 


For the purpose of this electrolysis, it is desired to use aqueous lead nitrate solution as the aqueous lead (II) salt 
solution and to conduct the electrolysis under the following general conditions: The lead nitrate concentration is to 
fall in the range of from 0.5 to 1.0 mole/liter of Pb(NO.sub.3).sub.2, the pH value in the range of from 3.0 to 2.0, 
the solution temperature in the range of from 20.degree. to 60.degree. C and the anode current density in the range 
of from 0.5 to 20 A/dm.sup.2. 


The surface smoothness of the electrodeposited layer of lead dioxide is improved by adding to the electrolyte a 
nonionic surface active agent such as, for example, polyethylene oxide oleylether at a concentration of 5 to 8 
g/liter. The lead ion concentration and the pH value of the electrolyte can be adjusted by addition of a basic lead 
carbonate. 


Where the aqueous solution of any lead (IJ) salt other than lead nitrate is used as the electrolyte, the electrolysis is 
desired to be carried out under the following conditions: The lead (II) salt concentration is to fall in the range of 
from 0.5 to 1.0 mole/liter of electrolyte, the pH value in the range of from 2.0 to 3.0, the solution temperature in 
the range of from 20.degree. to 60.degree. C and the anode current density in the range of from 0.5 to 10 
A/dm.sup.2. The pH value is adjusted likewise by using a basic lead carbonate. Addition of a non-ionic surface 
active agent has a similar effect in improving the surface smoothness of the electrodeposited layer of led dioxide to 
the case of lead nitrate. 


The thickness of the electrodeposited layer of lead dioxide to be formed on the ceramic substrate serving as the 
anode increases with the increasing length of the time of electrolysis. For the purpose of an electrode which is to be 
used in the electrolysis of ordinary aqueous solutions, the layer thickness is generally sufficient in the range of 
from 1 to 3 mm. 


When the layer thickness has increased to reach a prescribed value, the electrolysis is stopped and the product of 
electrodeposition, namely the ceramic substrate now coated with the electrodeposited lead dioxide, is removed from 
the electrolytic cell and washed with water and dried. The drying is effected by first allowing it to stand at normal 
room temperature to 50.degree. C for preliminary drying and then exposing it to a heat at 100.degree. C. The layer 
of electrodeposited lead dioxide thus finally obtained is a fine-grained black coat excellent in electroconductivity. 
FIG. 1 shows an X-ray diffraction diagram of this product. The diagram clearly indicates that the product is an 
.alpha. + .beta. lead dioxide. 


A terminal attached at a proper position to the electrodeposited layer turns the product into a complete electrode 
ready for use. 


EXAMPLE 1 


A porous round bar of corundum (measuring 15mm in diameter and 300mm in height) was soaked in a saturated 
solution of lead (II) nitrate at 90.degree. C for 5 minutes, then removed from the solution and left to dry at normal 
room temperature. Subsequently, the dried bar was placed in a solution which had been prepared by adding 30g of 
ammonium persulfate to 500ml of aqueous ammonia (obtained by diluting an aqueous 28% ammonia solution with 
water of a volume twice as large) and heating the resultant mixture to 50.degree. to 60.degree. C and left to stand 
therein and undergo an oxidation treatment for about 1 hour. At the end of this treatment, the bar was washed first 
with dilute nitric acid and then with water and dried at 100.degree. C. Consequently, the bar was found to be coated 


with a layer of .alpha.-lead dioxide penetrating to a depth of 2 to 3mm from the surface of the substrate. 


Then, the substrate which had been coated with the layer of .alpha.-lead dioxide as described above was disposed 
as an anode and a plate of stainless steel (SUS 304) was disposed as a cathode respectively in an electrolytic cell, 
which was filled with an aqueous 165 g/liter lead nitrate solution (with the pH value adjusted with nitric acid to 
2.0). In this electrolytic cell, electrolysis was carried out at 25.degree. C. The anode current density was fixed at 0.5 
A/dm.sup.2 in the initial phase of electrolysis and increased to a final level of 4-5 A/dm.sup.2 within four hours of 
electrolysis. After that, the flow of electric current was continued for 24 hours, with the current density fixed at said 
final level. 


Subsequently, said substrate used as the anode was taken out, washed with water and dried at 100.degree. C. There 
was consequently obtained an electrodeposited lead dioxide electrode having a corundum substrate coated with a 
uniform 2.0-mm layer of blackish gray lead dioxide. 


In an electrolytic cell divided into two compartments with an unglazed diaphragm, the electrodeposited lead dioxide 
electrode obtained as described above was disposed in the anode compartment and a lead plate of the same shape 
was disposed in the cathode compartment. With this electrolytic cell, production of iodic acid by electrolysis was 
tested under the following conditions: Anode liquid 500ml of 0.6N hydrochloric acid + 100g of powdered iodine, 
cathode liquid 500m1 of 10% sulfuric acid, temperature 40.degree. C, voltage 5V, electric current 7A, anode 
current density 14 A/dm.sup.2. The flow of current was continued until 110.0 AH. Then it was discontinued and 
the anode liquid was evaporated to produce 134¢ of iodic acid. By calculation, the yield was found to be 96.7%, 

the current efficiency to be 92.8% and the anode consumption to be 0.4 g/100g of HIO.sub.3. These results were 
substantially the same as those obtained by using a substrateless lead dioxide electrode. 


The fact that the electrodeposited lead dioxide electrode according to the present invention has greater strength than 
the substrate-less electrodeposited lead dioxide clearly indicates that the former excels over the latter in terms of 
practical utility. 


EXAMPLE 2 


A porous plate of mullite (measuring 50 .times. 150 .times. 2mm) was soaked in an aqueous lead (II) nitrate 
solution by following the procedure of Example 1. The it was taken out of the solution and immediately dried. The 
dried porous plate was then placed in a 30 g/500 ml potassium persulfate solution and, with the pH value adjusted 
to 12-13 by incorporation of 2N aqueous temperatures of hydroxide solution, treated for 1 hour at temperaturesof 
from 50.degree. to 60.degree. C. Then the plate was washed with water and dried similarly to Example 1. The dried 
plate was found to be coated with a uniform layer of .alpha.-lead dioxide having the same thickness as that 
obtained in Example 1 and penetrating into the surface layer of the porous substrate to a depth of 2 to 3mm from 
the surface. Subsequently, this plate was used to perform electrolysis and then treated in the same manner as 
before. Consequently, there was obtained an electrodeposited lead dioxide electrode having the porous substrate of 
mullite coated with a uniform compact layer of blackish gray lead dioxide having a thickness of 1.5mm. 


With this electrode used as the anode, electrolysis was performed by faithfully following the procedure of Example 
1. The electrolysis gave entirely the same results, indicating that the porous mullite substrate coated with the layer 
of lead dioxide served as an excellent electrodeposited lead dioxide electrode similarly to the electrode described in 
Example 1. 


EXAMPLE 3 


A porous plate of zirconia (measuring 50 .times. 150 .times. 3mm) was soaked in a solution of lead perchlorate 
(226 g/1000 ml) at 40.degree. to 50.degree. C for 10 minutes, then removed from the solution and dried at 
50.degree. C. 


Subsequently, the dried plate was placed in a solution which has been prepared by adding 30g of ammonium 
persulfate to 500ml of aqueous ammonia (obtained by diluting an aqueous 28% ammonia solution with water of a 
volume twice as large) and heating the resultant mixture to 50.degree. to 60.degree. C and left to stand therein and 
undergo an oxidation treatment for 1 hour. At the end of this treatment, the plate was washed first with dilute nitric 
acid and then water and dried at 100.degree. C. 


After completion of this chemical treatment, the plate was used to conduct electrolysis under the same conditions as 
those described in Example 1. Consequently, as in Examples 1 and 2, there was obtained an electrodeposited lead 
dioxide electrode with a uniform compact layer of blackish gray lead dioxide having a thickness of 1 to 1.5mm. 
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Anode Overvoltage 

Overpotential or Overvoltage refers to the excess electrical potential over theoretical potential at which the desired 
element is discharged at the electrode surface. 

It will obviously vary with the different Anode materials. It also varies from electrolyte to electrolyte given a fixed 
Anode material. It also varies with current density, age, temperature etc. For Chlorate making we would like an 
Anode with a low Chlorine overpotential and a higher Oxygen overpotential. Because Amateur Chlorate cells are 
(usually) not pH controlled, we also need an Anode material with a low overpotential for the Oxidation of 
Hypochlorite ion. 

For Perchlorate making we want a material with a low potential for both the Anodic Oxidation of water and the 
discharge of the Chlorate ion, and a high Oxygen overpotential. The higher the Oxygen overpotential the better 
because it means that Oxygen will not be made at the Anode. Oxygen forming at the Anode is a leakage current we 
do not want and is one of the reasons for not getting 100% current efficiency when making Chlorate or Perchlorate. 
It also wears the Anode. 


Catalytic activity of Anode material 

The Catalytic activity is very much tied into the different Anodic overpotenitals of the Anode material and is really 
the same subject from a slightly different point of view. 

When making Chlorate in a non pH controlled cell, Chlorate is produced at the Anode surface by Oxidation of 
Hypochlorite ion to Chlorate (also known as 'Anodic Chlorate formation’, or 'Making Chlorate by electricity’, see 
Cell Chem. section). In industrial cells a different reaction takes place in the bulk of the solution (after Chlorine is 
produced at the Anode) as the pH is favourable for the appropriate species to be present in the proper ratio in the 
liquid for these so called 'bulk' reactions (also known as 'Chemical Chlorate formation’) to happen. 

In industry the Anodic Oxidation of Hypochlorite is very undesirable and is avoided. In amateur non-pH controlled 
cells it is the way all the Chlorate gets produced. The Anode material must therefor have Catalytic activity for the 


evolution of Cl” and in addition to this must have catalytic activity for the Oxidation of Hypohlorite ion in the non- 
pH controlled Chlorate cell. 

Magnetite has poor to zero activity for the Oxidation of Hypochlorite ion. Pt, C, MMO and MnO2 are OK. PbO2 is 
not very good AFAICS. 

In the Perchlorate cell certain species get adsorbed (form a thin coating) on the Anode and reactions happen at the 
Anode surface only. The Anode material must not incourage the formation of Oxygen or it will be the dominant 
reaction and no Perchlorate will get formed. 


Cell Anodes 


Graphite is a dense form of the element Carbon. The terms Graphite and Carbon are sometimes 
used interchangeably. 

Dense Graphite is much better than Carbon (softer and more porous than Graphite) as far as 
erosion is concerned. 

Graphite or Carbon can be make to last longer by impregnating it with Linseed oil or some 
other substance to plug pores in order to decrease shredding. Dense Graphite cannot be 
impregnated with the oil. Proper pH control of the cell is of huge significance in regards to 
erosion too. 


Carbon can be purchased at welding supply shops in the form of Gouging rods, and it is very 
advantageous to treat them with Linseed oil or other products, to make them last longer as they 
are very porous. 

Gouging rods are manufactured in various ways and may even contain Iron particles. That may 
be good for gouging, not so good for Chlorate making. 

Dense Graphite can be purchased at engineering supply shops where it is used in EDM's 
(Electro Discharge Machines). 

Carbon rods from dry cell batteries can also be used. A large Graphite art pencil can also be 
used successfully. 

Industrial users of Graphite keep the temperature below 40°C, Chloride concentration above 
100¢/1 and current density between 33 & 43 mA per square cm therefor Graphite Anodes will 
be big and bulky compared to other types. 

It should be noted that as Graphite rods erode their surface area gets less and less. Therefor the 
current density will increase as will erosion. Bear this in mind when using Graphite rods. 
Controlling the pH of the cell will have a huge influence on erosion. Figures from Industry 
regarding Graphite erosion are very impressive, being as low as 4 kg per Ton Sodium Chlorate 
(4 grams per kg Na Chlorate). 

There is information regarding pH controlled amateur cells in the ‘Graphite Anode' section 
below. The big Anode killers are high pH and a Chloride concentration below 30 grams per 
liter. 


Graphite will NOT make Perchlorate in any sensible fashion, (unless in a cell with a 
diaphragm ?). 


A good Lead Dioxide Anode will last a long time and it is not effected by high temperature's 
(within reason, below 55C) or low Chloride levels. If Chloride levels get low in the Chlorate 
cell (approximately 50g per litre Chloride), Perchlorate will start to form. You should not use 
Chromate additive with a Lead Dioxide Anode which in turn means that you should not use 
some types of Stainless Steel as they may corrode a small amount and introduce small amounts 
of Chromate into the electrolyte, 316 is OK. Chromate's lower current efficiency by forming a 
thin layer on the surface of the Anode. Anode current densities of 80mA to 300mA per square 
cm can be used. The lower current densities are used in Chlorate cells as current efficiency will 
suffer if a high current density is used. High current densities do not effect current efficiency in 
Perchlorate cells, in fact it improves CE. 

Lead Dioxide is the HOLY GRAIL of Anodes. It can be let run and run until all Chloride has 
turned to Perchlorate which saves a great amount of labour. This in not a sensible way to 
proceed though IMO. The Ti substrate Anode is the way forward for LD Anodes. 


Platinum is a good Anode but is expensive. It will make Chlorate and Perchlorate. 

Erosion increases if Chloride levels are low in a Chlorate cell and also if Chlorate levels are 
low in a Perchlorate cell. The presence of Chloride in a Perchlorate cell also increases erosion. 
If using this Anode material to make Perchlorate, start with a cell that has zero (0.00%) 
Chloride in it and use Dichromate to stop Chloride formation at the Cathode and thus help 
protect the Anode. 

Pt has been plated onto Valve metals (Ti, Ta, Hf, Nb) for use in Industry. If purchasing a plated 
Valve metal Anode be aware of the coating thickness as some are very thin. Pt depths of 1.27 
to 2.54 micron have been reported for Chlorine production Anodes with wear rates of 0.5 grams 
per ton Chlorine (Metals Handbook). 

Pt/Ir alloys (choice of industry) with current density's as high as 750mA per square cm have 
seen use in Perchlorate cells. Pt is not too temperature sensitive as far as corrosion is concerned, 
keep below 40C. Current densities can be high at 300mA and up, 600mA has been use in a 
commercial cell for Perchlorate. 


Platinum 


Wear rates of 500 to 220mg/Tonne have been stated. Smooth Pt, for example wire, (same as 
electro deposited Pt) is preferred as its wear rate is less that other forms of Pt, like for example 
thermally deposited coatings. 

Pool Chlorination Anodes are sometimes Pt based (as opposed to MMO). 


MMO (Mixed Metal Oxide (Trade Name: DSA (Dimensionally Stable Anode)), usually made 
from the Oxides of Noble Metals, Ru and Ir, on a Titanium (a Valve metal) substrate. Used by 


ALL Chlorate Industrial setup's nowadays. Not recommended to be used in electrolytes where 
the Chloride level has been let drop very low (30g/1 absolute minimum), better to keep at or 
above 50g/l Chloride. They can be used at relatively high current densities, 300mA per square 


cm, around 200mA per square cm could be considered a working value. There are a range of 
DSA . : os ; 
Li MMO types on the market. In corrosion prevention applications they are used in very low 
MMO Chloride concentrations at low current density. They are also used in swimming pool 


Chlorination systems. 

MMO will not make Perchlorate AFAIK though some types (Pt Oxide based) may be capable 
of making Perchlorate. 

MMO should not be operated at high temperatures. Pool Chlorination Anodes are mostly MMO 
Anodes though sometimes they are Pt metal based. Do not use Fluoride additive with MMO. 


It has been used to make Chlorates in Japan (and India) up to (and beyond?) 1971. Anodes last 
a long time in a Chlorate cell even if there are low Chloride concentrations. Current density's up 
to 30mA per square cm have been used in Industry. Current density is not limited by erosion 
concerns but rather by economic reasons as current efficiency suffers a lot. High temperatures 
do not erode them, up to 70C. They will not lower the Chloride concentration efficiently to low 


Magnelite levels possibly because of their surface electro chemistry. 


You must use pH control in order to obtain Chlorate. Magnetite will make Perchlorate but at a 
rather low CE. 

Ferrite's, as used in high frequency transformers and radio aerials, will not make Chlorate as 
they are not conductive. 


Manganese||This Anode will make Chlorates very successfully. In a Perchlorate cell it erodes. This Anode is 
easy to make and has been shown to work in a Chlorate cell for weeks. Use at approx. 5|0mA 
per square cm. pH control would probably help greatly by lowering erosion. 


This Anode will make Chlorates and Perchlorates but it will not stand up to Chlorate cells for 
more than a few days. It only lasts for hours in a Perchlorate cell. 


The Tin Oxide Anode doped with Antimony is not a very successful Chlorate or Perchlorate 
Anode. Tin Oxide doped with Bi Oxide is stated to be useful for Perchlorate production in a 


Theses metals will not make Chlorate or Perchlorate. "Titanium Anodes' are mentioned as being 
used for Chlorate production. It is Ti with a coating of MMO that is really being referred to. 


Car battery plates have been suggested as Anodes for cells 1001 times. I have not read any 
reports of success using them. They will fall apart or passivate soon after going to work. The 
Lead Dioxide in held in a Lead metal mesh. It is not hard and compact like a proper LD Anode. 
The Lead mesh is also exposed and will erode. 


The Tin Oxide (Sn02) Anode 


The Diamond Anode 
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The Graphite Anode 


Graphite (or Carbon) has been the main Anode for Chlorate production until it was replaced by MMO (Mixed 
Metal Oxides) Anodes. It is available to purchase as 'Gouging rods', EDM (Electro Discharge Machine) Graphite, 
large electrodes and also carbon rods in dry cell batteries. It is only suitable for Chlorate production, and will erode 
excessively if used to make Perchlorate. Graphite may be dense and hard (EDM) or it may be more porous and 
softer/weaker (Gouging Rods). 

It is advantageous to treat porous Graphite with Linseed oil or other substance to fill up pours to slow up shredding 
and make it last longer in the cell. See treating Graphite. There is little advantage in treating hard dense Graphite. 
Battery carbons do not need to be treated, see Wouters page for info. on battery rods. 

If using Gouging rods the Copper metal coating must be peeled off first. Some small flakes of Copper can remain 
stuck to the rod. This Copper can be removed by electrolysing the rods in some NaCl until all Copper is gone and 
discarding the electrolyte. Rods will then need to be washed and dried if you are going to seal them. 

The harder and more dense Graphite is, the longer it will last in a cell. 


The main advantage with Graphite is the fact that is is cheap and easily available as 'Gouging rods’, EDM or battery 
carbon rods. It is non toxic. The main disadvantage is the fact that it erodes a certain amount. This makes a black 
suspension/sludge in the cell that much be removed. Purchasing Graphite in lump or sheet form and cutting will be 
cheaper than purchasing rods. 


For Graphite there are four main conditions that should be met to 
keep erosion to a minimum. 

I) The Chloride concentration in the cell should be kept above 50 
Grams per Liter (this is most important). Severe Anode erosion will 
begin at 30g/I. 

II) The pH of the cell should be kept around neutral by adding acid 
to the cell (this is most important). 

III) The temperature of the cell should be kept below 40°C though 
it can go up to 60°C without undue erosion. 

IV) The current density (CD) on the Anode should be kept at 
around 35mA per cm squared. (33 to 43) is used in industry. 
Reading from reports of people using Graphite Anodes, it would 
appear that quite high current densities and quite high temperatures 
can be tolerated without excessive erosion. The big Graphite killer 
is low Chloride concentration and high cell pH. 

Be aware, especially with rods that as the Anode wears the rod gets 
thinner, the surface area gets less and current density will rise (if 
current is kept constant). As rod Anodes wear you need to lower 
the current going into cell or add more rods etc if you wish current 


Fig. 3. Experimental and compilative plot of graphite | density to remain constant. This problem does not happen so much 
wear G versus pH value of sodium chloride solution both . . 
in chlorine and chlorate electrolysis at 3-5 A dm=?. with sheet Graphite. 


When you control pH you will get higher current efficiency and 
lower erosion and the Graphite that gets eroded does not all appear as black sludge (as in the non-pH controlled 
cell) but some of it goes off as CO2. 


The figures for Graphite erosion in a pH controlled cell are in the region of 3 to 6 grams Graphite sludge per kg 
Sodium Chlorate produced. 

Graphite is not to difficult to remove from the cell liquid when extraction of Sodium Chlorate begins. Boil the cell 
contents for approx. five or ten minutes (Al vessel not suitable) to destroy Hypochlorites and remove dissolved gas. 
Allow all the Graphite to settle to the bottom (few days) and decant off the clear liquid. The remaining small 


amount of black liquid can be filtered if desired to obtain all the Chlorate. 

Even in a pH controlled cell with low erosion it is next to impossible to make Potassium Chlorate that is snow 
white unless you add a large volume of water to the cell contents after the cell run has finished, in order to dissolve 
all the K Chlorate, so that settling of Graphite is possible. Filtering hot solutions of K Chlorate is next to 
impossible as the K Chlorate will precipitate on/in the filter. With pH controlled cells the produced K Chlorate 
could be used after a washing if the amount of black discoloration can be tolerated. 


See this link for some accounts of running Graphite Anodes under different conditions. 


Graphite will get eroded far far too much if it is used to make Perchlorate. 
It can only be operated in a cell with a diaphragm, See US Pat. 1,279,593 
See here for an attempt to manufacture Perchlorate using Graphite in a cell without a diaphragm. 


See 'The effect of pH on Graphite wear in a Chlorate cell process’ here. 

There is more information on the Graphite Anode to be found in Industrial Electrochemical Processes here. 
Two more refs. for Graphite Anode information are: 

T.C. Jeffery, Electrochem. Technol., 5 (1967) 246 (in diaphragm, Chlor- Alkali cells) 

R. Proft and S. Richter, Chem. Techn. (D.D.R.), 10 (1969) 611 (porosity and current efficiency, Chlor- Alkali) 
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Treating Graphite 


Graphite is attacked in the Chlorate cell. The mechanism by which is shreds is both chemical and physical. The 
physical shredding process is helped by pours in the Graphite and it is adventageous to fill them up. This is done by 
putting the rods in a vacuum chamber (glass tube can be used) with Linseed oil, all air is extracted from the 
chamber, and the Linseed oil will penetrate the Graphite when the vacuum is removed. The Graphite is left to cure 
for at least 3 weeks. 


Quote from sciencemadness.org: 


I have been told that linseed oil soaking helps make rods last longer. Frogfot said that 
scaaang cous with 15% linseed oil / 85% mineral spirit under vacuum, then curing, is the best 
Hie alsa said that some people use the same mix but without vacuum, but that it doesn't work as 
Dee agar know the best way to treat rods with linseed oil (or linseed oil/solvent mix)? 


I treat my gouging rods with about 10 - 15% by volume boiled linseed oil in "AQUELLUX S". 


"Aquellux S" is a cement and concrete water proofing material (paint and spray on type) 
comprising 

Sale and siloxane mixed with white spirits. It has amazing penetrating properties. When the 
rods 

ay dropped in the solution they actually fizz as the air is forced out. I then pump them down 
under 

a light vacuum (old refrigerator compressor). The "vacuum" chamber is just some PVC drain pipe 
with end caps. ; 

But leaving them for a few days without vacuum should be OK. ; 

chee thought that the linseed oil procedure was a bit "old fashioned" and that there 
shou e 

tad modern materials available, hence the silane/siloxane. It seems like a good topic for 
the amateur. 

Battery carbons appear to have a waxy substance impregnating them. I did a few experiments 
dissolving ; ; ; ; 

various waxes in various solvents but never carried it further. 


I believe "Aquellux S" is available all over the world, even upstate New York! 

a ed event, I just mentioned that as an example, check out concrete and cement treatments in 
ardware 

stores,etc. There should be something similar. These silicone based treatments aren't pore 

Le rer | they 

just line the pores. You need the addition of a thicker substance like the linseed oil to 
actually fill 

up the pores. 

I think aa mentioned it at least twice in other threads, to get a good connection to a 
ouging rod, 
feme About 2-3 cm of the copper on the end of the rod that you are going to make the 
electrical connection. 

You can then solder your wires onto the copper, or make small stainless steel clips to clamp 
onto the copper. 
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Graphite Anode under various conditions 


Graphite in Na & K pH controlled cells 


Most Amateur Chlorate cells are run without any pH control. The pH of these cells increases from neutral to approx. 9 after a few hours of 
operation due to escape of Chlorine gas from the cell. When the pH gets high it is impossible for any more Chlorine to escape and the pH 
stabilizes. The high pH is the main reason for most of the Graphite erosion. When acid is added to the cell continously or at fairly short time 
intervals the pH can be maintained in the region of 6.8. This is the 'sweet spot’ for maximum current effeciency and gives low Anode erosion. The 
rate of addition for 12% HC] is in the region of 0.134ml per hour per amp when the cell has run for about two days. You need larger acid additions 
before this to keep pH at 7.0. 


Sodium Chlorate cell No. 1 


we A pH controlled Sodium Chlorate cell was set up to investigate the effect of pH contol 
Current efficiency 1 anode erosion and CE. The particulars are shown in the table. There were four Gell details 


Days %CE Titanium Cathodes, two flat and two wire. The backs of the flat Cathodes were Temperature Ric sd 
0to2 57. covered with plastic to keep the current density on the Cathodes high so as to keep 2.2 liters 


unwanted reductions (Chlorate and Hypochlorite being converted back to Chloride) at 


2 
2to6 75 a minimum. No additives like Chromate etc were added to the cell. The cell was ran 153 cm : 


6 to 9 90 for a total of 23 days. 28 to 34 Amps/cm? 
9to 11 g1 Acid (12% HCl) into cell was 1.8ml per hour for the first two days. Then decreasing to 
aia 79 0.6 over the next 4 days and left in that region until stopped. Sometimes I added some 


4.2 to 5.2 amps 
acid (few ml) manually if I though pH was getting away. Sometimes I turned acid off |/Cathode area ||37 cm2 


14 to 18 72 for some hours if pH seemed to drift low. See the second Na Chlorate cell for more T 
: ake ie : otal ah 2484ah 
18to20 42 ~~ accurate acid addition figures. Acid was stopped on day 18 as the pH seemed to 

stabilize at 6.8 without any additions of acid. This may be a usable indicator of when it|[Total Chlorate|/1278 grams 
a 42 isa good time to stop a Graphite Anode cell to avoid Anode erosion. Overall CE ||78% 
The Anode erosion is pictured below. 96% (in my estimation) of the erosion took 
place in the last four days of operation when Chloride when to 25 grams per liter (500 g/l Chlorate). Thus the absolute minimum Chloride 
concentration that must be observed to avoid Anode meltdown is 30g/1. Perchlorate was detected at the end of day 23 (cell was then stopped) at a 
Chloride concentration of 10g/1. 
The electrolyte was boiled and the Graphite let settle for a few days. There was a strong yellow colour in the clear electrolyte above the Graphite 
sludge. 


» Above: Day 12, no erosion visible 
a Below: End of run, erosion evident 


——— et 


Sodium Chlorate cell No. 2 


A second Na Chlorate cell was set up using the same Anode and cell. The acid addition was more controlled this time with a total of 200m] 12% 
HC] added to the cell. The cell was insulated so that it ran at a higher temperature. Current into cell and CD on Anode/Cathodes was similar to first 
cell run. Once again the Anode erosion was very low with a total of 4.6 grams of Graphite sludge, equal to 6.2 grams Graphite sludge per KG 
Sodium Chlorate produced. This may not be the total Anode erosion story as some Graphite may be converted into Carbon Dioxide? When the 
cell run was complete, the cell contents was boiled and let settle for 3 days. most of the electrolyte was syphoned away which left approx. 170ml 
of electrolyte containing all the Graphite sludge. This was filtered through a 12cm filter paper. There was a yellow color in the clear electrolyte. 
Details of the run are shown in the graph below. 
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No additives in cell. 4.6g Graphite filtered 
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It would appear that is is best to run the cell on past the 100 grams per liter Chloride point (to perhaps 50 or 40 grams per liter) as Anode erosion is 
OK and CE is still high. There would also be more Chlorate to harvest and it is easier to harvest it, as the concentration of Chlorate is higher and 
the concentration of Chloride lower. 

There appears to be only a small %CE advantage in running the cell hot, as CE obtained in the first Na Chlorate cell run (which went all the way 
to low Chloride concentration) at 20°C was 78% which is close to the CE for cell No. 2(84%) at 50°C. 


Potassium Chlorate cell run 


The same cell as above was run with K Chloride. The cell was run for 7 days at an average of 4.5 amps and a temperature of 20°C. Total ah into 
cell was 842. K Chlorate extracted by freezing the cell contents was 422 grams giving a CE of 66%. The cell could of course be run for longer but 
the cell was filling up with solid K Chlorate and actually interfering with it's operation as the Anode was very close to the bottom of the cell. The 
Chlorate also gathered on the Anode throughout the run but this did not seem to effect the cells operation. 

Acid additions were a bit erratic due to various external reason but when the cell was running steady the acid addition was similar to the NaCl cells 
above. 

When the cell was first started the KCl solutions pH was measured at 6.4. Three ml of acid was added to the cell to give the acid a bit of a ‘head 
start’ which took the pH to 1.9 The rate of acid going into cell from the pump was 1.8 ml per hour (similar to start of other NaCl cells above). Two 
hours later, with terrible smell coming from the cell, pH was measured at 0.3. The acid was turned off for 4.5 hours when pH was measured to be 
7.6. Twenty ml (large amount) of acid was added to cell to reduce pH to 7.4. The rate of acid being pumped in was increased to 3.3ml per hour 
(large amount). 13.5 hours later the pH was at 6.8 and more normal acid additions resumed. 

It would appear that it is a very bad idea to add acid at the start of the cell run. Just set up pump and let the cell takes it's course. 


Graphite in a pH controlled cell with high current density on Anode 


A 2.2 litre cell with an EDM (Electro Discharge Machine) Graphite Anode was run and CE was calculated when Chloride was in the range of 
approx. 250g/1 to 86g/] over a seven day period (approx. 4 day period followed by approx. 3 day period). The current density on the Anode was 
very high at 77mA per square cm. Temperature of cell was approx. 65°C (high for Graphite). Current into cell was 10 Ampers. Cathodes were 
small. pH was controlled. The Anode was weighed to ascertain weight loss. 


Erosion details 


This erosion rate in this cell is approx. three times higher when compared to a pH controlled Chloride level g/l||Grams Graphite eroded per ||, .p 
cell where CD on the Anode is approx. 34mA per square cm and temperature is lower at Sodium Chloride || KG Na Chlorate produced 

approx. 40°C, where you get an approx. wear rate of 6 grams Graphite per KG Sodium 250 to 155 | 20 60% 
Chlorate produced. The CE is also down by about 18% in the above cell when compared to 15510 64 | 50 58% 


pH controlled cell at more normal current density on Anode. 
The erosion rates for the cell conditions above are high when Chloride concentration starts to decrease somewhere below 155 grams per litre. 


Graphite in a non pH controlled cell 


A 2.2 litre cell with an EDM (Electro Discharge Machine) Graphite Anode was run and CE was calculated when Chloride was in the range of 
300¢/1 to 20g/l over a 52 day period (approx. 29 day period followed by approx. 23 day period). The current density on the Anode was 30mA per 
square cm. Temperature of cell was approx. 33°C. Current into cell was 4 Amps. Cathodes were small. pH was not controlled. The Anode was 
weighed to ascertain weight loss. 

The pH of the cell remained in the region of 8.2 which seemed low for a non-pH controlled cell. CE was very low at approx. 35%. 


Erosion details 


This erosion rate in this cell is approx. 8.5 times higher when compared to a pH controlled _|Chloride level g/l||Grams Graphite eroded per ||, .p 

cell where CD on the Anode is approx. 34mA per square cm and temperature at approx. Sodium Chloride | KG Na Chlorate produced 

40°C, where you get an approx. wear rate of 6 grams Graphite per KG Sodium Chlorate 300 to 133 | 52.4 36% 

produced. The CE is also down alot, as expected. Perchlorate was detected in the cell at the a 
133t019 |] xXx 32% 

end with a large wear rate on the Anode. The wear rate was not measured between 133 and 

19 grams per litre Chloride because of the very large amount of wear on the Anode in the last 30 hours or so of operation. 


The colour of the filtered electrolyte was a very Orange/Yellow colour, more coloured than in a cell with pH controll. 
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‘UNITED STATES 


PATENT OFFICE. 


EUGENE PAUL SCHOCH AND RUFUS HUBBARD PRITCHETT, OF AUSTIN, TEXAS. 


PROCESS OF PRODUCING PERHALATES, 


4,279,593, 


‘Specification of Letters Patent. Patented Sept. 


24, 118. 


-Application filed April 18,1918. Seriai No. 229,382. 


To all whom it may concern: : 

Be it known that we, Euerene Pauw 
Scuoce and Rurvs Hussarp PrircHertt, 
both citizens of the United States, both re- 
siding at Austin, in the county of Travis 
and State of Texas, have invented certain 
new and useful Improvements in Processes 
of Producing Perhalates; and we do hereby 
declare the following to be a full, clear, and 
exact description of the invention, such as 
will enable others skilled in the art to which 


it appertains to make and use the same. 


id 
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This invention relates to a process of pro- 
ducing perhalates, and especially perchlo- 
rates, and their corresponding acids, through 
the use of an anode composed essentially of 
carbon, or silicon, and has for its object to 
provide a method which will be simple to 
carry out and more economical in practice 
than those heretofore proposed. 

With these and other objects in view the 
invention consists in the novel steps and 
combinations of steps involving the use of 
a carbon or silicon anode, and constituting 
the process, all as will be more fully herein- 


_ after disclosed and particularly pointed out 
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in the claims. 
’ Referring to the accompanying drawings 
forming a part of this specification in which 


Views — 

Figure 1 is a diagrammatic sectional view 
of an apparatus 
the invention; and— . 

Fig. 2 is a plan view of the parts shown 
in Fig. 1. 


1 indicates any suitable containér, 2 any’ 


suitable electrolyte, such for example, as 
sodium chlorate, NaClO,, which may have 
an impurity such as sedium.chlorid mixed 
therewith, 3 any suitable carbon or silicon, 


or chemically similar anode, 4 any suitable’ 


metallic cathode such as copper gauze, 
nickel, iron, etc., and 5 a porous cup or other 
diaphragm surrounding the cathode 4, to 
separate the anode liquid from the cathode. 

In order that the precise invention may 


be the more clearly understood it is said:—_ 


Prior to cur invention, it has been errone- 


ously believed that no commercial quantity 


_ of perchlorates could be produced in an elec- 


. trolytic .cell using 2 carbon anode. This. 


erroneous belief has been founded partly on 


8 


Lea 


the fact that the oxygen liberated at the car- 


-bon/ anode in an, acid solution -gives rise to. 


“a ‘disintegration, ot oxidation, of the carbon 


suitable for carrying out 


material ; and hence it was thought that such 
disintegration would be sufficient to destroy 
the anode to such an extent as to make the 
process impracticable commercially. 

Winteler, in Zeitschrift fir Etektrache- 
mae, vol. 7 of 1901, p. 635, is authority fer, 
and is probably one of the chief sources of 
the belief that a carbon anode cannot be 
substituted for platinum anode in an acid 
electrolyzing solution when producing per- 
chlorates’on a commercial scale. 

Further, it is a well recognized fact, that, 
if the solution is maintained neutral or al- 
kaline throughout the process, the discharge 
potential from a carbon anode will not be 
great enough to commercially form per- 
chlorates. Winteler really recognizes this 
fact also, for he states broadly that per- 
chlorates cannot be formed at all with car- 
bon electrodes. io 

We haves discovered, on the other hand, 
that it is perfectly feasible to substitute car- 


.bon, or silicon, for platinum as anodes, in 


the.commercial production of perchlorates, 
and that therefore the present very high 
cost that the use of platinum entails may be 


avoided, not only in the commercial preduc- . 


tion: of perchlorates in general, but also in 


- the commercial production of perhalates. 
like numerals designate like parts in all the © 


In carrying out our process, we employ an 
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anode consisting essentially of carbon, or of . 


silicon, and prefer to start with an acid 
solution of the chlorate corresponding to 
the perhalate to be made, but of course, we 
may start with a neutral, or even an alka- 


line solution, and permit the action of the | 


current to render the solution acid as the 
process proceeds. 
Referring to the drawings, we prefer to 


-employ a current strength of from say three 


to twenty amperes per one hundred square 
centimeters on the anode surface, and it is 


._ also preferred to keep the solution cold dur- 


ing the entire process. As the current passes 


_ the usual cathode reactions take place in the 
hydroxid solution 6 


provided of course, such 
a solution surrounds the cathodes 4; and at 
the anode 3 likewise, the usual reactions will 
take place which in this case consists of the 
discharge of the oxygen ions from the wa- 


-ter, and the reaction of this oxygen with 
the chlorate ions at the surface of the carbon" 


anode, This last mentioned reaction will 
form. perchlorate ions and free electrons 
which pass out through the pole, The hy- 
drogen ions left from the: water molecules. 
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of which the oxygen has been used up, re- 

main free in the solution and render tho 

same acid in character. 
We have found by actual tests that with 


an apparatus constructed as above described, 


provided the anode is surrounded by any 
appreciable quantity of the acid solution, 
we can, on a commercial scale, continue to 
convert the chlorate until practically the 
whole of it is changed into perchlorate, for 
our tests show a conversion efficiency of say 


. 50%. or greater of the total amount of cur- 
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rent employed. On the other hand these 
results are impossible if the anode is in con- 
tact with an alkaline solution. 


It will thas be seen that contrary to the . 
statement of Winteler as well as of other’ 


authorities, not necessary to mention, and 
certainly contrary to the common belief 
among those skilled in the art, the substitu- 
tion of carbon or silicon for the now almost 
prohibitive platinum is perfectly feasible in 
the manufacture of perchlorates at a com- 
mercial] efficiency. 

Our tests further show that although a 
small decomposition of the carbon anode 
actually takes place, yet, it has not proved 
to be at all nrotibitive. and in some cases it 
has been as low as 9% by weight of the 
weight of the perchlorate produced. 

In the absence of porous diaphragms, such 
as 5, the alkali produced by the pole reac- 


tions at the cathode will, of course, tend ‘to: 


neutralize the acid produced at the anode, 
but the acidification of the liquid around the 
anode will increase unless the two liquids are 
properly mixed. If said liquids are mixed, 
of course, substantially no perchlorate at all 
will be formed. But, if the liquids are not 
mixed, the acidification around, the anode. 
will increase as the process continues, and 
will depend upon the distance the anode and 
cathode are separated. ” 

tn other words, when the liquids are not 
mixed, a slight acidity may be maintained 
around the anode and this acidity may be 
increased by the addition of acid from an. 
extraneous source. Under these conditions, 
perchlorate has also been obtained by us in 
appreciable quantities. But, in such acidi- 
fied solutions, the chlorate that comes in 
contact with the cathode is reduced to the 
chlorid, and when the chlorid thus formed 


comes. in contact with the anode again, it 


becomes oxidized and thus it entails a waste 
of current in so far as the formation of 
perchlorate from chlorate is concerned. 
Furthermore, this formation of the chlorid 
is objectionable for we have found in carry- 
ing out our process that the. extensive si- 
multaneous oxidation of the chlorids at the 
anode increases appreeenly the carbon anode 
lence te overcome both of 
these sources of trouble, we have separated 
the cathodes 4 by porous diaphragms 5 from 


1,270,508 


the anode liquid, thus preventing access of 
the acidified chlorate solution to the cathode 
and its consequent reduction to the chlorid. 
Tt will now be clear that by operating as 
above disclosed we are enabled to substitute 
the non-metallic elements of the carbon 
group, ¢. g., carbon, and silicon, for the ex- 
pensive platinum heretofore thought neces- 
sary for the preduction of perchlorates, and 
therefore, we are enabled to commercially 
produce not only a perchlorate of sodium or 
potassium at a much less cost in the plant 
than was heretofore thought to be possible, 
but we are enabled to produce perhalates 
in general. e 
We have further discovered that the de- 
composition of the carbon and silicon anodes 
may be greatly diminished and the current 
efficiency increased, by the following treat- 
ment, preliminary to their use:—heating the 
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anodes, plunging them into a bath of melted —- 


parafiin, ceresin, or ozocerite, and allowing 
them to remain until cool, whereupon the 
cuter conducting surface may be exposed by 
mechanically cleaning off the excess of wax- 
like material, ; 

This treatment not only prevents the solu- 
tion from penetrating inte the pores of the 
anodes, thus causing a mechanical disinte- 
gration by tl 


the evolution of 


gases therein, 


80 - 


05 


etc., but it also limits the active surface to 


an outer surface of known extent, and makes: 
it possible to provide a definite current den-. 


sity. This latter is very desirable, because, 
too low or too high a current density entails 
a lower current efficiency. 

_ We have found the mast efficient form of 
carbon for our process to be that known as 
retort.carbon. In fact, the retort carbon has 
been found to possess the surprising quality 
of being a plurality of times more ellicient 


for this particular purpose than Acheson 
‘ graphite. Of course, it is obvious that perio- 


dates, perbromates, and their correspond- 
ing acids may be preduced in’the same man- 
ner as the perchlorates, and the perchloric 
acid above mentioned; and it is further ob- 
vious that in addition to the employment of 
alkali metal chlorates as electrolytes, we m2y 
use any soluble chlorates, including chloric 
acid. — ; 

It is obvious that those skilled in the art 
may vary the process without departing 
from the spirit thereof, and therefore, we 
do not wish to be limited to the above’ dis- 
closure except as may be required by the 
claims. 

_ What we claim is:— 

1. The process of producin 
in commercial quantities which consists in. 
electrolyzing the corresponding halate solu- 
tion with an anode comprising a nen-metal- 


a pethalate 
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lic element of the carbon group and in con- 


tact with an acid solution, substantially es 
described, 
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2. The process of producing a perhalate 
in a commercial quantity which consists in 
electrolyzing the corresponding halate solu- 
tion with an anode containing carbon and 
in contact with an acid solution, substan- 
tially as described. 

3. The process of producing a perchlorate 
which consists in electrolyzmg the corre- 
sponding acid chlorate’ solution with an 
anode comprising carbon, substantially as 
described. re 

4, The process of producing a perchlorate 
of an alkali metal which consists in electro- 
lyzing the corresponding acid chlorate solu- 
tion with a carbon anode, substantially as 
des¢ribed. 


e 


5, The process of producing sodium per- 
chlorate which consists in electrolyzing an 
acid solution of sodium chlorate with an 
anode of gas retort carbon, substantially as 
described. 

6. The process of producing sodium per- 
chlorate and perchloric acid which consists 
in electrolyzing an acid solution of sodium 


chlorate, with an anode of carbon, and sepa- 


rating the anode liquid from the cathode, 

substantially as described. 
In testimony whereof we affix our signa- 

tures. 


EUGENE PAUL SCHOCH. 
RUFUS HUBBARD PRITCHETT. 
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Making Perchlorate with Graphite Anode 


Graphite has never been recommended for Perchlorate manufacture in any industrial or scientific literature that I 
have seen, except one patent which uses a diaphram. The subject crops up fairly regularly in discussions about 
Perchlorate making in amateur circles. Reports from amateurs vary from complete failure on one hand, to complete 
success on the other, with little erosion and large copious yields of Perchlorate. A Perchlorate cell with a Graphite 
Anode was constructed to investigate the issue. 


The process yields lots of black sludge and NO extractable Perchlorate. 


The set up 


The Anode used was a piece of rectangular shaped dense Graphite similar to what is used in Electro Discharge 
Machines(EDM). Active dimensions were 13 by 3.05 by 6.35 cm. Active surface area was 264 square centimeters 
(when new). 

The Cathodes (four in total) consisted of Stainless Steel and were placed sensible around the Anode. 

The cell contained 2 liters of electrolyte which had dissolved in it a total of 805 grams of Sodium Chlorate. Thats 
402.5 grams Chlorate per liter of solution. This Chlorate was obtained by recrystallizing home-made raw Sodium 
Chlorate twice. This Chlorate contained some Chloride which was determined to be (using Silver Nitrate) approx. 
4% of the recrystallized solid. Thus the cell contained 33 grams Sodium Chloride (16.6 grams per liter) which is 
approx. 1.33% wt. 

The cell contained 7.56 moles Na Chlorate which give it a 'run time’ (assuming 50% current efficiency, 7 amps and 
most of Chlorate converted to Perchlorate) of 5 days. 

The cell was run for a total of 10 days. A total of 1560 Ah was run through the cell. 

4 grams Sodium Fluoride were added to the cell, thats 2 grams per liter. 

The current density on the Graphite Anode was kept between 30 and 40 mA per square cm. 

The cell was placed in a two gallon (approx.) bucket of water which kept the temperature in the region of 26 to 
ole: 

The cell was not stirred. 

pH was measured but no attempt was made to control it except on one occasion where NaOH was added to increase 
pH from a low value of 2.9 up to 10.0(Day 9). 

Power was supplied using a 5V computer power supply with a Nichrome wire as a resistor for to vary the current if 
the need arose. 

Current going into the cell varied from 10 amps at start to 5.75 amps at end of run. The length of the Nichrome 
resistor was changed if current needed changing. This was only done once. As Anode surface deceased the current 
decreased itself (for whatever reason) so that current density on Anode was fairly steady. 

Voltage across the cell was in the region of 3.66 at start to 3.7 Volts at the end of the run. 

A total of 15 sample were taken from the cell over the course of the 10 days. At 10ml per sample that was a 
removal of 150ml from the cell. Some Sodium Chlorate solution was added as the first few samples were removed 
(three or so) but this was then discontinued. Water was then used to keep cell topped up. The samples were not 
used since the final yield of Perchlorate was hopeless. 

The Anode was weighed every 12 hours or so. 


Results 


(Save image below if you need to look at the details) 

The (small amount of) Chloride was visibly reduced as the cell ran for the first 

day or so (using a drop of Silver Nitrate into a small cell sample). 

Perchlorate did not appear until 55 hours had passed (using Methylene blue test). It had probably started to form 
some hours before it was first noticed. 

Throughout the run Chloride was present as could be seen from a Silver Nitrate test. 

The Anode wear rate is shown in the graph. Grams eroded per Ampere Hour is shown. The Anode wear rate per 
Ampere Hour was calculated by taking the reduction of Anode weight between two weighings and dividing by the 
Ampere Hours that the Anode passed in that time. pH is also shown on the graph. 

Since the yield of Perchlorate was so low there was little point in ascertaining a figure for the wear rate per gram 


Perchlorate produced. 


Two test tubes were obtained and 5ml of the start solution was placed in one tube. 5ml of the cell solution (end of 
run solution) was placed in the other. 1ml of concentrated KCI solution was then placed into each tube and 
crystallization observed. There was no visible difference between each crystallization. Both crystallizations seemed 
to be K Chlorate. 

The process was repeated with one tube containing 5ml end-of-cell-run solution. The liquid was heated to boiling 
and 1ml concentrated KC] solution was added. Crystallization began at approx. 35C. At 20C the crystallized solid 
(approx. 1 gram) was removed, dried and mixed with an equal quantity of sucrose. 

A drop of concentrated Sulphuric acid placed on this mixture which immediately ignited. Thus the cell product was 
(unconverted) Chlorate or mostly Chlorate. No Perchlorate can be extracted in any useful quantity or purity by 
adding KCI. It should also be noted that one third of the container holding the cell solution consisted of black 
sludge sitting on the bottom. The top two thirds consisted of a solution which was a deep red/brown colour. A total 
weigh of 300.5 grams of Graphite was eroded. Thats a overall wear rate of 0.19 grams Graphite per Ah. 


The Perchlorate yield of the cell was hopeless. 


The top of cell and Anode/Cathode assemble showing Anode wear can be seen below 


A quanity of liquid was removed from the cell and placed into another cell where considerable further electroysis 
was carried out at a higher Anode current density. An attempt was again made to obtain Perchlorate from the cell 
liquor by adding KCl as before. No Perchlorate (pure or close to pure) was obtained. A ppt containing 
Chlorate(mostly) which (when mixed with sugar) ignited by placing a drop of conc. Sulphuric acid on it. 


7% 


Two refs. for work done regarding Perchlorate making using Graphite are: 
Sihvonen, G., Suomen Kemistilehti, 10B, 27 (1937) 
Ullman, Frits, "Enzyklopadie der technischen Chemie", Vol. 3, p 299-307, Berlin, Urban & Schwarzenberg, 1929 
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An apparatus and a method for graphite wear investigation at constant pH values in a chlorate 
cell process have been developed and presented. The same set-up could also be used in a chlorine 
cell process. Experimental and compilative data show the existence of an optimal pH region 
providing minimal graphite consumption in electrolytic chlorate production. The latter also 
coincides with the same pH range which provides maximal rates of active chlorine chemical con- 
version into chlorate [1], and thereby maximal current yields as well. Therefore, by adjusting the 
pH, one simultaneously optimizes both the graphite wear and the whole electrolytic process. 


1. Introduction 


For more than eighty years, graphite has been a 
unique anode material in both chlorine and 
chlorate cell processes. A number of papers 
[3-37] have recently been published dealing with 
its wear, the study of the operational factors of 
production, such as current density, anode 
potential, temperature, concentration and com- 
position of brine, its acidity and feed rate and 
their mutual effects on anode corrosion, as well 
as graphite structures, porosity and impregna- 
tion. These have had the aim of determining 
the optimum conditions governing its consump- 
tion. The continued increase in the number of 
chlorine and chlorate installations and the further 
improvement of cell designs and technologies 
have naturally been accompanied by the 
development of several methods [4~7, 9] for 
testing graphite loss during operation. 

The aim of the present paper is to describe a 
method for graphite loss investigations under 
steady-state conditions, particularly of chlorate, 
but also of chlorine, production as well as to 
present experimental data of the effect of pH 


* Paper partly presented at 22nd Meeting of the 
International Society of Electrochemistry (I.S.E., form- 
erly C.LT.C.E.), Dubrovnik, September 1971. 
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on graphite wear. The main advantage of the 
present method is that it allows not only the 
usual operating parameters, but also the pH 
of the cell and the active chlorine content to be 
maintained constant over a long period. 

Numerous recent papers [10-19, 22, 23] have 
presented investigations of graphite wear depen- 
dence on the pH value of brine, However, either 
the investigated pH ranges were narrow [12-19], 
or [10, 11] measurements were taken in phos- 
phate and other electrolytes, hence the results 
cannot be related to chlorine and chlorate cell 
processes. 


2. Apparatas and method of graphite wear 
investigation 


The novel method of graphite wear investigation 
described uses a laboratory system providing 
operating conditions quite close to those found 
in the chlorate manufacture. The same apparatus 
could be used for anode wear testing in a chlorine 
cell process. It consists of the cell and a reaction 
vessel with facilities for brine recirculation, both 
of them being thermostatted (Fig. 1). Such a 
system provides for testing of total graphite 
wear under steady-state conditions of both 
chlorine and chlorate production. Not only can 
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Fig. 1. Apparatus (A) and electrical circuit (B) for performing graphite wear testing. C, cell; V, holding vessel; 
P, pump; HE, heat exchanger; pHS, pH-stat; FM, flow meter; pHM, pH-meter; GE, glass electrode, SCE, 
saturated calomel electrode; PU, sample withdrawal for electrolyte control; AT, automatic titrator; M, electric 
motor and stirrer; SR, silicon rectifier; R, rheostat; A, ammeter. 


temperature, current density, cell load, flow rate, 
brine composition and concentrations be main- 
tained constant, but, most importantly, the 
pH and available chlorine* content. 

A suitably modified automatic titrator was 
adapted as a pH-stat allowing the pH value to be 
maintained within +0-1 unit in the cell or the 
holding vessel, both operating as back-mix flow 
reactors. However, by combining certain flow 
rate values, temperature and a holding volume 
content (in other words by adjusting their mutual 
effect on the rate of chemical conversion of 
available chlorine to chlorate), one can also 
effectively maintain, at least within a transition 
pH region, a constant active chlorine concentra- 
tion inside the cell (cf. [2]). 


* ‘Available chlorine’ comprises the sum of con- 
centrations of hypochlorous acid, hypochlorite ion and 
dissolved elemental chlorine. However, at the usual pH 
of electrolytic chlorate production the latter can be 
neglected and, hence, throughout this paper the more 
convenient term ‘active chlorine’ will be used for hypo- 
chlorous entities only. 


Several graphite electrodes can be connected 
in parallel in the cell and several cells can be 
coupled in parallel for different brine recircula- 
tions, at different loads, pH or temperatures. 

An identical auxiliary anode together with 
its Teflon holder can be easily and immediately 
replaced under load by an electrode for effective 
wear testing when the system reaches the given 
steady-state conditions. It is well known that 
only graphite previously used as an anode in 
the same electrode process under similar condi- 
tions can provide reliable comparative data of 
wear. The dimensions of the anode can be 
chosen to enable long-term investigations, whilst 
allowing measurements of corrosion depth. 

The apparatus is similar to that described 
elsewhere [2] and used for steady-state measure- 
ments of the Faradaic efficiency of the chlorate 
cell process. 

The cell was made of hard PVC (Fig. 2). 
In addition to uniform continuous flow of the 
electrolyte, a magnetic stirrer enables operation 
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Fig. 2, Details of the electrolytic cell; 1, cell body; 2, 
platinum gauze cathode; 3, graphite anode with Teflon 
insulators; 4, glass cooling coil; 5, magnetic stirrer; 6, 
gas outflow. 


as a back-mix-flow reactor. Stirring in the cell 
is further aided by cathodic evolution of hydro- 
gen and appropriate positioning of both the 
platinum gauze cathode and the rod- anode. 
Teflon isolating pieces confine the active anode 
surface to a space surrounded by the gauze part 
of the cathode. The cell temperature was 
maintained at 25°C. Higher operating tempera- 
tures could be used with other cell materials. 
The overflow mantle allows the efficient separa- 
tion of gas bubbles from the brine. The cell 
assembly was gastight, enabling the evolution 
rate and composition of the evolved gases to be 
determined. 

A PVC membrane pump was used for electro- 
lyte circulation controlled by a differential 
manometer used as a flow meter. The flow rate 
was maintained at 8-2x107* 1 s~', but could 
be varied within a wide range. 

The holding vessel was 2:2 1 in volume and 
was maintained at a temperature of 60°C. 
A stirrer was used to provide conditions for a 
back-mix-flow reactor. 

The electrolyte was 300 g 171 of NaCl and 
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4-0 g 171 of sodium dichromate. Electrolysis was 
carried out to 60 g 17! of sodium chlorate, 
whereupon the electrolyte was renewed. How- 
ever, its composition could be maintained 
constant within very narrow limits. To provide 
operating conditions of a chlorine cell, a 
continuous isothermal brine flow is required 
rather than its recirculation through a holding 
vessel. The brine also needs further chlorine 
treatment and absorption. The graphite wear 
technique for testing under chlorine production 
conditions, recently developed by Vaaler et al. 
[7] seems more suitable for lower pH values. 

Graphite wear was investigated by repeatedly 
measuring the anode weight during electrolysis 
under steady-state conditions. The rate of 
evolution and the composition of the anode gas 
could be used to follow the chemical part of 
the graphite corrosion (cf. [20]). 

The principal advantage of the method of 
graphite wear testing described is the ability to 
maintain all operating and important process 
parameters at desired values, thus simulating 
cell conditions obtained in industrial practice. 

Anode pieces were taken from plates (VEB 
Elektrokohle, Lichtenberg, DDR) of the stan- 
dard type particularly prepared for chlorate 
cells. These were then impregnated with a linseed 
and tung oil composition in accordance with the 
method described elsewhere [3] and previously 
anodically conditioned in an identical way as 
during the testing itself. 

The current density was, as is usual for uni- 
polar chlorate cells, 3-0 A dm~?, 

Eberil’ and Elina [8, 9] have found a certain 
critical anode potential above which graphite 
wear increases enormously. This is closely 
linked to the current density and, more particu- 
larly, with graphite impregnation (cf. [20, 26]). 
Similar observations [26, 27] have given rise to 
the terms ‘transpassive’ and ‘subdiffusive’ graph- 
ite behavior [8, 9]. Hence, in this investigation 
the current density (or anode potential) of the 
graphite electrodes was maintained well below 
its critical value (cf. (8, 9]). 


3. Results and discussion 


Graphite wear dependence on the pH value of 
brine under steady-state conditions in the 
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Fig. 3. Experimental and compilative plot of graphite 
wear G versus pH value of sodium chloride solution both 
in chlorine and chlorate electrolysis at 3-5 A dm™?. 
©, experimental data; y, according to Eberil’ and 
Filippov [17, 18]; G, Vaaler [12]; 0, Sjodin and Wranglén 
[26]; m, Shlyapnikov and Filippov [53]; x, Baner [54]; 
A, Lenon and Vaaler [36]; @, Krishtalik et al. [19, 33]; 
@, estinaated according to Janes [27] and Kubat and 
Roufar [25]; +, Kohanov and Hanova [16]. 


chlorine and chlorate cell processes is shown in 
Fig, 3, which summarizes the available data. 

In the strongly acid region, the anode con- 
sumption rate of plain graphite increases slowly 
with pH and, as was found earlier, it corresponds 
to the rate of oxygen evolution in the electrode 
process [19]. 

The first maximum of graphite wear is found 
at about pH 5 and coincides well with the pH 
region of maximum hypochlorous acid content 
[44]. pH 5 also represents the region of the highest 
Positive potential values of the solution relating 
to available chlorine existence [55]. However, 
the potential is even more positive at the pH 
values where elemental chlorine exists, but 
graphite wear decreases at lower pH values of 
the brine. This would imply that active chlorine 
is essential for graphite corrosion. Janes [5], 
has pointed out that total graphite wear can be 
divided into two parts, chemical corrosion 
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depending on direct oxidation by hypochlorous 
acid, and electrochemical removal due to the 
anodic oxidation processes. Ksenzhek and 
Solovei [21] have shown that direct graphite 
oxidation by hypochlorous acid represents a 
heterogeneous reaction of the first order (ef. 
[24]). Hence, a direct relationship is found 
between graphite wear and hypochlorous acid 
concentration at higher values of the plotted 
pH function. 

Graphite wear decreases to a well-defined 
minimum at about pH 6, after which it exhibits 
a very steep increase. 

It has been pointed out [1, 52] that in con- 
centrated solutions of neutral salts, such as are 
employed in chlorine and chlorate production, 
an increase in hydronium ion activity of about 
one order of magnitude compared to dilute 
solutions (cf: [45]), causes a shift in the optimal 
pH region for active chlorine chemical conver- 
sion to chlorate from 7-0 to 6:0f as defined by 
the equation 


pHy = pK*—log 2. (1) 


K* denotes some practical rearranged dis- 
sociation constant of hypochlorous acid [I, 2]. 
Hence, the pH 6-0 for the chlorate cell brine 
also defines the region of minimum steady-state 
active chlorine content (cf. Fig. 4) and thereby 
of maximum overall current efficiency [I]. In 
other words, it could be concluded that graphite 
wear in chlorate cells is a direct function of the 
active chlorine content as approximately is the 
current yield. 

The further rapid increase in graphite wear 
at pH values larger than 6-0 might also be 
related to the accumulating active chlorine 
content of the brine. The higher the pH, the 
higher is the bulk active chlorine concentration, 
but this also implies an even higher content 
within the anode diffusion layer (cf. [40]). This 
originates with the decrease of the rate of bulk 


+ It has earlier been shown [1] that the relevant equili- 
brium constant for calculating the actual concentrations 
of the hypochlorous species at the ionic strength of the 
brine is" 


K* = Unyot- Coio™ _ K. Aficio . ana 10.K, (fa) 


ta] 
Cyc 10 cia 


where K, denotes the thermodynamic dissociation con- 
stant of hypochlorous acid. 
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chemical active chlorine conversion to chlorate 
with increasing pH of the brine (cf. [l, 2)). 
On the other hand, due to subsequent chlorine 
hydrolysis, which prevails inside the diffusion 
layer, hypochlorous species diffuse in both 
directions from and towards the generating 
electrode, thus creating a certain concentration 
maximum inside the boundary layer [40]. As a 
result of both chlorine hydrolysis and the 
Foerster reaction of anodic chlorate formation, 
the anode diffusion layer of a chlorate cell could 
be considered as strongly acidic (cf. [42]). This 
has been experimentally confirmed [46] by 
investigating the structure of the boundary 
layer with a micro-glass electrode and occurs 
even in the presence of the strongly buffering 
system of hydrochromic and hypochlorous 
acids. On the other hand the Foerster reaction 
equation for anodic chlorate formation in the 
interpretation of De Valera [47] also indicates 
that the concentration of hypochlorous acid 
is high inside the diffusion layer. 
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[1, 2]) from the experimental data using equation 
(la) are also shown. The values of K, at different 
temperatures were calculated from the data of 
Morris [48]. 


00 
pk, = uae : —10-0686+0-0253.7, (3) 
and Caramazza [49]: 
800 


The two experimentally found pH dependencies 
(Figs. 3 and 4) agree well, thus providing con- 
vincing support for the correlation between 
graphite wear and active chlorine content of 
the brine. (Also cf. [18, 38].) 

In the entire pH region investigated, oxygen 
evolution increases with pH in accordance with 
the Foerster equation for electrochemical chlor- 
ate formation or otherwise with active chlorine 
content (cf. [2, 40, 50, 51]). The oxygen content 


OH~ +3H,0, + 6e-»3H,0 + 3/20, +6¢ 


6ClO™ +6 


6HCIO 


H,0*>| + 


6H,O 


2HCIO+2H,0 


2ClO 5 + 4H,0* +2Cl™ 


One can therefore conclude that graphite 
wear in all cases will be a function of the effective 
hypochlorous acid concentration of the brine 
in close proximity to the anode and also a func- 
tion of the total available chlorine concentration 
in the bulk both of which are mutually connected. 

Kokoulina and Krishtalik [38] obtained a 
similar pH dependence of the steady-state active 
chlorine concentration in a chlorate production 
system to that found for graphite wear (Fig. 3). 
The same conclusion results for the strongly 
acid region from the data of Yokota [39]. 

Fig. 4 shows experimental values of steady- 
state available chlorine concentrations as a 
function of the pH of the holding vessel at 60°C 
(cf. [41, 42). The separate concentrations of 
both hypochlorous species as calculated (cf. 


4HCIO+4H,0 
> > 


2ClO~ +2H;,0* 


(2) 


—>2ClO3 + 6H,0* +4Cl- 


of the gas is, however, always much larger than 
the carbon dioxide content, which is produced 
as a result of chemisorption of the former at a 
rather slow rate. Therefore, in neutral and 
alkaline pH regions, graphite is mainly lost as 
a sludge. 

A quite different situation arises in the absence 
of chloride ions and thereby hypochlorous 
species [10, 11]. In such cases, graphite appears 
even more stable in the alkaline region. This 
arises as a result of passivation of the carbon 
surfaces due to the formation of a layer of chemi- 
sorbed oxygen and its inhibiting effect (cf. [14, 
15]). This is also the case in aqueous electrolysis 
using alkaline (SOH) solutions, where oxygen 
evolution at an extremely high pH value pro- 
ceeds with negligible carbon dioxide formation 
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Fig. 4. Steady-state concentrations of active chlorine 
(Oo, 1), hypochlorous acid (A, 2) and hypochlorite ion 
(x, 3) as a function of pH of concentrated NaCl solution 
for holding vessel of the chlorate producing system 
(see Fig. 1). Concentrations of two hypochlorous species 
were calculated [1, 2] from corresponding values of 
active chlorine contents by means of the rearranged 
dissociation constant (K*). 


and highly decreased graphite corrosion com- 
pared to the chlorate cell process. 

The nature of graphite and carbon corrosion 
has been considered in more detail elsewhere 
[28] (cf. [29]). It was found that acids and salts 
of the so-called ‘phosphoric acid group’ mainly 
attack edge carbon atoms, while more aggressive 
interplanar intrusion takes place in solutions of 
the ‘sulphuric acid group’, to which chloric 
and perchloric acid and their salts belong [28], 
and probably the hypochlorous species also. It is 
well known [28] that certain ions, such as 
OH~, support and aid oxide formation at 
graphite surfaces. Also, they are self-inhibiting 
if they are stable. Some other ions such as Cl’, 
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$037, ClOZ, CIO”, also lead to the decomposi- 
tion and dispersion of the oxide. 

It should also be noted that even in the pre- 
sence of hypochlorous species, a markedly 
different dependence of graphite wear on pH 
is found in the range 5-7 [13]. 

The experimental, as well as published data 
from quite different sources, agree well with each 
other (cf. Fig. 3) although they relate to different 
kinds of graphite, often very different tempera- 
tures of investigation and usually to values 
obtained under unsteady-state and also different 
operating cell conditions. 

It can be stated that besides the anode potential 
(or otherwise the current density as a less con- 
venient and reliable parameter), temperature and 
the brine concentration, the pH value, as a 
measure of the active chlorine content, represents 
in itself the essential factor for graphite wear in 
a chlorate electrolytic system. Therefore, the 
data and conclusions presented seem to be of 
importance for optimization of current efficiency 
and graphite consumption in the chlorate cell 
process. 

It might also be added that the impregnation 
method described elsewhere [3] has been 
developed still further, and the improvements 
obtained with diacyl peroxides, and, particularly, 
with dilauroyl peroxide [3], were advanced with 
the use of pinan hydroperoxide [43]. The latter 
is stable to higher temperatures thereby providing 
the benefits described elsewhere [3], that result 
from keeping the anode potential close to the 
value for plain graphite and from increasing 
the life-times of electrodes in a chlorate cell 
process. 
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The Carbon and Graphite anode 


The following is from "Industrial ElectroChemical Processes". It has been passed through OCR Software. 
Most of the info. is in relation to Chlorine production. 
Some info in relation to anode wear in Chlorate production is separated between lines 


Carbon and graphite anodes 


Carbon and graphite have been the main "insoluble" anodic materials in industrial electrochemical processes for a very long 
time 159' 160. One of the major applications of graphite anodes, in which almost exclusive usage is found, is in the chlor- 
alkali industry. In addition graphite anodes are used for the production of chlorates from chlorides, bromates from bromides, 
iodates from iodides and in manganese dioxide production. Metal electrowinning processes are further applications for 
graphite and in particular sodium, magnesium and lithium. Carbon is not as generally used as graphite as an anode material 
owing to its inferior properties, but it still finds application in the generation of fluorine and in the aluminium electrowinning 
industry, where, incidentally, more carbon is consumed as electrodes than in any other electrochemical process 159. The world 
wide acceptance of graphite as an anodic material is due entirely to its excellent properties 159 163. It has high chemical 
resistance, good conductivity, considerable mechanical strength, high surface to volume ratio and is cheap. Although graphite 
possesses good corrosion resistance when it is used anodically, some consumption does in fact take place, primarily due to the 
chemical attack by "active" oxygen generated during electrolysis, but also to the highly oxidising nature of the products 182 
164 165. Graphite was first used as anodes in the production of chlorine by the Brown Co. in Berlin, New Hampshire 165. 
Prior to this, carbon or magnetite anodes were used 160. Carbon anodes are inferior to graphite with respect to mechanical and 
chemical resistance 166. In the chlor-alkali industry graphite anodes have the additional advantage of low chlorine 
overpotential. As can be seen from Fig. 4, graphite is superior to both platinum and magnetite as an electrocatalyst for chlorine 
evolution. 

800 Vetter 167 has pointed out that graphite is essentially a passive 
electrode. Possible corrosion reactions, whose reversible potentials are 
much lower than the chlorine reversible potential, must be strongly 
inhibited for graphite to be able to function as an anode in chlor-alkali 
cells 162. However, as mentioned previously, some anode 
consumption does occur, approximately 3 kg/tonne of chlorine in 
diaphragm cells and 2 kg/tonne in mercury cells 162, and much 
research has been carried out to determine the corrosion mechanism 
161 163-165 168-183, the effect of electrolysis variables 161 165 172 
wenn 174 184-189; and possible ways of reducing the consumption 170 173 
178 185 200-203. 
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The presence of carbon dioxide and, to a lesser extent, carbon 
monoxide in the anode gases in chlorine production, indicated that 
some form of chemical attack of the graphite anodes was occurring. In 
addition a graphite sludge formed showing that anode attack was not 
entirely chemical but also mechanical. The presence of oxygen in the 
anode gases suggested that "active" oxygen was the corroding species, 
a generally accepted view 161 163 169 171 176 183. However there 
35 30 may be some contribution from highly oxidising products, e.g., 
hypochlorous acid 161 164 174 183 186 204. The nature of the 
Comparison of chlorine overvoltages at 25°C and 70°C. graphite anodes is the important factor in mechanical wear. Graphite 
(1,19 Graphite; (2.2 smooth Pt; (3,3) magnetite, anodes are porous disperse bodies which consist of interconnecting 
carbon crystals, 70-80 % of whose volume consists of solid material, 
the remaining volume consisting of pores 161. It is this pore structure which plays a significant part in the mechanical 
consumption of the anodes 161 169 176 205. Chemical attack within the pores weakens the intercrystalline bonds causing 
graphite particles to spall off. 
The mechanism of anode consumption is not simple due to the porous nature of the graphite, and it is easier to consider 
external and internal attack separately, internal attack being that occurring in the graphite pores and resulting chiefly in 
mechanical consumption. 
Vaaler 174 suggests that external attack of graphite anodes occurs by rapid adsorption of oxygen followed by a conversion to 
chemisorbed oxygen, which is then rapidly desorbed, breaking a carbon bond, to give carbon monoxide. Carbon monoxide is 
then mostly oxidised to carbon dioxide by dissolved oxygen or chlorine. Bulygin 176 decided, as previous workers had 179 
184 189 that to investigate the corrosion of graphite it was essential to work in an electrolyte in which the only anodic product 
would be oxygen. From this approach he deduced a similar corrosion mechanism to Vaaler. He also showed that external 
attack could result in crumbling of graphite via a "swelling" mechanism, first observed by Sirak 184, and Thiele 179. However 


this phenomenon has only been observed in strong oxidising acids and not under conditions typical for chlorine production. 
Internal attack of the graphite was attributed, by Sproesser 205 to hydroxyl ion discharge resulting from the depletion of the 
chloride ion by internal electrolysis. Stender 163 showed however, that electrolyte circulates continuously through the pores of 
a working graphite anode and therefore chloride ion impoverishment does not occur. The internal attack was explained by 
virtue of the lower potential within the pores favouring oxygen evolution. In view of the lower potential within the pores loffe 
181 has pointed out that internal oxidation should be less intense (lower C.D.). According to Ksenzhek 206, only 2% of the 
C.D. is involved in internal electrolysis. Bulygin 176 investigated further the C.D. within the pores of a graphite anode and 
found that electrolysis within the pores could not cause any significant destruction of the anode. In agreement with an earlier 
postulate 175 186 he showed that the attack was chiefly due to the chemical action of hypochlorous acid within the pores. 
Kokoulina and Krishtalik 169 have recently confirmed Bulygin's work. 


In the production of chlorine, anode consumption is to some extent dependent on cell operating variables. Among the variables 
that have been investigated are feed brine concentration, cell operating temperature, anode current density, brine feed rate 165 
pH, 171 174 207 and sulphate concentration 163 187 190-196 207 208. In studying the effects of operating variables 
difficulties are encountered in reproducing commercial conditions in the laboratory. To some extent these difficulties have 
been overcome. Johnson 165 used a laboratory scale type of diaphragm cell to investigate the effects of feed brine 
concentration, temperature, anode C.D. and brine feed rate. It was found that temperature increase resulted in an increase in 
anodic attack of the order of 1.15 g/1000Ah/10° rise above 50°C. The variation of anode consumption with increasing C.D. 
was found to be a slight decrease in terms of quantity of current carried, but almost a linear increase with time. Even a small 
lowering of the sodium chloride content of the feed brine, from saturation, resulted in a significant increase in the rate of 
anode attack, which then rose rapidly as the brine concentration further decreased. At constant temperature and C.D., brine 
feed rate was found to be of major importance for controlling anode corrosion, zero corrosion being indicated for infinite rate 
of flow. These determinations took no account of pH variations within the anolyte 171, however, a factor that has 
subsequently been shown to be of great significance 171 174 207. Filippov et al. 188 189 studied anode wear under constant 
pH conditions by maintaining a fast flowing electrolyte. However mechanical wear was not taken into account and, in view of 
the short nature of the experiments, it is doubtful whether steady state conditions were achieved. Krishtalik et al 171 using a 
double diaphragm cell, with neutralisation of any migrating alkali within the diaphragms, successfully controlled anolyte pH 
and investigated its effect on anode wear in a low pH range. They showed that anode wear, in a solution containing 300 g/1 of 
sodium chloride at 80°C with a C.D. of 800 A/m2, was independent of acidity above approximately 0.01 N. At lower acidities 
the wear increased with fall in acid concentration, slowly at first ,but then more rapidly. In the pH range 3.0-4.2, Vaaler 174 
has shown, by analysis of the anode gases, that anode consumption is doubled at the higher pH. More recently Wallen and 
Wranglen 207 have developed a technique for studying graphite anode corrosion over a wide pH range and have also 
investigated the effect of chloride concentration. The results obtained are not typical of those used in commercial chlorine 
production but show that maximum corrosion is obtained at intermediate pH's. These workers also used their technique to 
study the effect of sulphate ion on anode corrosion 207. It was found that at low chloride concentrations the effect of sulphate 
was very small, but in solutions of high chloride concentration the effect was very pronounced, anode wear being more than 
doubled with an addition of 40 g/1 of sodium sulphate. 


Owing to work by Murray and Kircher 190, Gardiner 191, and Jacopetti 187, the detrimental effects of sulphate ion in brine 
electrolysis have been known for some time. Work by Krishtalik et al 192 has shown that graphite anode corrosion shows a 
roughly linear increase with increasing sulphate content. Flisskii et al 193-195 have attributed the corrosion increase to the 
specific adsorption of the sulphate ion, resulting in weakening of the carbon bonds in the lattice and culminating in the 
discharge of CO and CO2. Japanese workers 208 have found that in saturated brine sulphate has no effect in concentrations 
less than 3 g/1. The effect of chlorate ion on the corrosion of graphite anodes seems to be much smaller than that of sulphate 
192. Fukunaga et al 209 claim a reduction in anode losses in diaphragm cells of 20% by incorporating 100 mg/1 of cobalt in 
the brine. 


In addition to the effects of operating variables on anode consumption, work has also been carried out to determine the effects 
of anode characteristics, such as pore structure, degree of graphitisation, etc., on anode life. Foerster 185 observed that 
artificial graphite electrodes were broken down much less than charcoal electrodes under the same conditions, a result 
confirmed by Arndt and Fehse 200. The increase of stability with graphitisation is attributed to crystal growth, which also 
results in increased conductivity 161. 


Flisskii et al 201 203 have recently investigated the relationships between anode stability and electrode structure. Recent work 
on the surface area of graphite anodes indicates that the specific surface of graphite is of the order 1 meter squared per gram 
210. Flisskii 203 obtained similar data for fresh anodes but, after several months use in chlorine electrolysis, the surface area 
increased approximately tenfold. However no connection between surface area and stability of the anodes was found. This was 
explained by the fact that the specific surface of graphite is determined primarily by the number of micropores, and only a 
small proportion of the total surface corresponds to the macropores, and evidently micropores do not play any significant part 
in brine electrolysis 203. Marek and Heinz 211 have, however, found increased corrosion with increasing surface area. Studies 
of the relationship between anode stability and pore volume 201 203 indicate that the pores having radii within the range 
7,900-75,000 A are the ones susceptible to attack, whilst the greatest number of the pores are concentrated in the radius range 
up to 7,500 A. Kuch-inskii et al 201 showed a 30% corrosion increase for a pore volume increase of 0.032-0.089 cm3/g for 


pores in the diameter range 2,500-70,000 A. 


Bulygin 178 has studied the density distribution in the surface layer of a graphite anode at high and low C.D.'s. At high C.D. 
the electrolysis process was found to occur in only a small number of large pores resulting, after a time (4 hours in Buly-gin's 
case) in abrupt crumbling of the surface layer. At low C.D.'s however, the anodic destruction was of a surface character. 
Bulygin suggested that in this case electrolysis took place in the finest of the pores. Nystrom183 has shown that some pore 
enlargement occurs in electrolysis resulting in, with time, progressive en-largening of the pores enabling internal electrolysis to 
occur at the anode. 


Methods of improving the corrosion resistance of graphite anodes are based on impregnation. Many methods employing 
numerous impregnants have been reported in the literature 170 181 212 254. The main concepts on the mechanism of 
impregnant action were formulated by foffe 202. More recently Krishtalik et al.173 255 256 have carried out a detailed 
investigation into the mechanism of impregnants in reducing anode consumption. The impregnant was found to protect the 
regions of grain contact thereby minimising mechanical losses. Sjodin and Wranglen 170 have carried out an analysis of 
impregnation procedure and impregnants. Their work indicates that use of impregnants may result in increased anode 
corrosion if the impregnant is not removed at the same rate as the external surface of the anode. It is believed that sodium 
chromate assists in this respect by oxidising away the impregnant. Linseed oil, properly dried, is accepted as the best 
impregnant of those in use today. 


Impregnation of graphite anodes for diaphragm cells is essential if reasonable life is to be obtained. Mercury cell anodes are 
rarely impregnated however. This is partly due to the fact that under mercury cell conditions, i.e. lower pH (approx. 2.0), and 
lower temperature (10-20° lower than in diaphragm cells), the rate of anode attack is much lower 182, but may also be 
attributed to the tendency of impregnated anodes to "shatter" in mercury cells. 


Various workers 164 168 257-287 have investigated the overpotential of anodic evolution of chlorine on graphite. Several 
papers refer to overpotentials for low C.D.'s only 257 259, and those at high C.D.'s usually refer only to a single temperature 
with considerable variation in results between authors 168 260. Some authors have tried to express the relationship between 
overpotential and C.D. in the form of a Tafel equation 261 264. There is considerable variation in the Tafel constants however 
261 262. Krishtalik and Rotenburg 263 264 identified two pH regions in which chlorine over-potential differed considerably 
263, and subsequently showed that the polarisation curves in acid solutions were comprised of two sections with Tafel slopes 
of about 60 and 110 mV 264. Japanese workers have considered the effect of chlorine bubbles on the electrode potential 262 
286, whilst Kubasov and Volkov 266 have expressed Tafel type equations incorporating temperature dependence. Recently 
Drossbach et al. 267 have determined kinetic data for chlorine evolution and oxygen evolution, the latter in aqueous and non- 
aqueous media. 


The lack of agreement in the kinetics of chlorine evolution on graphite has been attributed to changes in the electrode 
characteristics as a result of "ageing" of the electrode 292 293. Flisskii 203 has shown that the surface area of working graphite 
anodes increases with time and recent work has indicated that changes in the type of oxide film on graphite anodes also occur 
292. 


Krishtalik and Rotenburg 293 assumed that new graphite electrodes were covered with a stable oxide which was replaced, 
when the electrode was polarised anodically, by a layer of anodic oxides with properties different from that of the stable oxide. 
Binder et al. 294 have distinguished between two types of oxide on graphite anodes. 


Janssen and Hoogland 292 have carried out a detailed investigation into the ageing of graphite anodes. Their work agrees with 
the surface area changes observed by Flisskii, showing a maximum increase of 17 times the original surface area, and provides 
evidence for the changes in the nature of the oxide layer assumed by Krishtalik and Rotenburg. They found that new graphite 
anodes were covered with a stable oxide which protected the graphite against attack. This oxide disappeared under continuing 
anodic polarisation at 1.72 V resulting in an increase in the roughness and surface area of the electrode. 


The investigation of anode consumption in the manufacture of chlorates has not been as thorough as that for chlorine 
production. The same principles apply however. Janes 186 investigated the effects of chloride concentration, temperature and 
anode C.D. on the anode consumption. In view of the operating conditions favouring oxygen evolution the corrosion of 
graphite anodes is consequently more intense. Filippov et al. 182 199 investigated the effects of chromate, pH and C.D. on the 
behaviour of graphite anodes under the conditions of chlorate manufacture. Recently, Jaksic and Csonka 254 have postulated 
that chlorate anode consumption may be kept to the level of that experienced in the chlor-alkali industry by controlling, to a 
minimum, the available chlorine in the cell. The use of graphite anodes in bromate, iodate and manganese dioxide production 
suffers from the same disadvantage as in chlor-alkali and chlorate manufacture, namely anode consumption. In bromate 
manufacture, anode sludge results in discolouration of the product 268 and necessitates the incorporation of filtration 
equipment in the process. Polish workers have carried out a systematic investigation of the anodic consumption of graphite in 
various electrolytes 269-273 including potassium bromate and manganese sulphate 269. 


Although graphite and carbon are used extensively as anode materials in fused salt electrowinning, very little has been 
published about their performances in such processes. In fact with the exclusion of aluminium electrowinning and fluorine 
manufacture the literature is almost non-existent. In aluminium electrowinning two types of carbon anodes are in general use; 
prebaked and Soderberg274. Soderberg anodes were developed by Electrokemisk A/S of Norway after the invention of 
Soderberg 289-291 and were adapted for use in aluminium electrowinning in the early twenties 275. Oehler 276 has compared 
the two types of anode and shown that prebaked are more suited to large plants because of their superior properties, e.g., C.E., 
anode consumption, power consumption, etc., whilst the Soderberg anodes are more suited to smaller plants. The prebaked 
anodes have a low percentage of binder material (coal tar pitch) and the Soderberg anodes have a higher percentage 274. 


The use of carbon as an anode in aluminium electrowinning has several advantages 277 : 

(a) It is virtually insoluble in molten Al. 

(b) It is able to withstand the high operating temperature (980°C). 

(c) The anode products, CO2 and CO, are expelled from the system and do not contaminate the electrolyte. 

(d) It is cheap. 

The main disadvantage is the anode consumption. This is due to attack of the carbon by oxygen liberated at the anode which 
reacts to form the primary product, CO2 278 279, CO being produced by carbon reduction of the carbon dioxide. The thermal 
effect of oxidation is useful to some extent in maintaining the bath in a molten state, thereby saving power consumption 274. 
As in aqueous electrolysis some mechanical consumption of the anodes also occurs 280 281. 


Hollingshead and Braunworth 281 have investigated the effects of operating variables on anode consumption. Increasing C.D. 
and baking temperature, and decreasing bath temperature decreased anode consumption. Addition of NaCl and increasing the 
NaF/AIF3 ratio increased anode consumption. 

The behaviour of anode carbon in cryolite A1203 melts was investigated by Antipin and Dudyrev 282. They suggested anode 
consumption proceeds in a 3-stage process; 

(i) At C.D.'s 0-0.1 A/cem2, C-O compounds are formed on the electrode surface. 

(ii) 0.1-0.3 A/cm2, O ions penetrate the carbon lattice, 

(iii) Above 0.3 A/cm2, CO2 is formed on the surface. 

More recently the kinetics of the anode process in Al electrowinning have been investigated by Thonstad and Hove 283. Welch 
and Richards 284 had found that the relationship between overvoltage and C.D. followed the classical Tafel equation and 
Thonstad and Hove tentatively suggested the following mechanism; 


O2- (in melt) ->> O2- (on surface)........... (1) 
O2- + C ->> CXO + QO. eeceseessenees (2) 
2CxO ->> CO2(adsorbed) + C....(3) 
CO2(adsorbed) ->> CO2 ().....ceseeceeeees (4) 


and showed that the overpotential may be due to slow transport of the oxygen ions through the double layer (1), or to slow 
reaction between chemisorbed oxygen and carbon (3). Stern and Holmes 285 from analysis of industrial potential decay curves 
concluded that the slow step was a chemical reaction of approximately second order (3), whilst Mashovets and Revazyan 286 
suggests that the rate is determined by (1) and (3). 


The investigation of catalysing (Fe203), and inhibiting (H3BO3), additives in the anodes gave weight to reaction (3) being 
rate controlling, as small but significant changes in the overpotentials were observed. Robozerov and Vetyukov 287 288 have 
investigated the effect of H3BO3 additions on the anode characteristics. Additions were found to markedly decrease oxidation 
and crumbling of the anodes whilst increasing mechanical strength and electrical resistance without affecting the density or the 
porosity of the anodes. Recently Kronenberg 277 has investigated the possibility of using gas depolarised graphite anodes for 
Al electrowinning. His work has shown that gas depolarisation of the anode is possible with hydrogen or natural gas but 
serious fluoride losses were observed. 

The use of carbon anodes for fluorine generation is adequately dealt with in Chapter 2. 
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The Lead Dioxide (PbO2) Anode 


An insoluble anode that is relatively cheap, easy to make, reliable, and long lasting for the manufacture of 


Chlorate's and Perchlorate's has long been sought after by the non-professional. The Lead Dioxide Anode (the Poor 
Mans Platinum) is one way to go. 

There are a number of different types and methods of construction of the Lead Dioxide Anode that have found use 
in industry. The usual type of Lead Dioxide Anode that was used in the past by the big producers of Chlorate's and 
Perchlorate's had Graphite and Ti substrates. The Graphite substrate Lead Dioxide (GSLD) Anode requires a high 
quality thick coat of Lead Dioxide to protect the Graphite from the Chlorate/Perchlorate electrolyte. It also needs a 
high quality , hard and dense Graphite (although home producers have used battery carbons) in order to have a 
high reliability. Gouging rods are NOT acceptable. 

The original patent that was used by a major Chlorate and Perchlorate manufacturer to make Graphite Substrate 
Anodes is US 2,945,791 and is available in the 'further reading section’. (see also US 3,463,707) It uses a well 
controlled setup. 

Amateurs have found it very difficult to obtaina GSLD Anode that has lasted long in an electrolytic cell. The 
Anodes appear to be OK when plated but fail after a time when used. That's not to say that it cannot be done. 


The Ti substrate Anode needs an precoat between the LD and the Ti as LD will oxidize Ti metal. A reasonable 
adherent coating of Lead Dioxide is also required. Ti substrate Lead Dioxide Anodes that have been successful in 
industry have had a coating of Platinum metal or Pt Oxide applied to the Ti before being coated with Lead 
Dioxide. An alternative to the Pt/Pt Oxide is a semiconductor coating of doped Tin Oxide. This is applied by 
painting and thermal decomposition. 

Massive Lead Dioxide anodes (Anodes having no substrate) have also been proposed and are long lasting once a 
successful Anode has been produced. The problem here is that it is difficult to make massive Anodes of the 
required size that have no flaws, a tiny flaw or crack will cause the hard brittle Anode to fail by breaking. 

Plastic and ceramic substrate anodes were proposed in order to obtain Anodes that did not require a perfect coating 
of Lead Dioxide. The ceramic substrate Anode was not a success as the porous substrate conducts salts up to the 
connection when it goes into service. It also requires a reasonably good coating of Lead Dioxide in order to carry 
the heavy currents when used in a Chlorate or Perchlorate cell. The plastic substrate Anode has the same problem 
of requiring a good coat of Lead Dioxide to carry heavy currents. 


Anodes that have an inert reinforcing fibre mesh as a substrate are being tried. The type of Anode will be 
‘forgiving’, unlike Anodes with Graphite as the substrate where a less than perfect coating of Lead Dioxide gives 
inevitable failure once it goes into service. They are comparable to massive Anodes but with the added reinforcing 
of the inert fiber mesh or other substance. A valve metal with no precoat could also be used so long as the long 
term electrical connection is not made to the valve metal. 


The current state of thinking is this: 


Ti substrate Anodes using the Sb doped Tin Oxide precoat or a purchased MMO precoat. Ti substrate is a 
mesh or drilled flat sheet. First an Alpha then a Beta Lead Dioxide coating is applied. Good control of 
plating baths. Since Ti is readily available this may be the best way to go. These Anodes are very rugged and 
will continue to work even if Valve metal is exposed. 


Inert mesh reinforced massive Anodes are a viable alternative for the Amateur. Good success has been 
reported using plastic domestic ‘pot scrub' material as the reinforcing mesh. 


Graphite substrate made correctly using a good grade of graphite and a semi professional plating setup. No 
corner cutting on temperature control etc. Steady Lead ion concentration in the electrolyte (use large bath 
or/and compound addition) and not too much pH/Nitric acid concentration variation (use large bath or/and 
compound addition). Use surfactant and put on a thick coat (min. 3mm) of LD. See US Pat. US 2945791 


One guy has used the LDSLDA (Lead Dioxide substrate Lead Dioxide Anode). Scrap Lead Dioxide pieces from 
previous Anodes are but into a porous bag, a Graphite rod is put down on top and the bag and some of the rod is 
plated. Success has been varied with some Anodes lasting hours, some lasting months. The system has the 
advantage that you will not need a very well controlled plating tank/set up. See here. 


The Magnetite substrate Lead Dioxide anode may be workable. It appears that when a solid piece of Lead Dioxide 
is simply attached to a piece of Magnetite and placed into a (Per)Chlorate cell it will function as a successful 
Anode. See here for details. 


See here for more info on Lead Dioxide types. 


All lead compounds are toxic, particularly the soluble compounds like Lead Nitrate, Acetate, etc. They have a 
cumulative effect (the damage builds up) on your nervous system. See LEAD POISON for more info. 


Electro depositing Lead Dioxide 
Titanium Substrate Anodes 


Inert cloth reinforced Anodes 
Installing Anode in a cell 


Graphite Substrate Lead Dioxide Anodes 
Inert Porous Substrate Anodes 


Plastic Substrate Anodes 
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Lead Dioxide substrate Lead Dioxide Anode 


This Anode was proposed by G.P. (name 
depending on pond side :-)) Success varied, with 
anodes lasting from hours to months. Pieces of 
Lead Dioxide were put into a porous plastic 
bag/wrap. A Graphite rod was placed on top of the 
contents of the bag/wrap and the contents + part of 
the Graphite rod was plated. The bag/wrap used in 
the picture was mesh material used in the garden to 
keep down weeds. 


There was a discussion of the Pinkston anode at 
this URL: 

http://www. pyrosociety.org.uk/forum/index.php? 
showtopic=426&st=105 
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The Magnetite substrate Lead Dioxide anode, MSLDA 


It appears that when a solid piece of Lead Dioxide is simply attached to a piece of Magnetite and placed into a 
(Per)Chlorate cell it will function as a successful anode. 


There is no reaction between the Lead Dioxide and the Magnetite. 

The Magnetite is very resistant to (Per)Chlorate cell conditions and does not erode by any significant amount. 

The current entering the anode goes into the electrolyte via both the Magnetite and the Lead Dioxide. In a Chlorate 
cell the Magnetite may take part in the making of product along with the Lead Dioxide. In a Perchlorate cell only 
the Lead Dioxide is involved in making product as Magnetite will not make Perchlorate. The current leaving the 
anode via the Magnetite is obviously wasted but this is of no great consequence. The anode can be used to go from 
Chloride to Perchlorate in a single run of the cell. 


The anode has been briefly tested in ie lect roplated Cu 
both a Perchlorate cell (Chlorate to 


Perchlorate), and in a cell which was 
run from Chloride all the way to 
Perchlorate (low Chlorate 
concentration at end of run). There is 
little anode contamination of the 
electrolyte. If too low of a Current 
density is used on the anode when in 
the Perchlorate cell no Perchlorate will 
form. 

With the first test of the anode in the 
Perchlorate cell, a current of 1 amps 
would not make Perchlorate. A current 
of 4.1 amps made Perchlorate in 
abundance. 


e% " é 
A one mole (54 grams NaCl) cell was , —— 2 
(54 g ) TY ae Ay, 


Flat plastic 


Polyester Resin Seal 


run for 4 days. The 100% current 
efficiency for conversion of the 
Chloride to Chlorate is approx. two 
days. After two days the cell was tested 
for Perchlorate. Perchlorate had 
formed. (It may have formed sooner as 
the cell was not tested). It would seem 
the cell is working at 100% current 
efficiency.?? Since the cell is small 
(150ml), the current is 4.1 amps, and 
the current density on the Lead Dioxide 
(ignoring Magnetite) may be up to 
400mA per CM squared, Perchlorate 
may have started to form before 
Chloride level dropped to approx. 

10% ??. (10% Chloride is roughly the 
level of Chloride that Perchlorate Lead Dioxide on Magnetite substrate 

begins to form at in a more typical 
cell). I am not too sure why Perchlorate formed so early. The cell is sitting in a container of water to keep it cool. 


This anode looks like a rugged, reproducible anode for the amateur (Per)Chlorate maker. 


Magnetite can also be plated with Lead Dioxide. One single attempt at plating Magnetite from a Lead Nitrate bath 
was made. A very light coating of LD was successfully applied to the Magnetite and the anode worked OK ina 
Chlorate cell. 


A heavier coating with testing is required. 
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Lead Dioxide 


Lead Dioxide has two crystal structures, (polymorphic), Alpha and Beta. The Beta structure is the structure best 
able to stand up to the (Per)Chlorate cell conditions and it is what is mainly electro deposited from the acidic Lead 
Nitrate bath when current densitys of less than 40mA per square cm is used for deposition. 

The Alpha structure is not good at standing up to the (Per)Chlorate cell electrolyte. The Alpha form has better 
adhesion properties and can be used to give a more uniform, smoother coating of LD. The Alpha structure is 
electro deposited from alkaline baths and is used in US PATENT No. 4,064,035 where it is electro deposited 
alternatively with Beta to eliminate stress in the Lead Dioxide. The Alpha form has no internal stress, unlike the 


Beta form. The Alpha can also be deposited from an acid Lead Nitrate bath when a high (70mA per square cm) 
current density is used, according to RPW. 


The diagram shows the structure of Alpha and Beta Lead Dioxide. 


Different structures of lead dioxide 


orthorhombic 


tetragonal or rutile 


Lead Dioxide is highly conductive and is more conductive than most metals. This is because of the deficiency of 
Oxygen atoms in its crystal lattice which leave charged carriers available in the crystal lattice. 
Lead Dioxide is not stoichiometric. It formula could more accurately be described as PbO18 


The Alpha Lead Dioxide is slightly more conductive that the Beta,the resistivity of Alpha being 104-7 and Beta 
being 4 * 10°? Ohm cm. 


Molecular weight 239.21 
Density 9.37g/cm? 
Melting point Decomposes 
Decomposition point 290C 
Solubility in water Insoluble 
Solubility in HCl Soluble 


Solubility in nitric acid ++ H202 Soluble 
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Figure 1 is an x-ray diffraction pattern indicating the structure of electro deposited Lead Dioxide. Most of the Lead 
Dioxide deposited from the Lead Nitrate bath is Beta Lead Dioxide. 


Intensity of 
Diffraction Ray 


Diffraction Angle 26 


Figure 2 is an x-ray diffraction pattern indicating the structure of Lead Dioxide that was deposited by the soaking 
and oxidising process (See US PATENT No.4,008,144) 


vs. NHE. (y) 


Potential 


Figure 4. Potential-pH diagram of lead in the presence of sulfate 
ions at unit activity and 25° from ref 131 by permission of Perga- 
mon Press. 


The above diagram shows the stability of Lead ion in sulphate for a range of pH's. 
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Lead is Poison 


The Lead compounds that are used to make Lead Dioxide anodes are poisonous and have a 
cumulative effect on your nervous system. They make you go mad! 

Ever heard of the saying "As mad as a Hatter"? 

The Hatter was a trade in bygone days that involved making (would you believe) hats. 

The hats required felt. Part of the processing of felt required Lead compounds. The Hatter handled 
Lead compound.............. they were inclined to go mad. 


The Romans were very fond of Lead. They used it everywhere. To hold drinking water, baths... When 

wine goes sour it contains Acetic acid. Some bright Roman spark had the idea to add Litharge to sour wine so that 
Lead Acetate would form and this sweetened the wine.(this is why Lead Acetate is called Sugar of Lead) It did not do 
the Romans any good though. 

Some people have speculated that Lead poisoning caused the fall of the Roman empire. 

So be careful, take all sensible precautions and don't pollute with your waste solution. Soluble Lead compounds can 
be converted to insoluble Lead Sulphate by adding cheap Ammonium Sulphate to a solution of the Lead Salt and this 
will be a better substance for disposing off. 


The soluble Lead compounds are by far the worst and Lead Nitrate is very soluble so be warned. The plating tank is 
inclined to throw spray up into the air because of the small bubbles coming from the cathodes, so it is advisable to 
have a cover on it. Don't breath in the mist. 

There is no known Lead level in the body that is considered good. You should always use gloves when working with 
the compounds. It is quite difficult to kill yourself with Lead, for this reason it is often not regarded as something to 
be avoided at all costs. 


DO NOT BECOME COMPLACENT WITH LEAD COMPOUNDS. 


Lead is especially damaging to children. Keep all compounds locked away where they cannot be accessed by 
children. 


See Oxford MSDS for more information on Lead (and other) compounds. 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


The Electrodeposition of Lead Dioxide 


There have been a number of different baths proposed for the electrodeposition (plating) of (Beta) Lead Dioxide but the bath 
that has gained general acceptance is the bath containing Lead Nitrate. The Lead Nitrate bath plates well under the widest range 
of parameters and is easy to make up. There is rather a lot of contradictory results in scientific literature regarding Alpha and/or 
Beta Lead Dioxide being deposited from acidic Lead Nitrate baths, see JES, 149 (9), 2002. High plating current density gives 
Alpha, low plating current density gives Beta. Beta type Lead Dioxide is desired as the outside layer of Anodes. 

The plating process can be represented by the following overall equation: 


Pb(NO3)2 + 2H2O >> PbO2 + 2HNO3 + H2 
( two Electrons are required) 


Nitric acid is produced at a rate of two moles of Nitric acid (126 grams) for ever one mole of Lead Dioxide (239.2 grams) 
deposited with 2 moles (53.604 Ah) of electrons required when plating is proceeding at 100% current efficiency (CE). The rate 
of Lead Dioxide deposition at 100% CE is 4.462 grams per amp per hour. The build up of Nitrites in the tank causes CE to drop 
to very low levels if action is not taken to eliminate them. 


If the bath is not to have Lead Nitrate crystallizing out as it cools 
The Lead Nitrate Bath to room temperature, the Lead Nitrate should be kept below 400 
grams per liter. 
Lead Nitrate (to begin)* 200 to 800g/1 The solubility of Lead Nitrate in Grams per Liter of water is 
approx. 360g/l @ 0°C, 560g/l @ 20°C & 9608/1 @ 60°C. 
Copper Nitrate A few g/l The solubility in the tank will be a small amount less than this 
due to the presence of Nitric acid which suppresses solubility. At 
Nitric acid Approx. 8 grams/l (100% Acid) low Nitric acid concentrations (good plating conditions) there is 
little difference. 
Anode current density From 10 to 100mA/cm2 The density of solutions made from adding 100, 200, 300 and 
350 gram amounts of Lead Nitrate to one liter of water are 
Temperature From 40 to 80°C 1.078, 1.157, 1.236 and 1.275 grams per ml respectively. The 
density figure of 1.157 represents a solution concentration of 
193 grams per liter of Lead Nitrate solution. The figure could be 
used as an approximate indicator of the lower limit of Lead 
Nitrate concentration for good plating. 
Distilled water should be used if possible but clean rain water will do if distilled is not available. The more shortcuts you take 
the more likely a failure will occur when the Anode goes into service (or before). 
See here for further discussion regarding plating baths in general and alternative baths that can be used for plating. 
See here for a listing of alternative plating baths. 
The Lead Nitrate can be make using Lead metal (used for roofing and is available from builders providers) and Nitric acid. 
See Making Lead nitrate and other Lead compounds. 
The Copper Nitrate can be make by reacting an excess of Copper wire with Nitric acid and adding resulting blue liquid to 
plating tank. 


The function of the Copper Nitrate is to stop Lead metal from being electro deposited on to the Cathodes of the plating tank 
and therefor wasting Lead ions. Quite a lot of Lead will be deposited on to the Cathodes if you are using a near neutral plating 
solution. See -discussion regarding plating baths- (link above). 

Current Density on Anode 

The amount of Beta or Alpha that is plated can be controlled by current density on the Anode according to one source I have 
communicated with. High current density (70mA per square cm) giving mainly the Alpha, 40mA per square cm and below 
giving mainly the Beta. This has been confirmed by X ray studies. See Electrochimica Acta 52 (2006) 786—793 for refs on info 
and also JES, 149 (9), 2002 . regarding Alpha/Beta from Lead Nitrate baths. 

Sometimes a large current density is used at the start of plating in order to create a large density of PbO2 nucleation sights to 
improve adhesion of the PbO2 to the substrate. 


Current Density on Cathode 
US patent 2,945,791 states that current density on Cathodes should be at 2X to 3X Anode current density. 


The following hardware will also be needed. 


The Plating tank can be a glass beaker as it is good to be able to see the Anode plating. Use a good tank as you do NOT want it 
to break and spill toxic Lead Nitrate all over the place. 

Heater for tank. This can come in the form of an aquarium heater with it's control altered to let it heat to 70°C. A magnetic hot 
plate stirrer can be used or other system that will heat the solution to 70°C approx. Test out your system using water first to see 
how it is working. 


A DC supply capable of putting out a few Volts and the required plating current is needed. Generally lower plating currents 
give smoother coats of Lead Dioxide and about 20mA/cm/2 is good. This current density will give Beta Lead Dioxide from the 
Lead Nitrate tank. For some ideas on power supplies see Power supplies. 


When deciding what plating current to use you simply calculate the surface area that you have to plate (cm squared) and 
multiply it by the current density (in mA/cm squared) you want to plate at. This will tell you the amount of mA that you need to 
put into the Anode. You simply adjust the Voltage on the supply to give you that current. If using the battery charger supply in 
the link above, you simply attach the required number of flying Leads to the Anode. A constant current source is good for this 
type of application. The Anode is connected to the positive lead. 

The Cathodes for the plating tank can be Copper. Don't use Gouging rods, there are reports that some Gouging rods contain 
Iron particles. Iron is NOT wanted in the tank. The Cathodes surround the substrate that you are plating and three or four should 
be OK. The surface area of the Cathode(s) facing the substrate to be plated should be at least half the surface area that you are 
plating. Alternatively a spiral of Copper wire can be used surrounding the substrate or some Copper strips. Distance between 
substrate (Anode) and Cathode is not critical and can be of the order of about an inch or two. There should be no sharp corners 
or indents on the Anode to be plated. 


Nitric acid and Lead ion concentration control. 

Nitric acid is formed as plating progresses. To stop the concentration of Nitric acid from becoming too high you must have a 
suitable large tank (if using a one tank system) If using a two tank system with a pump, then the total plating solution volume 
need not be so large. You must add neutral solution to the plating tank at the appropriate rate. 


It would appear from patents etc, that the best concentration of Nitric acid to have in your plating bath is in 100% 
the region of 5 to 10 grams Nitric acid per liter. Keep on the low side of this range IMO. US Patent 3,463,707 |lriNo3 g/l 
explicitly states Nitric Acid concentrations higher than 20 grams per liter make it physically impossible to 
plate lead dioxide continuously. The Nitric acid concentration will increase once you start to plate. You will 
get two moles of Nitric acid forming for every mole of Lead Dioxide that you plate which needs 53.604 
Ampere hours of electrons. Thats 126 Grams acid for every 239.2 Grams Lead Dioxide, = 0.527 grams acid 
per gram Lead Dioxide deposited. An alternative way to describe this is to say that you will get 2.3506 grams 
of acid forming per hour per Amp. Most amateur Anodes end up getting formed from baths with much more 
that the ideal concentration of Nitric acid in the plating solution. If using a one tank system (with no addition 
of Lead Compounds) a large tank is necessary. If you start your plating operation off with 6 grams per liter 
Nitric acid and you want to avoid the acid concentration going above 12 grams per liter Nitric acid you will 
need a tank size of 87.8ml per gram Lead Dioxide that you want to deposit. 

Figure out how many grams of Lead Dioxide you need to deposit to form your Anode from the projected 
Anode dimensions minus the substrate volume multiplied by the density of Lead Dioxide (9.37 grams per cc). 
For example if you want to deposit 100 grams Lead Dioxide (not a large Anode) and you decide to start off 
your plating solution at 6 grams per liter Nitric acid and you do not wish for the acid concentration to go 
above 12 grams per liter, then you need a minimum (one tank system with no adding in of Lead Compounds 
during plating) of 100 multiplied by 87.8 = 8.8 liters. That's a big tank!! It would appear that adding Lead 
Compound (with or without a second tank) is the sensible way to go if the acid concentration is to be kept in 
the most desirable range. 
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The pH of water and Nitric acid can be calculated from this page. pH values corresponding to Nitric acid 

amounts per liter of water are given in the table (as per calculator at link) and they correspond to actual measured values of pH 
when Nitric acid was added to a Lead Nitrate solution of 340 grams per liter. The molarity of 70% HNO3 is 15.6 and it's 
density is 1.42 g/cc. 


The amount of Lead ion per gram of PbO2 is 0.839 grams. The amount of Lead ion per gram of Lead Nitrate (Pb(NO3)2) is 
0.6256 grams. Therefor each gram of deposited Lead Dioxide will use up 1.341 grams Lead Nitrate. The concentration of Lead 
Nitrate should not be let fall below 200g/liter. If the tank size is large enough to keep the Nitric acid concentration at 
reasonable levels then Lead Ion depletion of the plating solution will not be a problem. It is advantageous to have the Lead ion 
and Nitric acid concentration as constant as possible during plating. When going for a one or two tank system and adding Lead 
Compound as plating progresses, the total plating solution volume need not be as large as when using a one tank system with 
no addition of Lead Compound. 

If using a one tank system and adding Lead compound you will need to add the amounts in the table below 


Each mole of Electrons (26.8 ampere hours) that flows will produce one mole Nitric acid (63 grams), assuming 100% current 
efficiency, which is equal to 2.35 grams Nitric acid forming per hour per amp. 

Another way to look at this is to say that a half mole of Lead Dioxide is plated onto the Anode per 26.8 ampere hours, (119.6 
grams Lead Dioxide per 26.8 ampere hours) which is equal to 4.462 grams Lead Dioxide per amp per hour. You need to add 
Lead compound to replenish the transfered Lead Ions and depending on the Lead compound you are using the weight added will 
need to equal the molar amounts of Lead Ion being transfered. The table below gives the relevant molecular weights of the 
Lead compounds that are used and thus the amounts to add to the tank per amp per hour. This amount of addition will keep the 
extra acid generated neutralized as well. This is the rate at 100% CE. 


Enea Grams of compound to add to tank 
Ss per amp per hour @100% CE 
Litharge (molecular weight = 223) 4.16 


Lead Carbonate (molecular weight = 267) 4.984 
Basic Lead Carbonate (molecular weight = 775) 4.822 


The addition of Carbonate or Basic Carbonate will cause problems with foaming, bubbles and floating. A slurry of these 
compounds may have to be made (by adding some of the compound + some neutral plating solution to a well capped container 
and shaking) in order stop them floating on the surface of the plating solution. Lead Carbonate comes in a large array of 
molecular weights so check what you have. 

It may be possible to have an excess of Litharge at the bottom of a one tank system (if stirring is not used or perhaps 
intermittent stirring) which will react fairly slowly with the Nitric as it is produced and help keep the Lead ion concentration 
constant and the Nitric acid concentration in the wanted range. If the Litharge is too finely divided (small particle size) it may 
react too easily with the Nitric acid and be inclined to keep the pH of the bath too high (concentration of the Nitric acid will be 
too low). You cannot use Lead Carbonate or Hydroxide or Basic Lead Carbonate in excess in the one tank system as they will 
keep the pH too high (they react too readily with the Nitric acid formed) and the Carbonate will also cause bubbles/foaming as 
it reacts with the acid. See here for some observations regarding addition of Lead compounds to the tank. 


From US Patent No. 4,130,467, we have Litharge addition rates of 4 grams per amp per hour in one example and 3.5 grams per 
hour per amp in another example. The additions were made every two hours. They used a six liter tank in the second example 
which gives an idea of tank size/deposition rate between each addition of Litharge. It is next to impossible to get a figure for 
surface area they were plating. 


When using a two tank system with Lead Dioxide 
deposition being performed in one tank and an excess 
of neutralizing Lead compound in the other tank 
(neutral solution), then you must pump the neutral 
liquid into the plating tank at the appropriate rate to 
keep Nitric acid at the desired concentration and keep 
Lead ion replenished. The amount you need to pump 
out of the plating tank into the neutral tank (the same 
volume will be pumped from the neutral tank into the 
plating tank) is given by the formula below: 
0.0391762 X Amps 
PUN 4? - __\s | itres per minute 
Target Nitric acid conc. (g/l) 

An explanation of this formula is here. At a target of 
8g Nitric acid per litre it works out at a pump rate of 
4.9ml per Amp per minute. 
The formula assumes 100% CE is being achieved and a 
somewhat smaller pumping rate may need to be used in 
practice. It should be noted that no solid Lead 
compounds should be allowed to come accross from the 
neutral tank or the pump rate will need to be reduced by 
a large amount. 
The simple arrargement shown may work as a two tank 
system with a very simple pump based on an aquarium 
air pump and a bent tube’. Keep the internal diameter of 
the tube supplying the air fairly big as it may clog up 
with crystals of Lead Nitrate. Careful of spray, use 
covers. The air pump could be turned on and off at a 


Splash cover 


suitable frequency and duty cylce using a timer 
something like this. If an on/off frequency of below 10 
minutes or so is chosen then the pumping can be 
considered to be the equivalent of continous. Perhaps a 
branch from the main air tube could be used for 
agigation of the Lead compound in the neutraliser tank 
or perhaps a second pump and tube. Some plastic tape 
wrapped around the substrate where there may be 
variation of plating solution level will give an abrupt 
known edge to the plating area. The tank should be set 
up first using a solution of (say) Ammonium Nitrate at 
a density of approximately 1.3 grams per cc to ascertain 
pumping rates/times etc. 


There is a useful Microsoft Excell spreadsheet (in a .zip file) here that can be used for calculations regarding the Lead Nitrate 
plating tank. 


Formation of Nitrites 
Nitrites are formed at the Cathode as a side reaction and can build up in the tank. 
NO3 + 2e + 2H* ===> NO, + HO 


One mole Nitrate + two moles acid + 2 moles electrons ===> One mole Nitrite + 1 mole of water 


Then the reaction below starts to occur at the Anode. 
NO2° + H20 - 2e ~ ===> NO3° + 2H* 


One mole Nitrite + one mole water - 2 moles electrons ===> One mole Nitrate + 2 moles acid 


Since the potential required for the above process (0.80V) is far lower than that required for the formation of PbO2 (1.46V) , 
current efficiency will drop as the unwanted reaction if favoured. The addition of Hydrogen Peroxide to the tank has been used 
to counteract this problem by Oxidizing Nitrites back to Nitrates. The build up of Nitrites lowers current efficiency and will 
give bad coats of Lead Dioxide. Resting the tank for a day or two after it has been neutralized will allow Nitrites to convert 
back to Nitrates and allow the tank to plate at its best. Bubbling air through the tank will speed up the process. Careful of 
splashes/spray. 

In US Pat. 299464 it is stated that a Sodium Nitrite content of 0.1% will reduce plating CE to 30%. Hydrogen Peroxide (35%) 
was added slowly over a half hour period to the 1364 liter tank to eliminate Nitrite. Note that they are not making Anode in this 
patent and the current density is very high on SS that is being plated. 

Nitrite testing kits are available for aquarium's and may be useful for detecting Nitrites in the tank. 

It may also be possible to test for Nitrites by using a redox indicator like Methylene blue. When Nitrites are present the 
indicator will be colorless. When eliminated with Hydrogen Peroxide this indicator will turn blue. This indicator may be 
difficult to see because of the blue colour of Copper Nitrate in the tank as well. 


During plating some Copper may be deposited onto the Cathodes and if the blue colour of the plating solution gets weak, add 
more Copper Nitrate. There will also be some bubbles on the Anode that are not welcome but are inevitable. Plating should not 
be interrupted. 


Weigh the Anode substrate before plating so that you will know how much Lead Dioxide was electro-deposited for calculating 
plating CE etc. 


Keep an eye on evaporation from the tank as it can lower the level of electrolyte in the tank and leave you with a shorter than 
expected Anode. A good way to counteract this problem is to wind on a few layers of insulation tape to the substrate with the 
bottom edge of the tape at where you want an abrupt end to the LD plate. The substrate in them positioned so that the plating 
solution surface is in the middle of the taped strip. Some solution volume variation can then be tolerated without giving a 
feathery edge to the top end of the Lead Dioxide plate. 

It is a very good practice to test the tank using a small piece of Graphite about one inch or so at about 20mA/cm/2 and see that 
the plating is good. If the tank will not plate Graphite there is a problem with it. Keep Gouging rods away from the tank. 


Ions that are bad news in a plating tank, according to the literature, are Chloride (US 3,463,707), Iron (US 3,463,707 & 
4,038,170), Cobalt, Selenium and Arsenic. 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


Journal of The Electrochemical Society, 149 (9) 2002 


An electrochemical and X-ray diffraction study has been conducted on the formation of lead dioxide deposits on 
platinum, from nitric acid solutions, as a function of potential and temperature. It has been shown that these 
parameters strongly influence the morphology and electrocatalytic activity of the PbO2 films. 

The electrodeposition process is satisfactorily described by an electrochemical, chemical, electrochemical 
mechanism: 


[i] HO --> OH,g, + H* + & 
[ii] Pb** + OHag, --> Pb(OH)** 
[iii] Pb(OH)** + H5O --> PbO, + 3H* + e°; 


the second electron transfer stage and Pb?* diffusion control the dioxide formation in the lower and higher 
overpotential range, respectively. Temperature and potential (or current) are important parameters in the 
electrodeposition process. Depending on the potential region, the process can be kinetically or diffusion controlled. 
In an acid electrolyte, where mainly the b-PbO2 modification is electrodeposited, the amount of a-phase impurity 
increases with increasing potential in the kinetically controlled region and decreases in the diffusion controlled 
domain. In addition, relatively low electrodeposition potentials and high temperatures favor an increase of the 
crystallite size with preferred crystallographic orientation for both a- and b-PbO2 modifications. 

The temperature of the growth solution affects the crystallinity of the resulting oxide deposits and has a marked 
effect on their performance as anodes in processes at high positive potentials such as ozone generation. 


Despite the fact that lead dioxide is not the latter day anode material,1 its study is now of high interest, and it 
extends beyond the wide field of battery research. Recent studies have been focused, in particular, on the 
improvement of lead dioxide as an anode material for use in anodic oxygen transfer reactions,2-5 including ozone 
evolution6,7 and waste treatment processes.8,9 In this connection the elucidation of PbO2 electrodeposition 
process is very important, and although there are numerous recent studies on the mechanism of lead dioxide 
electrodeposition, 10-17 several aspects remain open to investigation, especially regarding the influence of the 
electrodeposition conditions on the morphology and electrochemical activity of the resulting PbO2 deposit. In 
effect, one should not overlook the fact that the apparent ~observed! electrocatalytic activity of an electrode surface 
is dependent on surface roughness even if the inherent activity remains constant. This is true when the dimension of 
roughness is less than that of the diffusion layer, because increased surface roughness increases the geometrically 
projected density of active sites. For a polycrystalline surface, such as PbO2 , the surface roughness is a function 
of the dimensions of crystallites, which, in turn, are dependent on the current density for electrodeposition. It is 
now accepted11-16 that the electrodeposition process involves soluble species as reaction intermediates; these are 
likely to be Pb~III! and/or a Pb~IV! oxygen complex. According to our recent data,19 in nitric acid the rate of 
PbO2 electrodeposition process can be limited by an electron transfer or a diffusion stage and the reaction 
mechanism is described by the follow scheme 


[i] H)O --> OH,g, + H* + & 
[ii] Pb?* + OHags --> Pb(OH)** 
[iii] Pb(OH)** + H,O --> PbO, + 3H* + e°; 


first stage is the formation of oxygen-containing species such as chemisorbed OH, followed by a chemical stage in 
which these parparticles interact with the lead species forming a soluble intermediate species, likely to contain 
Pb~III!, which is then oxidized electrochemically forming PbO2 . It has been previously reported20 that variations 
of the conditions of PbO2 electroplating cause changes in the oxide properties, such as the crystallographic nature, 
which result in a different electrocatalytic behavior. Lead dioxide is electrodeposited from acid solutions as the 
tetragonal b-form, although a small amount of the orthorhombic a-form is also present depending on experimental 
conditions.21 In this respect, it is important to note that the literature data on the influence of electrodeposition 
conditions on the crystallographic nature of the electrodeposited PbO2 are rather contradictory. Thus, for example, 
the formation of a-PbO2 was reported to be favored by relatively high deposition current densities,22 while mainly 
pure b-PbO2 was deposited at low current densities.23 However, other authors21 report that in an acidic growth 


solution, at low current densities, the oxide is always a mixture of the b- and a-phases with the content of the latter 
decreasing on increasing the current density; at high current density pure b-PbO2 was the only observed form of 
the electrodeposited oxide. In the present work we report on the electrodeposition of PbO2 from nitric acid 
solutions and the physicochemical properties of the resulting oxide. It is intended to be a step toward a more 
systematic study on the influence of the electrodeposition mechanism on the physicochemical properties of the 
dioxide obtained. 
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Thoughts on plating baths. 


There has been a lot of words wrote about different types of plating baths and additives that are incorporated in 
baths for to achieve the 'best'/‘superior'/highest quality’ coating of Lead Dioxide. Theses words themselves are hard 
to define exactly. When plating a substrate that is not inert to the chlorate/perchorate cell you need a non-porous 
coating of Lead Dioxide with NO flaws or 'pin holes' (invisible or visible). If there are any flaws the 
Chlorate/Perchlorate electrolyte will get to the substrate and cause the destruction of same. 

In general you must have a coating of Lead Dioxide that will not shred or crack and fall off of substrate when it 
goes into service. It must adhere well to the substrate (inert or otherwise). 

The most popular bath for the electro deposition of Lead Dioxide is the bath containing Lead Nitrate. It will plate 
under a wide range of temperatures, pH's, Lead ion concentration, and current densities when compared to other 
baths. The Lead Nitrate concentration should not be let fall below 200g/1. Use a bath large enough so that when you 
are finished plating the Lead Nitrate concentration will not have fallen below 200g¢/liter. The bigger the bath the 
better. 

The Lead Nitrate bath mainly plates Beta Lead Dioxide (the type we want on the outside of the anode). The amount 
of Beta or Alpha that is plated can be controlled by current density on the anode according to one source I have 
communicated with. High current density (7OmA per square cm) giving the Alpha, 40mA per square cm giving the 
Beta. Alpha gives better adhesion to Ti substrates ( and possible others excluding graphite), see US 4822459 for a 
discussion of adhesion. Some articles I have read have used a high current density at the start of plating to create a 
large amount of PbO2 nucleation sights on the substrate to improve adhesion. Perhaps these's sights were Alpha 
PbO2. The different crystal structure of Alpha makes it more adherent to Ti and doped Tin Oxide. 


There is also the question of additives for plating baths. The main additive that is added to baths are surface active 
agents (surfactants). When plating Lead Dioxide, bubbles of oxygen appear on the anode that is being plated. 
Theses bubbles stick to the anode and cause a ‘pin hole’ to form where the bubble is sitting. This is a disaster if you 
are using a non inert substrate as this hole will allow Chlorate/Perchlorate electrolyte to corrode the substrate when 
the anode goes onto service and cause failure. 

The literature suggests many different surfactants that should be added to the plating bath both ionic and cationic. 
See surfactants for more info regarding surfactants. 

The surfactant will not allow a bubble to stick to the anode and therefor you get an improved coating of Lead 
Dioxide. There is also a mention of the surfactant Cetyl Trimethylammonium Bromide alleviating stress in the 
electro deposited Lead Dioxide in JES Sept. 1976 p1294 (see elsewhere on this page). Also CTAB decreases stress 
as stated in J. Applied Electrochemistry 12 (1982) 171-183, though they say that high temperature and low CD do 
a better job that the CTAB. 

An alternative strategy for the elimination of bubbles is to spin (cylinder) or rock to and fro (flat plat) the substrate 
which keeps bubbles from sticking to the anode. The movement has also the added advantage of keeping the bath 
stirred. 

Adding ceramic particles to the bath has been mentioned in patents 4,026,786 and 4,159,231. The bath is stirred 
and the particles brush against the plating anode and keep bubbles swept off it. This method has no complications 
like breakdown products etc. 


There are other additives that are mentioned in the literature including 

Nitric acid!, limited to 4 to 6 grams per liter, US 4038170, US 3,463,707, from 2 to 20 grams per liter. 

Nickle Nitrate,as a grain refiner 

Gelatin, as a deposit leveller 

Fluoride, to improve plating current efficiency, reduce bubbles on anode and for to dope the Lead Dioxide. Na 
Fluoride has an approx. saturation value of 4.5 x 10 4-2 M, at which point Lead Fluoride precipitates. JOURNAL 
OF APPLIED ELECTROCHEMISTRY 10 (1980) 511-525). F is also considered in US 3,463,707 for removal of 
Iron. 

Iron, Cobalt, Nickle and F to increase catalytic effect, (J.Serb.Chem.Soc. 66(11—12)835-845(2001)) 

Flourine resin, (Environ. Sci. Technol. 2005, 39, 363-370) 

Hydrogen Peroxide, to oxidise Nitrites, that are formed at the Cathode, back to Nitrates (US 2994649). 

NaClO3, ??? 

Sodium/Lead Acetate to relieve stress and as a pH buffer (Electrochimica Acta. 1971. Vol. 16, pp. 1301 to 1310). 
Ta & Nb Oxide powder to reduce stress (US 5545306 & 4822459). 

Teflon emulsion to reduce stress. 


Bismuth Nitrate to make the Anode much more resistant to wear (Hypochloride production), US 4038170 & 
4101390. 

Bismuth has also been touted as having increased cathylitic effect for the formation of Perchlorate. 

CTAB to decrease stress (JAE 12 (1982) 171-183) though they say that high temperature and low CD do a better 
job that the CTAB 

and more..... 

Surfactants will improve the coating of the Lead Dioxide but it is not essential to get an excellent coating of Lead 
Dioxide when using an inert substrate or inert fibre mesh reinforcement as theses materials have resistance to the 
Chlorate/Perchlorate electrolyte. 

The addition of surfactant has the added complication of the break down products produced by the surfactant in the 
plating bath which will eventually stop the bath from plating successfully. Some have suggested resting the 
neutralised bath for 24 hours for to allow the breakdown products to recombine. After a lot of plating the tank has 
to be washed using amyl alcohol, which is a lot of extra work. See US Patent No. 2,945,791. 


There are (roughly speaking) two types of Lead Nitrate plating baths, high Nitric acid baths, and low Nitric acid 
baths. The bath recommended in this page is of the low variety. It initially contains a few grams of Nitric acid per 
liter when plating is commenced. The Nitric acid concentration will increase as plating progresses. The high Nitric 
acid plating baths (See US Patent No. 4,026,786) contain about 100g/I actual acid when plating commences. The 
patent claims that there are advantages regarding using this type of bath. Stirring the Lead Nitrate electrolyte is 
ESSENTIAL when using this type of bath because Lead Nitrate is inclined to precipitate out on the plating anode 
which causes adherence problems between the Lead Dioxide and the substrate. The high Nitric acid patents appear 
to be for making Lead Dioxide as a product (powdered) and also as a metal electrowinning anode only. 


The function of Copper Nitrate in the plating bath is to stop Lead metal from plating onto the cathodes and wasting 
Lead ions. 


If I understand this process correctly, the Copper 
is added to the solution in order to plate out 
first. After this initial Copper plating at the 
cathode, some Lead will start to deposit, but due 
to the fact that there is already a layer of. 
Copper on the cathode, the Lead and Copper will 
form a shorted galvanic couple, and the Lead, 
being placed above Copper in the electrochemical 
series, will be corroded or re dissolved. This 
couple can supposedly also cause Hydrogen to be 
evolved at the cathode, instead of any metal 
Peaeang out. I have always used a cathode with a 
arger area than the anode being plated in order 
to (hopefully) allow the Lead deposited there to 
be re dissolved as fast as it forms. I do not know 
of any magic area ratio, but I suppose you could 
expect some unusual things to happen if you used a 
very small cathode. 


Another parameter that is mentioned regarding plating baths is 'throwing power’. The addition of Nitric acid is said 
to improve the throwing power (an advantage). 

Throwing power refers to the ability of the solution to plate into nooks and crannies and around corners that are not 
in a direct line of sight of the cathode. To put this another way, it is the ability of the electrolyte to even-out the 
current distribution on all areas of the anode given a certain tank and electrode set up. There is a good explanation 
of throwing power in "Treatise on Electrochemistry" , G. Kortum, (Elsevier publishing Co.). 

It is related to the conductivity of the solution and Nitric acid increases this. The current on the anode is more 
evenly distributed as a result of the greater conductivity. The current distribution is also a function of cell 
geometry, spacing and arrangement of the anode and cathode. The cathode should surround the anode being plated 
and there should not be any sharp corners (this increases the current density and increases plating on that area) or 
indents (less plating) on the anode. 


Another problem that may accur is lowering of plating efficiency. The problem is caused by Nitrites building up in 
the tank (see US 2994649). 


My theory is that since Nitrite contains less Oxygen than Nitrate, it can be 
formed at the cathode since reduction takes place there. The equation could be 
something like: 


NO3- + 2e + 2H+ ===> NO2- + H20 


Now at the anode the oxidation of Nitrite to Nitrate would be ome with 
the oxidation of Pb2+ to PbO2. The equation would be something like: 


NO2- + H20 - 2e -> NO3- + 2H+ 


Since the potential required for the above process is far lower than that 
required for the formation of PbO2, current efficiency will drop. 


US PATENT 4,064,035 discusses an alkaline bath using NaOH and Lead Hydroxide. This patent is trying to 
eliminate stress in the deposited Lead Dioxide layer by alternatively depositing Beta and they Alpha Lead Dioxide 
which, seems to eliminate stress. It should be noted that Alpha Lead Dioxide is not good at standing up to a 
(Per)Chlorate electrolyte and the outside layer of the anode must be Beta. It should also be noted that if the 
substrate is Graphite, it is not possible to plate on a Alpha layer to start with and in that case you must start with a 
Beta layer and end with a Beta layer. 
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Surfactants 


What is a surfactant? 

They can be divided into a number of groups. 

Anionic surfactants have a hydrophobic tail and an anionic head, such as dodecylbenzenesulfonate. 

Cationic surfactants have a hydrophobic tail and a cationic head, such as cetlypyridinium. 

Nonionic surfactants have a hydrophobic tail and an uncharged but hydrophilic head, such as poly(propylene 
oxide)/poly(ethylen oxide) biblock polymers (Pluionic) 

I found this on the net: 


There are four main classes of detergents: anionic, cationic(both ionic), non-ionic and amphoteric. 

1)Anionic Detergents 

Anionic means a negatively charged molecule. The detergency of the anionic detergent is vested in the anion. The 
anion is neutralised with an alkaline or basic material, to produce full detergency. Anionic surfactants are a type of 
ionic surfactant. 

2)Cationic Detergents 

Cation means positively charged. The detergency is in the cation, which can be a substantially sized molecule. The 
cationic detergents invariably contain amino compounds. The most widely used would be the quaternary 
ammonium salts, such as cetyl trimethylammonium chloride(bromide), a well known germicide. 

3)Nonionic Detergents 

The vast majority of all nonionic detergents are condensation products or ethylene oxide with a hydrophobe. They 
would be the single biggest group of all detergents. 

4)Amphoterics 

These have the characteristics of both anionic detergents and cationic fabric softeners. They tend to work best at 
neutral pH, and are found in shampoo’s, skin cleaners and carpet shampoo. They are very stable in strong acidic 
conditions and have found favour for use with hydrofluoric acid. 


SO THERE you have it 
SIGMA have a lovely catalogue on surfactants. 


The surfactants that have been proposed for adding to lead dioxide plating tanks have been both cationic and 
nonionic. 


Cetyltrimethlyammonium bromide (also called Hexadecyltrimethylammonium bromide) is a cationic surfactant that 
is claimed to reduce stress in lead dioxide in JES Sept. 1976 p1294 (available on this page). 

If using this surfactant it is desirable to mix it with a small amount of water before adding to plating tank, as it is 
inclined to form clumps that are tedious to dissolve. Use about 3 grams per liter. 

US PATENT No. 2,945,791 and JES Feb. 1958 (on this page) recommends a surfactant of the 'alkyl phenoxy 
polyoxyethelene ethanol class’ . It has a trade name "Ipegal CO-880 (was made by Antara Chemical Division of 
General Dyestuff Corp.) and is a nonionic surfactant. Use one or two grams per liter. 


A surfactant similar to the Ipegal is Synperonic NP-30 from ICI and also Tergitol NP-9.5 from Union Carbide. 
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Lead Dioxide Plating baths 


There are two types of Lead Dioxide, Alpha and Beta. The Beta is the type needed at the surface of the anode as it 
withstands the Chlorate and Perchlorate cell conditions better than Alpha. Alpha (according to patents) is good at 
relieving stress in the anode and has better adherence properties to most substrates. For example, it is best to use 
Alpha when plating onto Tin/Sb Oxide coat according to US Pat. 5,683,567, as it's crystal structure is more 
compatible with theses substances that Beta . Alpha cannot be plated onto Graphite. You must start with a Beta 
and end with a Beta. 

Beta (mainly) Lead Dioxide is deposited from acidic Lead Nitrate baths (if current density is below 40mA per 
square cm) and Fluoroboric baths. Theses baths are considered to be the best for depositing Beta Lead Dioxide. 
The Lead Nitrate bath mainly plates Beta Lead Dioxide (the type we want on the outside of the anode). The amount 
of Beta or Alpha that is plated can be controlled by current density on the anode according to one source I have 
communicated with. High current density (7OmA per square cm) giving the Alpha, 40mA (or below) per square cm 
giving the Beta. Alpha gives better adhesion to Ti substrates ( and possible others excluding graphite). Some 
articles I have read have used a high current density at the start of plating to create a large amount of PbO2 
nucleation sights on the substrate to improve adhesion. The sights were probably Alpha PbO2. The different crystal 
structure of Alpha makes it more adherent to Ti and doped Tin Oxide and most substrates. It also gives a more 
uniform coating. The first coating of Alpha is very thin in some of the patents, at 1 to 10 micron. 

Alpha Lead Dioxide is deposited from alkali baths. 

The size of bath in relation to the size of the anode (amount of Lead Dioxide to be deposited) being made should 
be as big as possible. US 4064035 uses a 5 liter (Nitrate) bath for an anode that measures 50 by 20 by 0.3mm piece 
of Ti. They also used a continuous system where Lead ion was constantly supplied to the bath to replenish Lead 
ion and neutralize Nitric acid formed. 

Since Alpha layers are usually very thin (small amount of Lead Dioxide being deposited), large baths may not be 
needed. 

The Cathode area next to the Anode should be of similar surface area as to the Anode and should surround it. Too 
big or too small a Cathode may cause problems. 


Two Lead Nitrate baths 


Lead Nitrate at least 200g/liter (up to 800 is used) 
Temperature 50 to 70 C. 

Current density 10 to 40mA/cm squared (for Beta) 
(from US Pat. 5,683,567) 


800 g/liter of Lead Nitrate having suspended therein 1% a Tantalum Oxide powder having particle sizes of from 
0.1 to 10 micro m 

Temperature of 65 C. 

Current density of 40 mA/cm squared for 4 hours, whereby a Beta Lead Dioxide layer having dispersed therein the 
Tantalum Oxide powder. (Reduces stress) 

(from US Pat. 5,545,306) 


At the very minimum the Lead Nitrate concentration must be kept above 200g/liter during the plating process. A 
tank that is big enough for the plating job should be employed. Estimate the amount of Lead Dioxide that you 
intend to plate at one sitting and employ a volume of plating solution that will not be depleted much in Lead ion as 
the plating progresses. The bigger the tank the better. The Lead Ion will vary less and the pH will vary less. This is 
desirable. If you are adding Lead ion (Carbonate, Hydroxide, Litharge) using two tanks then then perhaps smaller 
tanks can be used. 

Keep temperature constant. 


See US Pat. No. 4,236,978 for Fluroboric bath. The Fluoboric bath is claimed to be as good as the Nitrate bath. 


There are no figures available for the minimum Lead Ion concentration in the Alkali baths below. Keep the bath as 
big as you pocket can afford (within reason). Alkali baths suitable for deposition of Alpha Lead Dioxide are 
Sodium (and K) Plumbate bath 

Lead Tartrate bath 


Lead Acetate bath 
Four Sodium Plumbate baths (Alpha) 


It should be noted that attempts to use these Plumbate baths resulted in no coating of Lead Dioxide. The reason is 
unknown. Perhaps the Plumbate bath is very sensitive to impurities? Since high grade chemicals were not used 
they may have included enough imputities to stop plating from proceeding? 


The Sodium Plumbate bath is made with Lead ion and Sodium Hydroxide 


80 Grams per liter NaOH 

30 Grams per liter PbO 

Room temperature at 0.3 ampere per square inch (46.5 milliamperes/cm squared) 
(from US Pat. 4,040,939) 


Litharge (30 to 40 g/liter) [dissolve until saturation] in an aqueous solution of about 20% sodium hydroxide 


20 to 50.degree. C. and a current density of from 0.1 to 10 A/dm? 
(from US Pat. 5,683,567) 


80 g of lead hydroxide in 2 liters of an aqueous 5N caustic soda solution. 

Approx. current density 25mA/cm squared 

Temperature 50C 

Substrate was 5 by 2 by 0.3cm 

Cathodes were 2 pieces of SS of similar size to anode 

Bath size was 2 liter with 0.2mm Alpha deposited after 3 hours. (From US Pat. 4,064,035) 


Excess amount of lead oxide in 5 liters of an aqueous 4N caustic soda. 
Current density 25 mA/cm squared. 

Temperature at 40 C 

Substrate was 5 by 15cm 

Cathode was two Cu sheets of similar size to anode 

Deposition for 2 hours give 0.2mm Alpha. (From US Pat. 4,064,035) 


Baths from JES Feb. 1958 


Available in further reading section BTW 


Alkaline Lead Tartrate (Alpha Lead Dioxide bath) 


100g Potassium Sodium Tartrate, KNaC4H4 O06.4H20 

50g Sodium Hydroxide, NaOH 

96g Lead Oxide, PbO 

Dissolve in the order listed in distilled water to make 2 liters of 
solution. Heat to 60C to complete solution of Lead Oxide. Cool 
and filter through sintered glass. Bath pH is about 13. 


Lead Perchlorate (Beta Lead Dioxide bath) 


108ml of 60% Perchloric acid (100g HC104) 

167ml distilled water 

111.0g Lead Oxide, PbO 

Dissolve the Lead Oxide in the diluted Perchloric acid. Make up to 
2 liters with distilled water. Heat to boiling for 2-3 minutes to 
dissolve any white precipitate. Cool and use. Bath pH is about 5. 
See GB 850,380 (below) for discussion regarding this bath. 


Lead Nitrate (Beta Lead Dioxide) 


269ml of 69.9% nitric acid (266.5g HNO3) 
1000m! distilled water 
472g Lead Oxide, PbO 


Add the Lead Oxide slowly to the diluted Nitric acid with stirring. 
Dilute to 2 liters and heat to 75C with stirring. Cool and filter 
through sintered glass. To this bath add: 

0.75g per liter Copper Nitrate, Cu(NO3)2 .3H20 

0.75g per liter Igepal CO-880 (surface active agent) 

The bath pH is about 3.5 


Lead Perchlorate bath (Alpha) 
See US 2,872,405 for more on this bath. 
Lead Tartrate bath (Alpha) 


This bath is from GB 850,380 
There is a discussion regarding the Tartarate bath, Lead Nitrate bath and Lead Perchlorate baths in this patent. 


A Lead Tartrate bath is prepared by dissolving in one litre of distilled water, at 40 to 60C, 50 grams of Sodium 
Potassium Tartrate (NaKC4H406.4H20), 25 grams of Sodium Hydroxide (NaOH) and 48 grams of Lead Oxide 
(PbO). (dissolve in that order). The bath has a pH of 13.5. 


A substantially oxide free Tantalum sheet 1" x 5" x 0.0125" thick is immersed in the bath and is connected as 
anode to a suitable source of current. 

A Carbon rod is also immersed in the bath and connected as cathode to the same current source. 

The bath is heated to 70C. and the circuit is completed with an anode current density of 0.7 amperes per square 
foot. 

A glossy, dark grey deposit of Lead Dioxide forms on the Tantalum sheet. 


From US 2846378. As above, current density was 1 amp per square foot (1.5mA per square cm), cell temperature 
was 64 to 68C. One half mil (0.5 mil) was deposited in 2 hours. A Nickle sheet was being used to make a massive 
anode. 


See US 2,872,405 for more on the Tartrate bath. 
Lead Acetate bath (Alpha) 


This bath is from JAE 18 (1988) P 314 

KOH 4M solution saturated with Lead Acetate and filtered. 

Temperature 20 to 30C. 

Mild stirring was essential. 

Current density initially 50mA per cm squared for two minutes then decreased to 10mA until required thickness 
obtained. 

Cathode was mild steel of about 20 times the surface area of anode. 

Since the solubility of Lead Acetate in KOH (4M) is only about 40g/l a fairly large quantity of electrolyte (one liter 
per 8cm squared of electrode) was required to deposit a 1.5mm thick coating to minimize the depletion of Plumbite 
ion during the coating operation. 

It was noted in the article that the current efficiency for the deposition of Alpha(60%) is lower than Beta (95%). 
Note: NaOH could probably be used instead of KOH. 

This path deposits Alpha Lead Dioxide 


An alternative method of obtaining a layer of Alpha Lead Dioxide is discussed in US 5545306 

In another method of forming the Alpha Lead Dioxide layer, by electrolyzing using the Sulfuric acid bath for 
forming Lead Sulfate described above as an electrolyte and using the core material having formed thereon and the 
Lead plating layer as the anode at a current density of about from 1 to 10 A/dm‘2, the surface portion of the 
foregoing Lead plating layer is oxidized to form the Alpha Lead Dioxide layer. Usually, Beta Lead Dioxide is 
formed in the acid, however, almost complete Alpha Lead Dioxide is obtained by this method although the reason 
has not yet been clarified. 
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Cathode-stainless steel (14 to 18% 

Current efficiency on electrolyzing sodium chlorate solution from 612 to 17.5 grams per 
litre-58.1%. 

Current efficiency on electrolyzing sodium chlorate solution from 612 to 100 grams per 
litre-76.1%. 

Anode weight loss calculated as loss per ton of sodium perchlorate formed at 50% 
current efficiency-20 grams. 


EXAMPLE III 

A lead tartrate bath is prepared by dissolving in one litre of distilled water, at 40 to 60'C., 
50 grams of sodium potassium tartrate (NaKC4H406.4H20), 25 grams of sodium 
hydroxide (NaOH) and 48 grams of lead oxide (PbO). The bath has a pH of 13.5. 


A substantially oxide free tantalum sheet 1" x 5" x 0.0125" thick is immersed in the bath 
and is connected as anode to a suitable source of current. 


A carbon rod is also immersed in the bath and connected as cathode to the same current 
source. 


The bath is heated to 70C. and the circuit is completed with an anode current density of 
0.7 amperes per square foot. 


A glossy, dark grey deposit of lead dioxide forms on the tantalum sheet. After 21.5 hours 
of plating the weight of lead dioxide deposited is 3.0 grams. 
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Lead Nitrate 


Lead Nitrate can be make using Lead metal and Nitric acid. The Lead metal can be purchased from the builders 
providers as it is used for roofing. Lead metal from car batteries or wheel balancing weights contain Antimony, 
Lead from solder contains Tin and it is unknown what the effect theses impurity will have on the plating bath. 
Nitric acid of about 40% to 70% is OK. Nitric acid can be purchased in various places. Hydrogen peroxide can be 
added to speed thing up. 


Cut some of the Lead in 2*2 cm squares and place these in a glass heat resistant bowl with a loose lid. Some Nitric 
acid (53%) is added. Then the bowl is heated. Lot's of brown NO2 gas evolve when the Lead dissolves. White 
crystals form since it doesn't all dissolve. Try to keep it just below the boiling point. From time to time water is 
added to make up for what has evaporated. When NO2 is formed no longer the excess lead is picked out of the 
solution with large tweezers. Then the solution is boiled, and water is added in small amounts until all the white 
crystals have dissolved plus a little extra. (Bigger container needed.) Then the solution is allowed to cool.This will 
yield Lead Nitrate crystals. They are octahedral but look like triangles when they form on the bottom of the 
container (an octaeder lying on one face has a triangular upper face). That last recrystallisation step is necessary 
because the roof covering is actually an alloy. The main hazards of this are (besides hot, corrosive liquid etc): 1. the 
NO2 gas that evolves. It attacks your lungs and is poisonous. Do this outside and only in a breeze. Stand upwind. 
The other problem is the mist of droplets that forms because of the bubbling. You can't see it and it's extremely 
important that you don't even inhale tiny amounts. The Lead accumulates and will affect your nervous system. So 
don't omit the lid on the container and again, stand upwind. You are probably aware of this (the plating cells have 
the same problem) but it wont hurt to warn you anyway. 


The following is from Xenoid: 


Lead Nitrate 


Lead Nitrate is the most soluble Lead salt (55g/100g water), and is a popular choice for a plating bath when making 
PbO2 anodes. The following procedure was described briefly by "tentacles" in one of the anode making threads. 
The method is very useful as it does not require Nitric acid. The procedure is essentially the "Nitrate" version of the 
Copper Carbonate / Acetic acid method described by "MadHatter" earlier in this thread for producing Lead Acetate 
in that Pb is brought into solution by electrochemical replacement by Cu. 

After a few initial hiccups, I found this Nitrate method to be both cheap, safe, elegant and relatively simple. 

The method is based on making Copper Nitrate from two cheap and easily obtained agricultural chemicals 
(Calcium Nitrate and Copper Sulphate) and then reacting the Copper Nitrate with Pb metal, to form Lead Nitrate. 


1) Ca(NO3)2 (164.2g) + CuSO4 (159.6g) ---> Cu(NO3)2 (187.6g) + CaSO4 
2) Cu(NO3)2 (187.6g) + Pb (207.2g) ---> Pb(NO3)2 (331.2g) + Cu 


Equation 1 is a metathesis reaction in which CaSO4 is precipitated, and is a useful procedure for producing many 
different Nitrates. Unfortunately it can be difficult for the amateur as the CaSO4 precipitate is particularly thick and 
it can be difficult to separate from the desired Nitrate solution. In this situation, a vacuum or pressure filtration 
system is needed if one wants to work at reasonable concentrations. If you do not have adequate filtration, it may 
be possible to do this in a stepwise fashion at lower concentrations. Ensure that you have the correct starting 
material, do not use Calcium Ammonium Nitrate (CAN) as this is an Ammonium Nitrate - Calcium Carbonate 
mix. 


Remember blue Copper Sulphate is in the form of the pentahydrate, so you will require 1.56 times the 
stoichiometric amount in equation 1. Use a slight excess of Ca(NO3)2 and remember that CaSO4 has slight but 
appreciable solubility (.21g/100g) some of this can be removed by concentrating the Cu(NO3)2 solution and 
cooling to 0 oC. The CaSO4 will crystallise out as very fine short aciculate crystals. If it is not removed it will react 
with the Pb++ to form insoluble PbSO4. 


Once you have obtained your blue Cu(NO3)2 solution, place it in a beaker and hang excess strips of brushed and 
cleaned Lead sheet in the solution. Shot or other forms of Pb could be used, but may need stirring from time to 
time. Immediately, any shiny Pb surfaces will turn brown, after a minute or so, when a strip is removed, shiny 
specks of Cu will be seen, these may turn brown within a few seconds of being removed from the solution. After 
several minutes, a distinct plating of Cu will be observed on the Pb sheet, and it will become corroded as it goes 
into solution. 


Leave the reaction to proceed for 24 hours in a ventilated place (some nitrogen oxides are produced). After this 
time all reactions should have ceased and the solution will be a very pale green colour. Filter out all the debris and 
insoluble material, add a few drops of Nitric acid, concentrate by boiling and allow to cool slowly to OC. The 
Pb(NO3)2 crystallises out as snow white, well formed, octahedral crystals. 


Lead Nitrate bath from Litharge and Nitric acid. 


269ml of 69.9% Nitric acid (266.5g HNO3) 

1000m1 distilled water 

472g Lead Oxide, PbO (Litharge) 

Add the Lead Oxide slowly to the diluted nitric acid with stirring. Dilute to 2 liters and heat to 75C with stirring. 
Cool and filter through sintered glass. To this bath add: 

0.75g per liter Copper Nitrate, Cu(NO3)2 .3H2O 

0.75g per liter Igepal CO-880 (surface active agent) 

The bath pH is about 3.5 


Litharge can be bought from ceramic supply stores. 


Litharge 

Litharge can be made from Lead Metal and Na or K Nitrate. The Nitrate is melted and Lead metal is added slowly. 
The whole lot is stirred until all metal is gone. You may have to add more Nitrate as Oxygen can escape. 

Reaction going on are: 


If you have access to Lead Hydroxide or Basic Lead Carbonate(white lead) or Lead Carbonate then you can easily 
react it with Nitric acid to make Lead Nitrate. 


If you have access to Red Lead (Pb304), also called Lead Tetroxide or Minium or Lead Orthoplumbite you can 
make Lead Nitrate. You need nitric acid 

Into a beaker put some dilute Nitric acid and warm it. By means of a spatula, add Red Lead a little at a time. Care 
must be taken not to add too much at a time or it will contaminate the product. As the Red Lead is added a brown 
powder, Lead Dioxide, will ppt and Lead Nitrate is formed in solution. 


Pb304 + 4HNO3 ~~~> PbO2 + 2H20 + 2PB(NO3)2 


Lead Carbonate You can make (pretty) pure PbCO3. From that, you can easily make some Lead Acetate with 
vinegar (or cleaning quality (=more concentrated) Acetic acid). I have not tried this exact procedure, but I use a 
similar procedure to purify my Lead foil. I start with Nitric acid instead, and the rest is the same as what I do to 
purify the Lead. I eventually convert the Carbonate to Nitrate with Nitric acid but if you have no Nitric acid I 
suppose you can use Acetic acid. If the dissolving part works, the rest will be a piece of cake. It only takes some 
time, but I am sure it will work just fine. 


You will need: 

Muriatic acid HCl 

NaNO3 

Lead/Tin mix 

Sodium Carbonate 

First, take some Muriatic acid, and dilute this to make a 10% Hydrochloric acid solution. 


In a liter of this solution, dissolve 244.7 grams of NaNO3 by heating the solution. Watch out for HCl fumes! They 
can ruin your lungs. At least for a while. When the NaNO3 has dissolved, don't stop heating. 

Add 298 grams of your Pb/Sn mixture which you previously cut into as many small pieces as possible. Brown gas 
will evolve. This is NO2, and it's something to watch out for. It attacks the lungs (like HCl).T WILL GOOSE 
(KILL) YOU] 

Stir every once in a while and keep the solution hot. The Lead/Tin will dissolve and pretty soon the solution will 
be saturated with PbC12. It will crystallise. Keep heating and stirring the solution as long as the NO2 evolves. 
Dissolving Lead foil in Nitric acid takes me half an hour. It will take you somewhat longer, since the solution is 
less concentrated. Add some water every once in a while to make up for what has evaporated. 

When the reaction has ended, let the solution cool to room temperature. Then cool the solution further to about 0 
deg. C. Filter to obtain raw PbC12. Recrystallise this PbCl2 from a boiling saturated solution (cool it to 0 deg C to 
increase the yield). This should produce pretty pure PbCl2. Now, weigh the PbCl2 (You do not have to dry it first). 
Place the PbCl2 in a container and to every 100 grams of PbCl2 add 50 grams of Sodium Carbonate. Add 300 ml's 
of water (or more if it doesn't seem enough) and boil the mixture for about 15 minutes. Stir well. Then, let the 
PbCO3 that has formed settle and decant the liquid. Add 300 ml's of fresh water and boil again. Let settle, decant 
and repeat one more time. This should remove any Na2CO3 that is left in the PhCO3.(lead carbonate) 

The bicarbonate will work fine instead of carbonate. So will NaOH (but then you must make sure you don't add too 
much NaOH. If you do it will redissolve the lead hydroxide/oxide formed). Potassium salts can also be used if they 
are easier to find. 

If NaCl ppt's you can always add a little extra water to redissolve it. That will only slow down the reaction between 
the Lead/Tin alloy and the NaNO3 in HCI solution a little. The Sn dissolves. I don't know what that grey silt is 
exactly. That depends on so many factors (concentrations, temperature, pH). I guess you can filter it and use it. The 
Lead will be extracted if there is any in there. 

The Tin dissolves, but won't precipitate. SnCl2 is quite soluble. PbCI2 is not , and this is what separates the Tin 
from the Lead. The Tin stays in solution and the PbCl2 crystallises. The additional recrystallisation of the obtained 
PbCl2 below will purify the Lead further removing almost all the Tin that may be left Will NaCl ppt? 39g/100ml1 
@100C or 300 ml will hold 117g NaCl. I guess there isn't that much there. 

Indeed. There is 11.6 g NaCl per 100 ml of solution. But even if the NaCl does precipitate it will be removed in the 
next step: the repeat washing of the precipitated PbCO3 with boiling water. That is supposed to remove any 
Na2CO3 left, but it will also remove the NaCl that may be left. 

You now have pure PbCO3. Make this into any Lead salt you need by adding the corresponding acid. For instance, 
use Acetic acid to make Lead Acetate, use Nitric acid to make Lead Nitrate, Sulfuric-->Sulfate. 


You can also make Lead Carbonate from the following recipe from an old book. 

Two lead electrodes are put into a solution of sodium chlorate (15g) and sodium carbonate (5g) in about one liter 
of water. A DC voltage is applied to the cell and carbon dioxide gas is bubbled into the solution where clouds of 
Lead Carbonate are produced. 

The Carbonate is washed and ready for use. Make sure there are NO CHLORIDES in the Sodium Chlorate that is 
used or if there is, make sure there are NO CHLORIDES in the finished product. Carbon dioxide can be generated 
using marble chips (builders suppliers) and a dilute solution of H2SO4 (car battery acid). 


The following is from "Industrial Electrochemical Processes" PAGE 506: (see further reading section) 
Basic Lead Carbonate. 


The continuous Sperry Process (81) employed a cell fitted with Lead anodes, a linen diaphragm and an Iron 
cathode. The electrolyte consisted of a Sodium Acetate and Carbonate mixture, and anoylite and catholyte were 
individually recirculated through the cell, white Lead being removed from the anolyte as a slurry. 


Pb --> Pb2+ + 2e- 
Pb2+ + 2CH3COO- ---> Pb(CH3COO)2 
3Pb(CH3COO)2 + 4NaC03 + 2H20 ---> 2PbCO3.Pb(OH)2 + 2NaHCO3 + 6CH3COONa 


The process was operated by Anaconda White Lead Products, until abandoned because of loss of markets, to give 
26.4 tons/day. A full description of plant and process in ref. 82. 
All white Lead manufactured was used as a pigment. The outstanding characteristics of that produced 


electrolytically were its exceptional purity (only lead being dissolved in the cell), uniformity, and brilliant 
whiteness. 

81: E. W. Sperry, Brit. Pat.,144,819 (1919); US Pat., 1,452,620 (1922). 

82: R. G. Bowman, Trans. AIME, 73 (1926) 146 


The process is described in US Patent 1,308,948 


Most of the above procedures are from people the author of this page has had conversation with. 
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DC Supplies for plating 


You need a power supply that has about 3 volts DC output and can supply the maximum current you wish to plate 
at. If you have access to a good lab power supply that can be set to output a specified current then that is perfect. If 
you have access to a simple power supply from say 0 to 16 volts, you will have to set the current going through the 
cell carefully and keep an eye on it so that it does not drift too much. 

There can be great confusion regarding what voltage should be applied to the plating tank for to get the anode to 
plate. The voltage should not be what you think in terms of, but rather the current. Decide what current you need 
and apply that current to the tank. THAT current will cause a particular voltage to appear across the tank and that is 
your plating voltage. It is not an important figure in itself, all voltages will be only a few volts. The best type of 
power supply for plating is a supply having controlled current characteristics. This sounds rather complicated but it 
is not. To make a supply with controlled current characteristic you simply take a voltage supply (a battery is a good 
example) and put a fairly large resistor in series. This gives a supply which is more like a controlled (programmed) 
current source. 

A good, easy to obtain supply that is also uninterpretable, is the ubiquitous car battery charger together with a good 
battery and some 12 volt (car) bulbs. Depending on the wattage of the particular bulb it will allow only a certain 
current to flow when put in series with the plating tank. The current will not be very accurate but good enough for 
our job. Some 50 and 100 ohm resistors can also be useful for setting the smaller currents. 100 ohms gives about 
100mA. 


Power supply using car battery charger and a car battery. 
SP) nde al 


bulb resistor 


plating bath 


The bulbs can be obtained from scrap yard. The wattage of the bulb will give you an idea of what current will flow 
when that bulb is in circuit. 21 watts get you about 2 amps, 55 watts gets you about 5 amps. Bulbs can also be put 
in series to get you a smaller current if you wish. Any number of flying leads can be attached to the plating anode. 
The computer power supply could also be used. I would recommend using the 12V output with resistors as above. 
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Plating tank compound additions for the Lead Nitrate tank 


The acid in the tank must be neutralized and the Lead ion concentration replenished by the addition of some of the 
following. 

Litharge (PbO) (mol weight: 223), somewhat hard to dissolve if not finely ground, 

Lead carbonate (PbCO3) (mol weight: 267), caused bubbles when added, 

Basic Lead carbonate ((PbCO3)2:Pb(OH)2)) (mol weight: 775), causes bubbles when added. 


Litharge can be purchased at the ceramics store. Basic Lead Carbonate is called White Lead and is used in paints 
for boats. Lead hydroxide can be made from Lead Nitrate and Sodium hydroxide. 

80 grams NaOH dissolved in water is added to 332 grams Lead Nitrate dissolved in water and a white ppt 
immediately form's. This is lead Hydroxide and it should be washed a number of times before it is added to the 
tank. 


The amount of compound to add to the tank depends on the amount of Lead Dioxide that was deposited on the 
anode that was plated. The amount of compound to add to the tank depends on what particular compound you are 
using and is thus: 


d Grams of compound to add to tank 
Compoun per gram PbO,plated. 


Litharge 0.933 
Lead carbonate 1.12 
Basic lead carbonate||1.08 
Lead hydroxide 1.01 


If the tank becomes neutral before all of the amount of compound is added simply stop adding. Add some Nitric to 
put the pH low. 


The following is some observations regarding the addition of compounds to tank. 

Lead carbonate PbCO3 (lab grade and dry from container) dissolves easily with some bubbles, more bubbles and 
foaming if using surfactant. 

Basic lead carbonate (PbCO3)2:Pb(OH)2 (lab grade and dry from container) won't dissolve easily and will float on 
top of the liquid and if the spoonful is large enough to overcome the surface tension of the plating bath it will sink 
as a fluffy lump and remain on the bottom where it will dissolve slowly with the occasional big bubble of CO2 
emitted. If using surfactant in the bath the basic Lead Carbonate will 'wet' much easier and dissolve easily and 
cause a large amount or rising foam which can be difficult to keep in the tank. The only way to make this 
compound dissolve satisfactorily in a bath that has no surfactant is to make a slurry of the compound before adding 
to cell. This is done by putting some water and the basic Lead Carbonate into a (coffee) jar and shaking vigorously 
until the powder wets. This slurry will dissolve instantaneously without too much foaming. Add small amounts at a 
time. 

Lead Hydroxide dissolves easily and creates no bubbles. 

Lead Oxide (PbO) Litharge. This will dissolve easily if the particle size is small. If the Litharge is put into a 
container and stirred, the particles that remain in suspension will dissolve easily (because they are small). The 
larger particles will remain on bottom of bath container for a time, this is no harm. 

PbO is a good cheap neutralizer and it can be added to tank so that there is always some of it on the bottom of the 
tank where it can be stirred up now and again. 


Ions that are bad news in a plating tank, according to the literature, are: 

Chloride, Cobalt, selenium, arsenic and Iron. The only ion that is likely to effect you is Iron. If you are using 
‘crocodile’ clamps made of steel to make connections to an anode that is being plated, you must be careful that no 
corrosion (it is very likely to form on the damp clamp) falls or gets into tank. Better not to use Iron at all. Not too 
sure about SS but it has been in a plating tank and had no corrosion or ill effects reported. Keep Gouging rods out 
of the tank as them may contain Iron particles. 


Nitrites are formed at the cathode as a side reaction and can build up in the tank. The addition of Hydrogen 
Peroxide to the tank has been used to counteract this problem. The build up of Nitrites lowers current efficiency 


and will give bad coats of Lead Dioxide. Resting the tank for a day or two after it has been neutralized will allow 
Nitrites to convert back to Nitrates and allow the tank to plate at its best. Bubbling air through the tank will speed 
up the process. Careful of splashes/spray. 
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Arrips 
96469 


Moles (Ml) electrons into tank per second Mis (Moles per second) 


Moles H ions generate per second is numericaly equal to Moles Electrons per second into 

tank because standard Lead Dioxide plating equation states so. 

The H jon concentration in the tank is the ‘Target H ion concentration. tt comes directly from the Nitric acid 
concentration (g/l) divided by the molecular weight of Nitric acid, 63 


Output rate of FH ions in Ms {to neutralizer) must equal this Input generation rate of A ions fin Ms). 


Qutput rate of H ions fin M's) = Liquid output flow rate fin ls} a H ion concentration fin ttl) 


Rearrange: . Output rate of H ions fin his) Input generation rate of H ions fin Mis} 

COtrtpoct Vege foe peat (nr) A) mes rs 
H jan concentration fin MT H ion concentration fin Ml 

so: Output liquid flow rate (in l’s) = ed 3 / 96489 = i 

Aion concentration fin Ml) 96489 * H ion concentration fin Mil} 


since Hion conc: fin Ml = Nitric acid concentration (in all) / 63 grams per litre 


0.0391762 * Amps 


Flow rate = = ——_—_ Litres per minute 
Target Nitric acid conc. (g/l) F 


INDEPENDANTLY VARIABLE TIMING FOR BOTH PORTIONS OF THE OUTPUT CYCLE 


ON TIME -- Tsec. = O.693 8 (R1 + Rea) XC 


OFF TIME -- Tsec, =O.693 % Reb «eC 


OUTPUT 


The output will need to switch a relay 


As the price of Titanium has decreased and become more easily available it has become a sensible choice as a 
substrate for a Lead Dioxide anode. 

Ti is from a group of metals known as Valve metals. The group includes Ta, Nb and Hf. Theses other members 
may be used as a substrate but they are more expensive and harder to find. 

Ti is available on ebay. Search for Titanium sheet or plate or rod. (Search for Titanblech in the German ebay). 
Grade 1, 2, 3 or 4 are best to use for anodes as the more common 6/4 alloy (6% Al, 4% V) may not be suitable due 
to the alloying elements. (It may be OK). In the patents etc, when the grade is mentioned it is usually grade one. It 
is easy to drill and etch. Grade four is difficult to drill and will not etch with HCl, you will need HF acid. Hot 
Oxalic acid and hot Sulphuric acid can be used to etch Ti. There is some info on Titanium Grades here. 


Lead Dioxide plated onto bare Ti will not work because a layer of non-conducting Ti Oxide will always build up 
between the Ti and the Lead Dioxide. Lead Dioxide oxidizes the Ti. You must have a precoat between the Ti and 
the Lead Dioxide. 


¢ Industry has used Pt or Pt Oxide as the precoat. This may be too expensive for the home producer. An 
article, Performance characteristics of a new type of Lead Dioxide coated Titanium Anode, Journal of 
Applied Electrochemistry. Volume 25, Number 9 / September, 1995, describes an interface coat using Ti, Ta 
and Pt compounds. 


¢ Another interface layers that has been mentioned is Ebonex, a trade name for Ti407. Ebonex can be made 
from Ti + Hydrogen gas in an oven. See US 2957787, 'Making TiO2 Conductive’. An Ebonex Electrode is 
described in JOURNAL OF APPLIED ELECTROCHEMISTRY 22 (1992) 200-203. 


« A coating of Cobalt Oxide or Manganese Dioxide may also suffice as a precoat between Ti and LD. 


e A very cheap interface layer consists of Doped Tin Oxide (SnO2) . Antimony, Molybdenum, Fluorine and Pt 
(and more) have been used as the dopant. See link below. 


¢ US Patent 4444642 uses MMO as an interface layer. Old pool chlorinator cells, corrosion anodes, or regular 
MMO coated Ti mesh etc could be used as the substrate. See link below. 


Ti substrate, Tin Oxide interface layer, LD Anode 
Ti substrate, MMO interface layer, LD Anode 


Do not use Fluorine additive in Chlorate or Perchlorate cells when using Ti substrate LD Anodes as it may cause 
cracking of LD and erosion of Ti substrate. 
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The following is from Timet at www.azom.com 


Titanium - Introduction to Corrosion 


Since titanium metal first became a commercial reality in 1950, corrosion resistance has been an important 
consideration in its selection as an engineering structural material. Titanium has gained acceptance in many 
media where its corrosion resistance and engineering properties have provided the corrosion and design engineer 
with a reliable and economic material. 


Titanium Alloys 


Many titanium alloys have been developed for aerospace applications where mechanical properties are the 
primary consideration. In industrial applications, however, corrosion resistance is the most important property. 
The commercially pure (c.p.) and alloy grades typically used in industrial service are listed in Table 1. Any data 
given should be used with caution as a guide for the application of titanium. In many cases, data were obtained in 
the laboratory. Actual in-plant environments often contain impurities which can exert their own effects. Heat 
transfer conditions or unanticipated deposited residues can also alter results. Such factors may require in-plant 
corrosion tests. 


Titanium alloys commonly used in industry 


ASTM UNS (min) 0.2% i 
Grade Number Strength (min) eae Composition 
psi offset - psi 


696 Al, 4% V 


R56322 90000 70000 Grade 9+0.05% Pd 


*Commercially Pure (unalloyed) titanium 


Titanium offers outstanding resistance to a wide variety of environments. In general, grades 7 and 12 extend the 
usefulness of unalloyed titanium to more severe conditions. Grade 5, on the other hand, has somewhat less 
resistance than unalloyed titanium, but is still outstanding in many environments compared to other structural 
metals. 


New Grades 


Recently, ASTM incorporated a series of new titanium grades containing 0.05% Pd. (See Table 1) These new 
grades exhibit nearly identical corrosion resistance to the old 0.15% Pd grades, yet offer considerable cost 
savings. Generally wherever information is given regarding Grade 7 these new titanium grades, 16, 17 and 18, 
may be substituted. As always, this information should only be used as a guideline. 


Corrosion Mechanisms 


Titanium and its alloys provide excellent resistance to general localised attack under most oxidizing, neutral and 
inhibited reducing conditions. They also remain passive under mildly reducing conditions, although they may be 
attacked by strongly reducing or complexing media. Titanium metal’s corrosion resistance is due to a stable, 
protective, strongly adherent oxide film. This film forms instantly when a fresh surface is exposed to air or 
moisture. 


Oxide Film Growth 


The oxide film formed on titanium at room temperature immediately after a clean surface is exposed to air is 12- 
16 Angstroms thick. After 70 days it is about 50 Angstroms. It continues to grow slowly reaching a thickness of 
80-90 Angstroms in 545 days and 250 Angstroms in four years. 


The film growth is accelerated under strongly oxidizing conditions, such as heating in air, anodic polarization in 
an electrolyte or exposure to oxidizing agents such as HNO3, CrO3 etc. The composition of this film varies from 


TiO, at the surface to Ti,O3, to TiO at the metal interface. Oxidizing conditions promote the formation of TiO, 
so that in such environments the film is primarily TiO. This film is transparent in its normal thin configuration 


and not detectable by visual means. 


A study of the corrosion resistance of titanium is basically a study of the properties of the oxide film. The oxide 
film on titanium is very stable and is only attacked by a few substances, most notably, hydrofluoric acid. Titanium 
is capable of healing this film almost instantly in any environment where a trace of moisture or oxygen is present 
because of its strong affinity for oxygen. Anhydrous conditions in the absence of a source of oxygen should be 
avoided since the protective film may not be regenerated if damaged. 


For more information on this source please visit Timet 
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The layer of Doped Tin Oxide is applied by painting on a fixed ratio solution of Tin and dopant compounds that are 
thermally decomposed into the Oxides. A layer of Alpha Lead Dioxide is plated next using an alkali Lead salt bath or 
perhaps a Lead Nitrate bath at a high current density. Next and lastly a Beta layer of Lead Dioxide is plated on top 
using a Lead Nitrate plating bath. The Alpha layer has better adherent properties that the Beta. It is also smoother and 
levels better. The Beta is better for exposure to the Chlorate or Perchlorate cell electrolyte as it wears less. 
The substrate can be a drilled flat sheet of Ti. Mesh should be OK. Another possible alternative is to obtain a quantity 
of Ti welding rods. They can be got from you local welding supplier as a special order or as a sample. You can then 
‘weave' the rods together to form a mesh with, say, 0.5 cm square holes, the mesh being the size of the Anode you 
want. You can weave more/less dense as you think fit. The Ti rods that are horizontal will play no part in taking 
current to the Anode, it all being done by the vertical rods. 
The Ti must be surface treated before any coatings are applied by degreasing, etching and (if possible) sandblasting. 


It should be noted that certain Tin and Antimony compounds are toxic. This is especially true if you attempt to make 
your own compounds from Tin and Antimony metals + acids. 


The picture below shows an Anode made with a drilled 1mm thick Ti substrate. The small depressions on the 
surface give an indication of the spacing of the holes which were 2.5mm diameter. The Anode measures 5 cm by 30 
Sai8 


(In relation to the Anode) 

The process that I finally settled upon is a bit laborious but I have had pretty consistent results: 

I used Ti sheet of about Imm thickness because that is what I had at the time. A little thicker would probably be 
better. 

The first step involves drilling the solid sheet full of small holes. I used a piece of perforated stainless as a drilling 
guide/pattern. The holes then need to be de-burred or slightly countersunk to get rid of the ragged edges left by the 
drilling step; I just used a larger diameter drill bit to do this. 

The substrate should then be sandblasted, (to help the PbO2 adhere to it. The holes are needed for the same reason) 
degreased with dish-washing soap, thoroughly rinsed in clean water and dried. 

Next, a semiconducting coat of Sb doped SnO2 was applied by painting on a solution of SnCl4 + SbCI3 in water + 
Butanol, drying, and then heating to 500°C or so in an oxidizing atmosphere i.e. air. This step was repeated five to 
ten times to give a suitable coating thickness. 

Then a thin (about 0.1mm) layer of Alpha PbO2 was plated onto the substrate from an alkaline lead tartrate bath. 
The final coat of beta PbO2 was then plated over top of this from a lead nitrate bath. This layer was about 2mm 
thick. The Anode performed well in a perchlorate cell. 

The Anode above was only used for two batches of perchlorate, starting from NaClO3, which means that it has seen 
about 200 hours of use at a current of 35-40 A. It still looks pretty much exactly the same. I have made other Anodes 
(using the same process) that I've used in Chlorate cells for hundreds of hours with no visible signs of wear. 

The Alpha PbO2 layer was added in order to improve adhesion + uniformity of the final beta PbO2 layer. See 
US5683567 for a description of a very similar anode. I used to always try and cut corners but after accumulating a 
whole lot of hazardous waste from failed attempts I've come to realize that it is easier to do it properly, even if it is 
more work. 

I chose the SnO2/Sb203 system because it is easy to apply and the raw materials are easy to come by and above all 
cheap. SnO2 also has a higher Oxygen overvoltage than PbO2 which supposedly means that any exposed SnO2 will 
not interfere with the Anodic formation of Perchlorate. 


Beta LD/Alpha LD/ATO/Ti 


Some Patents that are relevant to the Ti substrate LD Anode are: 

United States Patent 4040939 Tin + Antimony Oxides on Ti + Lead Dioxide. 

United States Patent 5683567 Tin metal layer converted to conductive Tin Oxide Layer + 
Lead Dioxide. 

United States Patent 5545306 Uses a Lead metal layer on top of Ti. This Lead Layer is 
oxidized to Alpha then plated with Beta in a Lead Nitrate bath. 

GB Patent 850,380 Massive Anode using Ta as the plating substrate. See also JES 
February 1958 in further reading section for similar scheme. 


Detailed description of making and using Titantum/ATO/Lead Dioxide Anodes 


Etching Titanium 


The grades of Ti that are alloyed with Al (usually 6Al4V, meaning 6% Al & 4% 
Vanadium) is easy to etch in HCl at room temperature once you start it off by 
sandpapering the Ti. Grade one is more difficult with the HCI needing to be at a 
minimum of 85C. Heat the acid first and then put Ti into it. If the acid is heated 
from room temperature with the Ti in the acid it will not etch. If the Ti is 
sandpapered before going into acid this will guarantee as start to etching. Grade 
four is very difficult with hot HCl having no effect. It can be etched using molten 
NaOH or HF acid (BOTH DANGEROUS). A product which may be useful for 
etching Ti is a paste sold in welding shops for cleaning Stainless Steel after it is 
welded. It contains HF & Nitric Acid. It may be called CromeBrite or some such. 


Drilling Titanium 


How easy Ti is to drill will depend on grade. Grade one is easy (for small holes anyways) and can be drilled 
with ordinary steel drill bits, Grade 4 is difficult. 

Quote: 

CP titantum won't start out very hard, but it will work harden rapidly, faster than 304 or 316 stainless steel. I'd 
recommend a high speed center drill, especially if you do not have a drill press or milling machine. Carbide 
will just break up if you try to drill by hand. Drill speed should be 800-1200 rpm for a 1/8" hole, 1/16 would 
be twice that, 1/4 would be 400-600. Scale accordingly. Use heavy feed and don't hesitate, as each turn of the 
drill should peel up a chip at least 0.004 thick. Otherwise the material will harden under the drill point. 


Note: 
Titanium does not permit films to be prepared at higher temperatures that 500°C because the interface undergoes a 
sort of swelling and the over-layer becomes fragile and scales. Keep below 500°C. 
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Ti-MMO-Lead Dioxide 
Anode 


Swede has produced some Lead Dioxide Anodes using MMO as substrate. He has written a document on same and 
it is available in the further reading section. 


An LD Anode using MMO on Ti as the substrate by Swede. 
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Inert Mat Reinforced Massive Lead Dioxide Anode 


This type of anode has been made and used successfully. 

The anode is plated onto a flat piece of Valve metal with a piece of inert reinforcing attached to the metal. The 
back and edges of the metal is covered with plastic tape or some such to stop Lead Dioxide from depositing on it. 
The anode is grown on the Valve metal and will incorporate the inert reinforcing. ‘Scotch pads' used for cleaning 
domestic pots is a good material to use for the inert reinforcing. The tank pH must not be very low at the start of 
deposition as the metal may passivate before plating can commence. Tantalum is better than Ti in this respect, GB 
850,380 or US 2,872,405 or US 2,994,649 (SS used). An alternative would be to use an Alkali bath (Lead Tartrate) 
to first put on a layer of Alpha LD. The Alkali baths will not anodize the Valve metal . In fact it may be possible to 
use an attackable temporary substrate such as Nickle or Iron if the Tartrate bath is used (US US 2,846,378) or a pH 
controlled Nitrate bath. 

Anodes are inclined to bend as they plate when made this way. It may be advantageous to use a piece of Ti that is 
curved (or a half pipe) and coat the inside surface of this to help with the compressive stress associated with the 
Beta LD. 

Since Alpha LD mainly deposits when high current density's are used (70mA/cm squared) and Beta at 40mA or 
below. It may be possible to alternatively plate Beta/Alpha/Beta/Alpha/Beta, by simply changing current density's. 
This is a guess. Alpha created this way, (as opposed to using an Alkaline bath) may not have the same strain 
associated with it as discussed in US 4,064,035 below. 


An anode was made by Hashashan. It was grown on Ti using ‘Scotch Brite’ as the reinforcing in a Lead Nitrate 
bath. It was grown slowly over a few days. Silver paint was used as the connection and was tested in a 
(Per)Chlorate cell. 


There is an account of some massive anodes here. 


US 4,064,035 gives an account of using Alpha + Beta layers to eliminate stress in the anode to stop it from 
bending as it is made. Graphite (or Iron or SS) can be used for the temporary substrate. It should be noted that a 
Beta layer should be deposited first and last so that when the anode goes into service (substrate removed) then 
there will be Beta exposed to the electrolyte as Beta is more resistant to corrosion and that Alpha. When using 
attackable substrates you must start with a bath that has not got too low a pH or alternatively use an Alkali bath for 
to start the anode off. 
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Massive anode by 'Tentacles' 


I've been plating another anode, this time using (almost) Hashashan's method. 

I sanded the Ti strip with P220 sandpaper, and then used my dremel to round the edges nicely, wet sanded (EtOH) 
with 1000 grit SiC paper, and then painted the side that I hope to not plate with some cheap black spray paint. I 
covered the edges with hot melt glue, making sure to heat the Ti up so it would stick, and also covered the painted 
side with more hot melt glue. I then sanded the working side again with 1000 grit paper, then tacked on the scotch 
brite. 


I prepared 2L of solution as my bath: 


250g/1 of Pb(NO3)2 

1.65g/l of NaF 

15g/l of Cu(NO3)2 

2.2g/l of 50/50 200/325 mesh SiO2 
10ml/I of 80% HNO3 


I'm running it at 52C on my hotplate, with the stir bar running. 
Current density is 15ma/cm2, running off 3.3v on my new (and cheap) ATX PSU. PbO2 started plating 
immediately when I turned on the power. 


edit: Came home last night and it was pulling 845ma, which was a bit high for my liking - I know it's in the 
acceptable plating current range, but I bumped the voltage down to 1.7V (5.0v - 3.3v). It's pulling ~Sma/cm2. 
Plating continues. 

Today: 

Anyways I decided to stop plating this anode, weird things were starting to happen.. I peeled it off the Ti, which 
wasn't so much peeling as breaking off a few little bits to release it.. It actually curved while plating, which is very 
strange. After I got it off, it was somewhat broken, so I lassoed it with some wire and dunked it in to plate it back 
together.. The result.. 168.7g of very ugly PbO2. I doped the plating solution with NaF, the resulting PbO2 is 
smooth, and shimmers." 


Massive anode with ‘Scotch Brite’ reinforcing 


“vio 120 130 140 


Massive Anode by 'Hashashan' 


Recently I was working on a massive 
The anode was grown from a piece of Ti through 
a thick (about 4mm) piece of plastic fiber 


_ | eo! a 
Massive Anode by Hashashan grown on Ti shown 
below anode. 


cloth(aka scotchbright). The setup had controlled 
temperature of 50-58C (sometimes it went 
higher.... I wasn't around to babysit it, corrected it 
as soon as I could) at the begining it even had PH 
controll (some PbO that I dumped inside and a 
magnetic stirrer) but later I ran out of PbO so 
added NaOH solution from time to time to keep 
the acid down. Also I added some ceramic dust 
and shreads. It seems like it helped, almost no 

. bubble pitting at all. 
I ran about 1 amp(30-40 ma/cm) current for 3 days, it is about 5mm thick in the center and really overgrown on the 
sides (I tried to prevent this by building a hot melt glue frame for it to grow inside but it overgrew it on the first 
day), so on the sides its about 1cm thick. It peeled quite easily from the Ti strip. 
The anode is about 3.5cm*10cm and it weighs 175gr. 
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Putting the anode to work 


The anode must first have a good electrical connection attached to it that will carry heavy currents for a period of 
months in the (Per)Chlorate cell. This has been discussed before in Metal/graphite connections. After the 
connection has been made the anode must be put into the cell so that no salts will get to the connection. In my 
opinion the best first line of defence is to operate the anode in a sealed cell. The cell will have a vent tube. See 
figure for a suggestion for to install the anode in a cell. 


~/ cross sections 


resin 


chlorate or 
perchlorate 
electrolite 


Hotmelt or 
silicon 


Cell lid 


Polyester resin (sold in car accessory shops, resin + hardener, it is a liquid and is NOT the same as 'car body filler’) 
is very good for sealing around the anode, it 'wets' the Lead Dioxide and stops salts from creeping up the anode out 
of the cell. Hotmelt glue and silicon sealer have been used next to the anode but IMHO they are not as good as 
they will not actually 'wet' the Lead Dioxide but only sit against it and the salts will come creeping up along the 
inevitable gap the exists between them and the anode surface. 


A piece of plastic is cut to a suitable shape for to place on the anode, a washer shaped piece is needed for a circular 
shaped anode and a long piece with a slit cut in it is needed for a filtration reinforced type anode. The hot melt or 
silicon sealer (builders caulk) is placed underneath the plastic piece along the anode and also in a ring around the 
anode on the top surface of the plastic, as per the diagram. This is to stop the liquid resin from flowing away until 
it sets. The resin is poured into the area around the anode where it flows into the gap between the plastic piece and 
the anode and seals it. The anode, with the plastic piece can now be placed into the hole in the lid of the cell and 
some silicon sealer or hotmelt used to hold it there and seal between the plastic piece attached to the anode and the 
lid. 

It is advisable to use a separate piece of plastic to seal around the anode as per above because if you seal the anode 
into the lid directly it can be difficult to remove the lid together with cathodes and connections if you want to 
inspect the anode. It depends on your particular set up. The piece of plastic that is attached to the anode should be 
seen as part of the anode. 


A word regarding copper contamination. 
Copper is used in the plating bath and when using porous substrates (and perhaps non porous substrates) some of 
the plating solution will have penetrated into the substrate or may be incorporated in the electrodeposited Lead 


Dioxide. Copper is BAD news when dealing with chlorates/perchlorates, especially ammonium perchlorate. It 
would be advisable to be aware of this when using the first batch or so of product that your anode has made. It 
would be wise to not make Ammonium Perchlorate (from Sodium Perchlorate) for at least 2 runs of the anode so 
that all Copper will have leached away. A green colour has been observed on a newly made anode in a Chlorate 
cell, and it could have only come from the Copper in the plating tank. 
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Making metal connections to an anode 


There are two connections to be considered regarding the anode. Firstly there is the connection to allow the anode 
to be plated (relatively easy to get right) and secondly there is the connection to the anode that is used when the 
anode goes into service. This is the most difficult connection to get right. This connection has to last for months 
and must pass substantial currents without heating excessively. It must be protected from the salts, both from salts 
that arrive externally to the connection (via spray from the cell) and also from salts that are transported to the 
connection via the substrate by cappillary action up the substrate (if the substrate is porous). This is the more 
difficult problem to counteract. With Graphite or Ti substrate anodes there is no connection problem as the supply 
is simply connected to the substrate. 


Connections for long term service of the anode 


The connection to carry the heavy (10's of amps), long term (months) current for when the anode goes into service 
in a (Per)Chlorate cell is the big problem. Most metals are not compatible with Lead Dioxide and if you try to put a 
copper strap onto the anode the current will stop flowing after a very short time. The problem is that non 
conductive metal oxides always appear at the junction of the metal and the Lead Dioxide so that current stops 
flowing. Silver forms a conductive Oxide when used to connect to Lead Dioxide and is therefor the only suitable 
metal for the job. See JES Vol. 105 page 101 (available on this web page) for a discussion. 

If Graphite is used to form a permanent connection it is difficult to get a low resistance contact to the Lead Dioxide 
because the effective contact area between the rigid Graphite and the rigid Lead Dioxide will be small. The 
Graphite will, at the very least, have to be lapped so that it will have good contact. It should be noted that silver is 
quite resistant to salts from the cells and is MUCH more resistant than copper. The Graphite and Silver paint is not 
a bad combination. 


Silver paint can be purchased from car accessory stores. It is used for mending rear windscreen heaters and is 
usually called 'Electroconnect' or 'Electrorepair' or some such like. It can vary in price from shop to shop so shop 
around. It should cost about 8 US dollars for about 3ml. This sounds expensive but 3ml will do quite a lot of 
connecting. Scan of Silver Conductive Paint Box.Conductive silver paint can also be purchased from electronic 
supply houses where it is sold for doing quick mending jobs to printed circuit boards. It is important to realise that 
the paint must have silver METAL in it, not just a silver colour. Aluminium paint is 'silver' paint but it will be 
absolutely useless for the task here. Ebay may be a source. Use 'conductive silver paint’ as a search string. 

Silver can also be electrodeposited on from a Silver Nitrate or Chloride tank, but it requires more work. 


The metal connection must be protected from the corrosive effects of the (Per)Chlorate cell. This is important. 
There should be no salts arriving to your connection via spray or such like (externally) if you operate the cell with 
a proper lid and the anodes and cathodes are installed in the lid properly. 


Silver is quite resistant to the salts from the (Per)Chlorate cell and is MUCH more resistant than Copper. 

If your junction between the anode and the conductor is not been overstressed (big current, relatively small area) 
then the connection is not too critical and crocidile clips or clothes pegs can be used to hold Copper braid in place 
against the Silvered areas. With Graphite or Ti substrate anodes there is no connection problem as the supply is 
simply connected to the substrate. 


See Silver and Copper electroplated connections. 
It must be bourne in mind that the connection will fail, no mater how good it is, if salts are getting to it. 
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Electroplating metal connections 


People have suggested that you cannot electro deposit silver directly onto Lead Dioxide and that it must be sprayed 
on or painted on. 

You may be able to use an "electroless" silver plating tank to plate silver onto the PbO2. This is a plating tank that 
does not use plating current to but the silver onto the object to be plated. The silver deposits onto the object of its 
own accord. It is not the same as silvering mirrors, where a similar thing happens. The silver baths that are used for 
silvering mirrors will only put on a very thin deposit of silver and then will STOP plating. The true electroless 
plating tanks will go on depositing silver and build up a layer of silver of the required thickness that you want. Be 
very careful with silver electroless plating baths. If they are left lying around after the plating job is complete, very 
explosive compounds can form and will cause an explosion as soon as you touch the container. The following 
electroless silver plating baths are taken from US Patent No. 3,318,794. See http://ie.espacenet.com/ for the patent. 
In the patent they discuss silvering the inside of a hollow cylindrical powdered Lead Dioxide/plastic polymer 
anode with silver using the following process: 

Solution A: 

15 g. silver nitrate in 1500 ml solution with enough ammonia so that the final pH is 10. 


Solution B: 
1 gram silver nitrate and 0.83 grams Rochelle salt in 500 ml water, boiled for 20 minutes and filtered 


The anode cavity is washed with 5% NaOH and then filled with 460 ml A and 90 ml B 


Electrolysis is carried out with a silver electrode hanging in the center (recall that this is plating the inside of a 
hollow PbO2 cylinder). The silver is plated on the Lead Dioxide until the process ceases, then a new solution is 
prepared and used to plated, etc. several times until a decent layer is deposited. 

After this, copper is plated over the silver using with a bath made of 200g/L CuSO4 and 50g/L H2S04. 


Plating copper 


Copper sulfate/sulfuric acid is the preferred copper plating bath in the electronics industry. Copper concentration in 
the 12-18 g/L range, sulfuric acid in the 200-250 g/L range and chloride in the 30-60 ppm range. Levelling/carrier 
agent such as 2,000 polyethylene glycol and brightening agent such as an alkyl sulfonate both in the ppb/ppm range 
are essential for macro and micro level grain refining to enhance the hardness and tensile strength of the deposit. 
Without these additives the deposit will be matt in appearance and have both lower ductility and be more 
susceptible to cracking under thermal stress. 

The proper control of these components is most easily determined using a Hull cell which allows you to visually 
compare the appearance of the deposit over a range of current densities. This is accomplished by angling the 
cathode at 45 degrees WRT the anode in a small plating cell (I can't recall the dimensions off the top off my head). 
These later two components are typically proprietary in nature and sold by electroplating chemical specialists such 
as Lea Ronal/Shipley, MacDermid Chemical, Atotech USA. 

The cathode is the piece that is being plated the anode in this case would be a copper bar or basket with copper 
balls or chips. 

The bath must be aerated at the cathode to prevent burning (soft powdery copper deposition). The cathodic current 
density is typically in the 12 to 18 ASF (13 to 19mA/cm/2) range for the Cu/H2S04 ratio outlined above. 
Regarding the chloride...it's use pertains to a copper sulfate plating bath. The purpose is to aid in uniform 
dissolution of the copper anode as the cupric ions are deposited onto the piece your plating. Chloride becomes a 
component of the black film that forms on the anode (along with the organic additives). The film forms as the 
copper in the anode dissolves to replace the cupric ions as the plate onto the cathode (your product). It is usually 
added in the form of HCl but NaCl works as well. 


Copper plating by TB 
Purifying sterling silver 


Dissolve your sterling silver in nitric acid; a bit of heat will help if your acid is dilute. Next, precipitate the silver as 


the chloride, AgCl, by adding an excess of NaCl solution. Wash your precipitate and then reduce it to metallic 
silver by one of the following methods: 


1) Add an excess of NaOH solution and heat to boiling/ nearly boiling. Add either glucose (dextrose) or 
formaldehyde solution, a little at a time, until all the AgCl is reduced to metallic silver. (The resultant silver 
powder is grey. not shiny) This method only takes less than an hour. 


2)Add some pieces of zinc to your AgCl under water. The zinc will slowly reduce the AgCl to silver metal. The 
excess zinc can be dissolved in HCl. This method takes a few days. 


3) Dry your silver chloride and intimately mix it with an excess of Na2CO3 (soda ash). Heat this mixture with a 
propane torch (this is normally done on a block of charcoal) until the silver melts to form a button of pure silver. 


I prefer the first method as I have used it on several occasions in the past. I have never tried this, but you might be 
able to make your own conductive epoxy by adding the silver powder obtained in methods (1) or (2) to some 
normal (not 5 minute!) epoxy. The idea is to use the epoxy to bond some copper strip to the electrode. This will 
only require a small amount of epoxy. It might also work if you add graphite powder rather than silver although I 
expect the resistance to be higher. 
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Graphite Substrate Lead Dioxide Anodes 


The GSLDA has been use successfully in industry. The amateur by and large has not had much success making a 
long lasting Anode of this type. 

Quoting from a study that was performed using Graphite Substrate LD Anodes (JAE 1 (1971) 207-212) 

It is seen from Table 4 that most of the Anodes have lasted for more than 450 days of continuous electrolysis. This 
confirms the earlier observation that Lead Dioxide deposits of 5 mm thickness on Graphite can be used successfully 
for the production of Perchlorates (Chloride at start, with pH controll). 


If you are going to make this type of Anode you had better use a professional set up. If there are any flaws (visible 
to the naked eye or smaller) in the Lead Dioxide coat, the Anode will fail. Use large tank or better to have two 
tanks. One for plating and one for adding Lead ion and reducing Nitric Acid concentration with a pump in 
between. 

High quality Graphite pretreated correctly. 

High grade chemicals. 

Surfactant. 

Tight temperature control. 

Thick coating of Lead Dioxide, at least 3mm, 5mm is better. 

NO CORNER CUTTING......PERIOD. 

You could try using a flat plate of Graphite and drilling lots of holes, countersinking each hole and then plating. 
This may help Lead Dioxide to adhere and is similar to what is done when Titanium is used as a substrate. 


When PH is controlled in a Chlorate cell it has much much less erosion effect on Graphite. It is probably wise to 
only use a GSLD Anode in a pH controlled cell or keep it for making Perchlorate (from Chlorate) only. 


There are some nice Anodes below. They were made by the spinning method in a good setup. 

It should be noted that they all fell apart soon after they were put into a Chlorate cell. Perhaps the thickness of coat 
was not great enough. When visibly good Lead Dioxide coats are examined under a microscope lots of flaws (pin 
holes etc) can be seen. If theses flaws go all the way to the Graphite substrate, failure of the Anode will occur. 


COnadeT- Co un 
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The ceramic substrate anode has its problems. It will need a good coating of Lead Dioxide in order to carry the 
heavy currents need in the (Per)Chlorate cell. It also needs a good flawless coating of Lead Dioxide at the top end 
so that a good electrical connection can be made to the anode. The porous substrate conducts electrolyte (wicks) up 
itself and will corrode the connection at the top if the Lead Dioxide coating at the top is not of a high quality. You 
may need to seal the substrate close to the top. All of the possible advantages of the ceramic substrate (only a poor 
quality coating of Lead Dioxide would suffice) anode are not realizable in reality. (IMHO) 


The inspiration for the anode described here was originally taken from U.S. patent No. 4,008,144 (See elsewhere 
on this page) which describes an anode having a ceramic substrate. Since ceramic is not conductive you cannot 
electrodeposit lead dioxide onto it directly, the ceramic must first be made conductive. This was achived in the 
patent by depositing lead dioxide onto/into the ceramic by a chemical technique described in the patent which 
involved soaking the ceramic in an oxidizable lead (II) salt (eg.lead nitrate, lead acetate) and then oxidizing the 
lead nitrate/acetate crystals in the ceramic to lead dioxide using an oxidizer (persulphate or hypochlorite at a pH of 
m2). 

This method was succussful but was laborious as the cycle of soaking and oxidizing had to be done a number of 
times. The cycling process can be eliminated altogether by simply applying a paste of lead dioxide + water to the 
ceramic and then electrodepositing on a coating of lead dioxide. 


One of the biggest problems with lead dioxide anodes is getting a long term, reliable, heavy duty current 
connection to the anode when it goes into service as an anode in a chlorate or perchlorate cell. 

Graphite is a material that is compatible with lead dioxide but it is difficult to obtain a good, low resistance contact 
between the two materials. The only way to make a reliable contact between graphite and the lead dioxide of an 
anode proper is to electrodeposit the lead dioxide onto the graphite connection and the ceramic substrate at the 
same time. This is why I would refere to this type of connection as a grafted graphite connection (as opposed to 
simply clamping graphite to lead dioxide). It can be problamatic to get Lead Dioxide to adhere to graphite unless 
you have a well controlled plating bath together with surfactant in the bath or spinning. 

If using a metal connection to the finished anode, there is the problem of oxide buildup between the lead dioxide 
and the metal which you choose to make the connection with. The metal oxide always forms because of electronic 
interactions between the metal and the lead dioxide. Silver (Ag) metal is the only easily available metal that has 
been shown to be succusseful as a connection because silver oxide is conductive and will continue to form a low 
resistance contact between the silver metal and lead dixoide. ( JES Vol. 105, No.2 page 100 (1958) ) Copper can 
then be used on top of the silver. All metal connections will corrode if exposed to salts. The substrate is inclined to 
conduct (if porous,ie. ceramic) the salts from the Chlorate/Perchlorate cell by capillary action up to the metal 
connection. The best way to combat the problem is to use the (ceramic substrate) anode 'upsidedown' (relative to 
the way it was plated) in the Chlorate/Perchlorate cell. There will be continous coating of lead dioxide on the end 
of the anode that has the metal connection which will act as a barrier to the salts in the substrate. 

If the substrate you choose is non porous such as plastic, there will not be such a tendency for the substrate to 
conduct the salts from the Chlorate/Perchorate cell up to the connection. There may still be some capillary action 
between the electrodeposited lead dioxide and the substrate itself but I have seen little. 


The ceramic substrate Anode has been use for 5 month continuous operation and was still ok. The electrical 
connections had to be renewed about 3 times. This simply entailed unwrapping off the coper braid and resilvering 
the top of the anode and putting on new copper braid. 


A problem with this type of Anode it the fact that the porous ceramic substrate will carry up 
electrolyte to the connection outside the Chlorate cell and corrode the connection. Therefor you 
need a perfect coating of Lead Dioxide at one end (the connection end) of the anode, this is hard 
to achive. Therefor his type of anode in not recommended. 


Choosing a substrate 


A question that arises at this stage is: What size of an anode do I want? 
Most lead dioxide anodes are used at a current density of about 100 to 200mA/cm/2. Therefor if you want to make 
an anode to suit a supply that can produce 20 amps, you will need an anode that has a usable surface area of 
between, 20,000/(100 or 200) = 200 or 100 cm/42. Remember that you must have some ‘extra anode’ for placement 
of the current connections to it outside the cell. 

The first task is to obtain a suitable substrate. Porous ceramic materials are a suitable candidate for the task. Plastics 
(non porous) substrates are discussed elsewhere. 

Silicon carbide or Aluminium oxide can be obtained at the local 
machine tool store or welding supply shop in the form of dressing 
or sharpening stones. Getting the shape that is desirable for an 
anode can be difficult but it should be available by order. The 
most suitable shape is a cylinder shape (broom handle shape) that 
is about 1/2 to 1 inch (1.3 to 2.5 CM) in diameter and about 5 to DRESSING / SHARPENING 
10 inches (13 to 26 CM) long. A square section stone is also STONES 

suitable but the corners must be rounded. The grit size should be 
from about 30 to 100 and it is desirable to have a rough surface 
on the stone. If the stone has a smooth surface, sandblasting 
would be desirable. 


CROSS SECTION 


HOLES DRILLED 
USING TUNGSTEN ROD 


If you can't obtain a stone that is long enough they can be joined 

by drilling a hole in the end of each stone to be joined using a SIN + FIBERGLASS 
tungsten rod (available from welding store, and used in TIG 

welders) that has had a chisel shape ground on to one end. You 

will need to renew the chisel shaped head a number of times 

before the hole is complete. When both holes are make the rods 

can be joined using polyester resin and some fiber glass. The a ee ae iboats gos 
fiberglass and resin can be purchased at the car accessory store. hays kn ae piel ph octeseergg Mate acne 
holes are finished. Use moderate pressure 
Another type of ceramic substrate that is being suitable with this when drilling. Try not to smear the resin 


type of anode is fired potters clay. You should make up yourown °™ *® the face of the stones. 

mix from ingredients purchased from the ceramics store. The 

advantage with this substrate is that you can make it whatever shape you want but you have the extra trouble of 
making and fireing the substrate. See Casting your own substrate. for further information regarding making your 
own substrate. All sharp corners on the substrate should be rounded off before making the substrate conductive and 
plating. 

There are a range of other inert materials that could be used for the substrate. Quarry tiles, flagstones, tiles, 
asbestos cement, and other acid resistant cements. Plastic can be make conductive by coating with lead dioxide 
powder, (see elsewhere on this page). 


Making the porous substrate conductive 


The porous substrate must now be made conductive so that the lead dioxide can be electrodeposited onto the 
substrate. This is easily accomplished by making a paste of lead dioxide and water. The paste is applied using a 
small piece of cloth and is rubbed into the substrate with gusto. You may need to dampen the lead dioxide paste if 
it gets too dry on the anode. Lead dioxide that is pasted onto the substrate in this step will convert to hard plate- 
type lead dioxide when the plating step begins. A good pair of rubber gloves should be worn as lead dioxide is 
toxic. See Obtaining lead dioxide. for to make powdered lead dioxide. 

See also here for some observations regarding 'rubbed on’ lead dioxide. 

The porous substrate can also be made conductive by the method described in the patent (No. 4,008,144) or 
variations thereof. One metod is to gas the substrate that the has been soaked in the oxidizable lead compound 
using ClO2 gas (chlorine dioxide) which is generated using an acid and a chlorate. ClO2 is explosive in > 10% 
concentrations and is toxic. 
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Making, casting and fireing your own substrate 


By mixing your own clay you will have control over the porosity and, to some extent, the firing temperature. 
A good starting point would be: 


Potters flint........ 35% (Sourse of Alumina) 
Feldspar (potash)....13% 


Matures at cone 10. 


This would be fine for slip casting but not plastic enough for other forming methods. In order to improve the 
plasticity you can replace up to a third of the kaolin with a good ball clay. Replacing some or all of the flint with 
calcined alumina will result in a stronger product (up to 300% improvement in fired strenth!). The amount of 
feldspar determines how much glass is formed on firing, more feldspar means more glass and lower porosity. Too 
little feldspar will result in a weak product (unless fired VERY high). You can also try replacing the feldspar with 
the same amount of nepheline syenite, this will not only cause the body to mature at cone 8 but it also acts as a 
source of alumina to some extent. You should have no trouble in locating these materials from the ceramics supply 
store. 


Example 


The substrate was made by slip-casting the following mixture in a plaster mould: Alumina (calcined): 33.5% 
(alumina) G200 feldspar: 13.5% EPK kaolin: 53.0% To above mixture water was added to the amount of 25% of 
the total. The slip was deflocculated by adding about 1% of Darvan #7. After casting/drying it was fired to about 
1300 degrees Celsius to give a very hard, strong, paper white, slightly porous ceramic body. 


See Magic of Fire for more information on ceramic working and materials. 
It would be highly advantageous to sand blast the finished product. 


Another type of substrate that may be suitable can be fabricated using abrasive grit and polyester resin (available 
from car accessory shop). 

Al202 (aluminium oxide) or silicon carbide (carborundum) is suitable and the grit size should be from about 30 to 
80. Using mesh size 60 you should mix 1 part (weight) resin to 3.6 parts grit (60) and mix well. If a grit size is not 
60 you may have to add more or less resin. Then add the hardiner. This mixture should be placed into a mould that 
will give the finsihed product a rough surface. A mold can be made from potters clay (no need to fire, only dry it) 
or a sand mold. A plastic pipe will not make a suitable mold. 
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Making powdered Lead Dioxide 


Lead Dioxide can be obtained from pyrotechnics suppliers. 

It can also be obtained by oxidising lead nitrate using persulphates or hypochlorite (bleach). Potassium persulphate 
is used to etch printed circuit boards. I would not recommend using bleach since there will be chlorides produced 
and if they get into the Lead Dioxide electodeposition tank they will pollute it and it will not plate properly. If 
bleach is used the Lead Dioxide produced should be washed thoroughly. 

Lead Dioxide can also be obtained from red lead (lead tetraoxide, minium) by the following method: 


Into a beaker is put some dilute nitric acid and warm it. By means of a spatula, add red lead a little at a time. Care 
must be taken not to add too much at a time or it will contaminate the product. As the red lead is added a brown 
powder will ppt and lead nitrate is formed in solution. The mixture is filtered and washed..... 

The lead nitrate ‘contaminant’ is not a problem in our case. 


Pb304 + 4HNO3 ~~~> PbO2 + 2H20 + 2PB(NO3)2 


Another source of Lead Dioxide is an old car battery. The battery should be charged up and and all the lids 
removed. The battery should be inverted over a plastic or glass container to catch the sulphuric acid which can be 
saved for other purposes. It may have some solids suspended in it but theses will settle and you will have clear acid 
if you carefully pour off the clear acid into another container. 

The battery is now opened using a hack saw and the plates removed. The brown powder is what you want and it 
will be contained in the + lead grid plates (similar to honey in bees wax, but the comparison ends there). The 
brown powder is removed and washed. The grey coloured stuff will be lead sulphate and spongy lead metal. There 
should not be much lead sulphate on the plates if the battery was well charged to start with. 


Lead Dioxide is formed if between Lead electrodes a 1.5% solution of Sodium Sulphate (99.5 parts) and Sodium 
Chlorate (0.5 parts) be electrolysed with a current density of 0.5 amps per dm squared. Air should be blown 
through this solution and it should be acidified with sulphuric acid. 

US Pat. 626330 (1899) 
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Some observations on 'rubbed on ' lead dioxide 


Regarding what happens to the mixture of PbO2 and water that can be pasted onto something to make it conductive 
I have found the following. 


The pasted PbO2 does not turn into 'plated type’ PbO2 above the plating solution level (if all of anode is not put 
into tank to plate all of it at once). When you put a part of the pasted ceramic into the plating bath the solution 
travels up the paste and the paste changes colour and almost has the appearance of having a very thin plating of 
PbO2 on it surface, it is very thin if it is there at all. 

The pasted PbO2 below the solution level dissapears and gets incorporated into, converts/become part of the plating 
proper. There was no powder layer between the plated on PbO2 and the original ceramic when plating is finished 
and the plate will adhere to the ceramic. 
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Plastic Substrate Lead Dioxide Anodes (PSLD anode). 


A substrate can be made from plastic. 


The plastic substrate Anode has been difficult to get to work for the Amateur. It is difficult to obtain a good heavy 
coat of Lead Dioxide that will adhere well to the plastic substrate and give a good reliable connection at the top for 
the heavy, long term connection required for the (Per)Chlorate cell. 


The advantages of the plastic substrate it that it is easy to obtain and is non porous and therefor will not suffer to a 
great extent from the problem of the salts from the Chlorate/Perchlorate cell getting to the current connection by 
cappillary action. Not all plastics will stand up to the harsh conditions in a Chlorate/Perchlorate cell and there you 
must know what type of plastic you have. Plastics that are suitable for the task are polyester, polypropylene, 
polyethylene, teflon, ployvinylchloride (PVC) and polystyrene (...and counting). 

If you have a plastic and you wish to see if it is up to the task, you can test it by setting up a chlorate cell using a 
graphite anode (or lead dioxide) and placing the plastic to be tested in the cell close to the anode for a few days. If 
the plastic remains intact then it is probably ok for to use as a substrate for an anode. Plastic bars can be purchased 
from your supplier of raw materials for lathe work. Engineering supply firms should carry it. Get PVC if you can. 


The 
copper-carbon -—t U pictures 
ree show the 
carbon-PbO2 worlds 
first 


polystyrene substrate anode made by Stefano Lissa. The substrate was part of a floppy drive. The cell is an open 
cell and the connection is protected and sealed by a mixture of solvent and polystyrene. It was an experimental set 


up. 


To make the plastic conductive it is painted with a solvent that melts a layer of the plastic and it is then rolled in a 
excess of dry lead dioxide powder. You should use plenty of dry powder at this stage. Don't be tempted to rub off 
the excess from the anode at this stage. The excess can be removed when the solvent is fully dry. Try not to 
‘disturbe' the layer of solvent/melted plastic when applying the powder. A handy solvent that will melt most 
plastics, including PVC, is plumers glue which is available at the hardware store. It is a mixture of MEK, and 
Tetrahydrofurvan. 

Connections are applied as described elsewhere on this page and it is plated. Metal connections will not give as 
many problems as with the porous ceramic substrates when the anode goes into service as there will be no 
conduction of salts up the plastic substrate. 

The anode is plated in the usual manner, as per the ceramic substrate anodes. There can be a problem with the 
plating solution creeping up the powered anode and corroding the connection that is make to the anode for to plate 
it. This will not be a problem if you are using a graphite connection when you are plating the anode. If not, the best 
method is to plate about one inch of one end of the anode and then turn the anode upsidedown and make a good 
connection to this small (inch long) plate and then plate the rest of the anode. 

For getting a connection to the anode see Metal/graphite connections.. 
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Mixed Metal Oxide Anodes (MMO) 


The MMO (Formally known under the trade name of DSA, Dimensionally Stable Anode) was invented 
by Henry Beer. The term is generally used to describe any Anode having a Valve metal substrate 
coated with Oxides of Noble metals. The Noble metal Oxides alloy with the valve metal Oxide, usually 
Titanium Oxide and the coating is conductive. They are the Anode of choice for all Chlorate 
manufacture nowadays. They will not make Perchlorate, though this is debatable (US 4267025). 

There are a large amount of combinations of Oxides, processes and substrates. The original MMO 
(DSA) was a Ti substrate with a Ru Oxide coating. The Ru Oxide alloyed with the Ti Oxide giving a 
new Anode surface material. They can be made by thermal decomposition of compounds that have 
been applied to the substrate. There are a large number of patents on the subject. The new Anodes had 
the advantage of lasting a long time, the Anode/Cathode spacing did not require adjustment 
(Dimensionally Stable) and they had a low over potential for Chlorine evolution in salt solution which 
meant that cells now ran at a lower Voltage giving large power savings. They work also work at much 
yj larger current densities than Graphite whick means cells are much more compact. 

MMO Anodes are available to purchase from corrosion control companies, pool chlorination 
companies, sewage treatment companies and others. They have impressive life spans when used as 
corrosion control Anodes at current densities that are lower (in Brackish water) that what you would use an MMO at in a Chlorate cell. 

The coatings on corrosion control Anodes will be geared toward corrosion control as opposed to Chlorate making but it would be fair to 
assume that they will have long lifetimes in the Chlorate cell. In fact the higher the salt concentration the longer the life. The MMO is cheap if 
you can purchase in small amounts. Minimum orders may apply. There is a good article at the bottom of this page from Platinum Metals 
Reviews if the reader is interested in the development of the MMO Anode. 


Producer info on MMO (local to this page) 


An Australian manufacturer of MMO is: nmtelectrodes.com 


Pool Chlorinator link I 


Pool Chlorinator link IT 
Also: http://www.vchlorin.com 


http://www.directpoolsupplies.com.au/prod646.htm Supplier of Sal Chlor Anode assembly product . A pic. of this Anode is here. It may not 
be an MMO Anode, but a bipolar Pt based Anode. 
Quote: 


The Salchlor Anode uses precious metals (not listed on their website) on a titanium substrate. 
Read the thread at www.sciencemadness.org/talk/viewthread.php?tid=5050&page=2 


Pool Chlorination devices are often dumped when in fact the actual Anodes and Cathodes of the device are OK. They may have salted up or 
perhaps the power supply failed. They can be had from company's supplying Chlorinators as scrap. An example from Xenoid is shown below. 


It is difficult to find as much info on MMO as on the other Anodes regarding current densities and temperatures used in Chlorate cell. 

Current density used in Chlorate cells are in the region of 250mA/square cm. Temperature in industry (pH controlled cells), is in the region of 
70 to 80C. There is a Thesis in the further reading section regarding MMO in modern Chlorate cells. 

MMO is very rugged. It can be used at high temperatures which favour Chemical Chlorate formation (in pH control cells). They can also be 
used to take the Chloride level low (50 grams per liter say) without undue damage to the Anode. This is an advantage if trying to take solid 
Sodium Chlorate out of solution. 

The anti corrosion Anodes are designed for use in very low Chloride situations. They (AFAIK) are made from Iridium and Ta Oxide mix. It 
may be OK to use them in Chlorate cells with low Chloride content without undue erosion but CE will obviously suffer. Remember that they 
are used at very low current densities when being used as corrosion control Anodes in very low salt concentration mediums. 


When the Anode in installed in the cell it should be surrounded sensibly with Cathode(s) so that the current is fairly evenly distributed on the 
Anode. If you place just one Cathode in the cell the current on the Anode will be greater on the side close to the Cathode than it will be on the 
side away from the Cathode. This will give a greater current density on the side close to the Cathode which may have implications for Anode 
erosion if you are running the Anode at high current densities. 

See here for a study of an MMO Anode in a Chlorate cell that was run all the way to very low Chloride concentration. 

The current carrying ability of the wire type Anodes is high as it has a Copper core. If a very long wire Anode is being used be sure that the 
top of the Anode is capable of carrying the current that is being fed to the Anode. 


The wire Anode from the corrosion control companies is composed of a Copper core surrounded by Titanium that has the black MMO 
coating. If this Anode is placed into the cell as it is, the bottom of the Anode will have the Copper exposed. This Copper will corrode which 
may damage the Anode. It will contaminate the product with Copper. This problem can be solved by installing the Anode into the cell in a U 
shape. Both ends of the Anode are taken outside the cell. Power (+) can be applied to both ends. 

If you must use the Anode as a straight rod the end must be sealed. A good way to do this is to drill a hole in the Copper for a depth of about 
4mm. The hole should be close to the Diameter of the Copper. It will be difficult to drill out all the Copper. Nitric acid is then put into the 
hole to corrode all of the Copper for about 4mm. You may have to warm the wire to hurry it up. Epoxy or resin is them put into the hole and 
the Titanium tube (which has been left intact) is crimped a small amount. 

It may be easier to simply install the Anode in a cell and use for a time until the Copper at the bottom is eroded away. The Anode can then be 
washed and sealed. The electrolyte is them discarded. 


MMO in Action 


The wire Anode (above link) was used in a cell in an attempt to make Perchlorate. Current density on Anode was 120mA/cm squared in a 0.5 
liter cell containing 250grams Na Chlorate. 2 grams NaF where added to cell. Chlorate was twice recrystallized to give a low Chloride 
concentration. The cell was run for approx. 25 days at one amp. No Perchlorate formed. The Chloride concentration (as guesstimated with a 
visual Silver Nitrate test) did not seem to diminish. 

When the Anode was examined after the run it was noticed that the black coating on the Anode had been removed in places and where it was 
not removed it could be simply rubbed off with a cloth. There was still an active coating on the Anode though as it continued to emit gas 
when put into a Chlorate cell. There was no noticeable rise in cell voltage. 


According to www.corrpro.com MMO should not be used in electrolytes containing Barium or Cadmium. 

According to Encyclopedia of Chemical Processing and Design, Vol 51, 1995 page146, Barium is a poison to Noble Metal or Noble Metal 
Oxide Anodes and may even reduce there lifetimes. 

According to US Patent 7,250,144 (July 2007) Fluorine additive can damage Chlorate Anodes (probably MMO, since it is a modern patent). 


There are a huge variety of Patents for MMO (DSA) Anodes using TiO2 + Nobel metal Oxides. Nobel metal Oxides can be obtained from 
some photographic supply stores, eg http://www.artcraftchemicals.com 


US Patent 4267025 depicts an MMO Anode made from Ti, Platinum Group Oxides + Tin Oxide that is suitable for Perchlorate production. 


There's plenty of further reading regarding MMO Anodes in the Platinum Metals review journal. 

There is an article depicting the development of the MMO Anode in PMR 1998 (42) 2 (Journal article at above link). 

It is also available here (local copy, 994Kb PDF) 

There is an article in PMR Volume 52 Issue 3 July 2008 Pages 177-185 describing the use of MMO for Pool Chlorination and water 
disinfecting. 
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Corrosion control MMO Anodes 


The following is from Lida Products 
http://www. lidaproducts.com 


MIXED METAL OXIDE ANODES 


The name "mixed metal oxide anodes" is justifiably confusing to many who hear the term for the first time. One 
may begin the understanding mechanism by dropping back to the 1960's. During this period, investigators began to 
focus attention away from platinum coated anodes to the oxides of the platinum group metals. The Periodic Table 
of Elements found in chemistry text books identify the platinum - type metals within Groups IV and VIII. One of 
the unique properties of many of the oxides of these metals is their ability to show near - metallic conductivities. As 
research progressed it was found that mixtures of these metal oxides showed even more unique properties with 
regard to electrochemical requirements such as potential and low consumption rate. The term mixed metal oxide 
soon became a by word when referring to this technology. 

Physically, the mixed metal oxides referred to above have little strength or structural integrity of their own. In 
order to become useful, they must reside on or be placed upon a suitable metal substrate. Once again, history was 
re-visited by way of the platinum coated anode technology. 

This earlier technology had shown "film forming metals" such as titanium to be an ideal candidate as a base for the 
mixed metal oxides. Pure titanium is naturally protected by a thin, tightly adherent oxide film which is acid tolerant 
and resistant to the passage of current in the anodic direction. Expressing this differently, in order for titanium to 
behave as an anode, considerable applied voltage is required on its surface in order for it to pass a significant 
amount of current. This property has earned titanium the title as one of the "electrochemical valve metals." The 
mixed metal oxides now come into play once more. Some of the mixed oxides (ruthenium, iridium tantalum, etc.) 
have the ability to form a solid solution with the oxide film on titanium and render it conductive. Now, a composite 
anode has been formed which consists of an inert conductive oxide coating on a "valve metal" titanium base. The 
electrochemical characteristics of this anode rests within the mixed metal oxide coating; the anode strength resides 
within the titanium substrate. 

An advantage of titanium as a coating base for the mixed metal oxides is its "self healing" property. If there is a 
defect or holiday in the conductive coating, the valve metal immediately forms its protective oxide over the 
exposed area. Current from the anode continues to come from the surface covered by the mixed metal coating. 

The mixed oxides are formed by spraying aqueous salts of the metals on to the titanium substrate and then heating 
the titanium to temperature of several hundred degrees Celsius. 

Below is a graph of Lida Products 3mm Dia. MMO wire. 
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http://www.telprocompanies.com 
TELPRO MIXED METAL OXIDE COATING 


TELPRO Mixed Metal Oxide Coating has been designed for use in all cathodic protection applications. TELPRO 
coating consists of IrO2/Ta205 and is suitable for use in soils, carbonaceous backfill, fresh and brackish water, 
seawater and concrete. Mixed metal oxide coating is generally accepted by the cathodic protection industry to be 
satisfactory for both chlorine and oxygen evolving electrolytes. 

Based on accelerated life testing conducted by an independent laboratory, TELPRO MMO coating has proven to be 
superior to other mixed metal oxide coatings currently being used. A copy of this test report is available upon 
request. 


Strict quality control procedures are followed throughout the coating process to insure proper coating adhesion and 
loading. Production of a quality product is fundamental in every step of the manufacturing process. The operating 
characteristics for TELPRO MMO coating loadings are shown below: 


Environment Maximum Current Density Lifetime 
Carbonaceous Backfill||4.6 A/ft2 (50A/m2) 20 years 
Calcined Petroleum — ||9.3 A/ft2 (100A/m2) 20 years 
Backfill 9.3 A/ft2 (100A/m2) 20 years 
Fresh Water 9.3-27.8 A/ft2 (100-300A/m2)||20 years 


| 


aldeilall 


fl 


Brackish Water 55.8 A/ft2 (600A/m2) 20 years 
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MMO and Ti Electrodes for 
Chlorates 
..and other goodies! 


eMail: mmo@5bears.com 


Welcome! I cater to home experimenters interested in the fascinating process of the electrolytic conversion of 
chloride salts, to both chlorate and perchlorate. I plan on offering more and varied items pertinent to the process 
as time and energy permits. More importantly, I am deep into a guide for the new hobbyist. I have seen many so- 
called guides on the process out there on the internet, and with a few distinct (and rare) exceptions, the remainder 
are dated, incorrect, or both. 


Last Updated 7 Sep 
2010 


This heavily illustrated guide will be available to customers very soon. Right now, it is at 80+ pages, and 
counting, and I hope to have it available by the end of October, 2010. In the mean time, check my blog on APC 
for guidance, as well as Science Madness in the Technochemistry section, where I post as Swede. 


Please drop by on occasion.... note the date upper right, which will be the latest update. 


IMPORTANT! My work schedule: This is all part time, and my real job has me away from home, quite often. 
If I seem unresponsive via email, I am probably on a trip amd will get to your email as soon as I can. It may seem 
that I am unresponsive, but rest assured that is not the case. As I have emphasized, this is an expansion of my 
own hobby work. Cutting, smoothing, and deburring titanium and MMO mesh, and welding them together, is 
labor intensive, and not a trivial process. I am a one-man shop with the necessary equipment to fabricate these 
from stock, but it does take time. Your patience and understanding is appreciated. I have tried to make up for this 
with prices that are well below those offered by other suppliers. 


On to the products: I have worked exceptionally hard in the last two years perfecting the welding of MMO 
(Mixed Metal Oxide) anodes to CP (Commercially Pure) strap shanks, and have recently perfected another shank 
method, using a tubular titanium round shank filled with tin, or lead/tin alloys, allowing both a leak-proof 
interface, and the ability to carry 4X the amperage (or more) of the sheet strap shanks. 


ALL titanium is commercially 
pure. There are no polluting alloys. 
It can be drilled, cut, and tapped 
with relative ease. It cannot be 
soldered, and welding requires TIG 
or spot for a durable and strong 
connection. 


My basic product is a set of 
electrodes designed for amateur 
pyrotechnic production of chlorate 
salts. In addition, I have a large 
number of oddball sizes and types 
listed below, by stock number. 
These are not seconds or 
problematic electrodes; they simply 
are non-standard in size. 


Additionally, I can weld up about any imaginable configuration... email me for more information and a 
quote. 


Shipping: To save money for both of us, I use US Parcel Post Priority Mail for both domestic and international 
shipping. Domestic U.S. transit is typically 3 to 5 days. Internationally, it can vary from 1 week to 2 weeks 


maximum, and most of that delay is the recipient's customs process. If you want any form of faster shipping for 
international buyers, it can cost more than the order itself in many cases. A typical UPS or Fedex package to 
Europe will run $45 or so. I highly recommend the basic shipping - in most cases, you'll have plenty to do with 
cell construction and power supply acquisition while waiting for the electrodes. 


I have found that more than 1/2 of my shipments so far have been international. This has been a source of 
frustration for both me and my customers, as each country tends to have a unique customs process, and many also 
add VAT and other taxes to the product. Additionally, to date, I have had at least one shipment "lost" in the void 
that is international mail, and again, customs is suspect. There is nothing in these shipments that can even vaguely 
be construed as hazardous, so I am not sure what happened there. What it boils down to... 


I now offer two variations on international shipments. The cheapest option is what I call a dice roll, and I say 
this because there is no way to track the package online. I drop it off, and if/when it shows up, in between that, 
there is no way to check on the status of the package. I will call this International Dice Roll Shipping, and it 
does appeal due to the very low cost. Good for those on a budget. I have shipped many electrodes with complete 
success using this method. However, if you choose it, I cannot be responsible for lost parcels. 


The other option is one that includes online tracking of the parcel. This is very helpful, as it shows both of us the 
current location of the parcel. Typically, it will be received by customs within a week, and then the wait to clear 
customs begins. I will call this form of shipping International Deluxe Shipping. Shipping costs: 


How to Order: | will accept Paypal, Money Order, or US currency. No international checks. When you inquire 
via email, don't forget to include both your address and the form of shipping you desire, which is not dependent 
upon weight, and can handle a number of electrodes. My contact address is mmo@5bears.com and this email can 
be used for PayPal payments as well as correspondence. 


Guarantee: There is absolutely no way that I can control the conditions within your cell. This MMO formulation 
is exceptionally tough, and if your cell conditions are good, the anode should last for several years, and the 
cathode, even longer. I will guarantee the mechanical integrity of the welds between the anode and the strap or 
shank for a period of 1 year from the date of purchase. By their very nature, these anodes are not lifetime devices, 
and within current technology, cannot be made so. But your yield, with care, will be very large. More than 
anything else, I want you to be happy. I'm doing this because I am a chlorate/perchlorate geek and simply want 
to share. 


Basic Set: One MMO Ti mesh anode, one CP Ti cathode, 
matched in size. Width will vary from 2.80" / 73mm to 3.00" 
/ 76mm. Height of mesh will vary from 5.80" / 147mm to 
6.10" / 156mm. 


The Straps are 3.50" / 89mm tall above the electrode, +/- 8% 
Thickness of the strap is 0.050" / 1.20mm. Each strap is 
holed (0.250" / 6.3mm) for attachment of power cables. 
These straps, uncooled, can handle 50+ amperes of DC 
current. With simple fan cooling, they can be run at 65+ 
amps, and with an attached heat sink, 75+ amps. 


These variations in size come from normal cutting and 
manufacturing tolerance issues, and have essentially no 
effect on the operation of the electrodes. 


If you desire to really push these electrodes, the strap is the 


limiting factor in terms of heating. If extreme currents are 
anticipated, the shank needs to be engineered from a 1/2" 
outer diameter Titanium tube that is filled with a tin/lead 
alloy. At the top of the tube is a 316 stainless steel stud set 
into the alloy. The benefits of this are two-fold... First, the 
tube can be installed in a PVDF plastic compression fitting 
for extreme rigidity and gas tightness; the cadillac of 
mounts. Secondly, it will handle very high currents without 
overheating. This is an excellent upgrade for the serious 
hobbyist, but it is labor-intensive and not cheap. 


The average hobby setup does not require tubular shanks, but 
be sure you have the ability to cut a slot for these standard 
strap shanks that is approximately 0.050" wide, by1" long. If 
your lid is heavy PVC or similar, this is not a trivial task. 


Basic Set: $55 

Basic Set with Tubular Shanks: $85 

Basic Set with Tubular Shanks and modified PVDF 
Fittings: $101 


The correct PVDF fittings (1/2" X 1/2" NPT male) are bored 
through to accept the Ti tube. Please allow two more days to 
fabricate tubular shanks. email me for additional info on 

these options. 


Short Set: Exactly the same as above, except the height is 
5.00" / 127mm rather than 6.00" 


As my stock of 5" cuts vanishes, I will be transitioning to the 
Basic Set. While they last... 


Short Set: $45 

Short set with filled tubular Shanks: $75 

Short set with filled tubular Shanks and modified PVDF 
Fittings: $91 


The correct PVDF fittings (1/2" X 1/2" NPT male) are bored 
through to accept the Ti tube. Please allow two more days to 
fabricate tubular shanks. email me for additional info on 
these options. 


As I worked on my own process, and perfected my welding 
setup and technique, I created a large number of both anodes 


Odds and Ends! 


and cathodes in a wide variety of sizes. What follows is all 
new stock but in oddball sizes, both electrode and shank. 


I do not sell electrodes that I have used. There is a single 
exception, stock number 018. 


These are numbered and described, first come, first served. 
Order them based upon stock number. 


Each description has the following Data, in a format like 
this: 


AW: (Anode Width) 
AL: (Anode Length) 
SW: (Shank Width) 
SL: (Shank Length) 
ST: (Shank Thickness) 


The dimensions are in mm. All Ti is pure unless noted. 
Unusual attributes are described. These are priced to sell! 


Medium MMO Anode, excellent. Good for modest 
production or research. 


AW: 71 
AL: 106 
SW: 22 
SL: 99 
ST: 1 


$30.00 


Medium MMO Anode, excellent. Good for modest 
production or research. 


AW: 64 
AL: 127 
SW: 25 
SL: 94 
ST: 1 


$32.00 


Medium MMO Anode, Excellent. Good for modest 
production or research. 


AW: 64 
AL: 127 
SW: 25 
SL: 92 
ST: 1 


$32.00 


Large, high-quality MMO anode with tubular shank. This 
was a prototype tubular shank that was not filled with tin and 
cannot handle the current of a tin-filled tube, but it can 

surpass a normal strap shank, and can be fitted to a cell with 
a compression fitting vs. a tedious slot cut in a cell lid. The 


top of the tube is tapped 1/4 X 20 for power connection. The 
tube diameter is 1/2" or ~ 12.6mm. 


004 This anode can be seen on my blog. 


AW: 71 
AL: 159 
SW: N/A 
SL: 113 
ST: N/A 


$50.00 


Medium Titanium cathode. 


CW: 58 
005 CL: 101 
SW: 24 

SOLD SL: 94 


ST: 1 
$8.00 
Medium Titanium cathode. 


CW: 58 
CL: 101 
006 SW: 24 
SL: 94 

ST: 1 


$8.00 


Small experimental MMO anode with a 5/16" (0.312") 
tubular shank. DeNora MMO; the best. This tube has no 
fittings or holes to accept a power cable! 


AW: 41 
007 AL: 88 
SW: N/A 
SL: 67 
ST: N/A 


$10.00 


Small, experimental MMO anode w/strap shank. This anode 
is virgin DeNora MMO. 


AW: 37 
AL: 79 

SW: 16 
SL: 87 

ST: 1 


008 


$18.00 


Small, experimental MMO anode with a Ti alloy strap. I 
have never had problems with Ti alloys other than their 
machining and cutting properties. Lighter welds, DeNora 


009 


SOLD 


010 


011 


SOLD 


012 


SOLD 


013 


MMO mesh. 


AW: 48 
AL: 61 
SW: 13 
SL: 133 
ST: 1.6 


$15.00 


Large, production MMO anode using prime DeNora MMO 
mesh. Suitable to take a PbO2 coating. An excellent anode, 
better than the basic. 


AW: 76 
AL: 151 
SW: 23 
SL: 72 
ST: 1 


$60.00 


Excellent small research MMO Anode. DeNora mesh. Solid 
welds. Great for a small cell, for Lead Dioxide research, or 
modest production. 


AW: 37 
AL: 78 

SW: 16 
SL: 85 

ST: 1 


$20 


Perfect companion cathode to the anode above, 011. In fact, 
it was engineered to match. All CP Ti. 


CW: 37 
CL:83 
SW: 18.5 
SL: 98 
ST: 1.0 


$10 


Excellent, large MMO Anode, virgin DeNora Mesh. This 
is a production anode, ready to work. 


AW: 62 
AL: 150 
SW: 25 
SL: 97 

ST: 1.0 


$45.00 


Tiny Research MMO anode with a long shank relative to the 
anode. 


014 


SOLD 


AW: 37 
AL: 56 
SW: 16 
SL: 103 
ST: 1.0 


$10.00 


015 


MMO Mesh only. There is no shank welded to it. This is 
prime DeNora Mesh. 


AW: 62 
AL: 153 
SW: 

SL: 

ST: 


$35.00 


016 


SOLD 


017 


018 


Small Ti Cathode, all CP. Research size. 


CW: 35 
CL: 86 
SW: 18 
SL: 98 
ST: 0.9 


$10.00 


High-grade pure titanium Cathode, production-sized, long 
shank. 


CW: 64 
CL: 150 
SW: 25 
SL: 99 

ST: 1.0 


$15.00 


Medium Northstar Titanium MESH (not plate) cathode. This 
was used twice, cleaned, and put away. I have switched to 
making my own electrodes; I have no further use for this. 
Completely cleaned, no salts or staining. A bargain 
compared to what Northstar is asking.... 


CW: 50 
CL: 148 
SW: 14 
SL: 65.5 
ST: 1.5 


$12.00 


Sodium Chlorate cell with MMO Anode run to low Chloride 
concentration 


A cell was run with an MMO Anode until the Chloride concentration was very low in order to ascertain what the 
current efficiency would be as the Chloride concentration decreased. The MMO was of unknown quality as it was 
second hand but it functioned OK as a Chlorate maker non the less. 

Temperature of cell was approx. 60°C, volume was 2.2 litres, current was 8 Amps (constant), pH was held around 
7.1 by dripping 12% HCl into cell at a rate of 1.1cc per hour. Chloride in cell at the start of the run was 294 grams 
per litre. 

Titration's were started when Chlorate concentration was at 241 grams per litre (= approx. 160 grams per litre Na 
Chloride) and was run for a further 9 days. 

On day nine the Anode passivated (failed!!). 

The current efficiency was not very high at any time with this Anode. First 5.3 days, CE was 79% with Chloride 
now at approx. 160¢/l. Next 143 hours, CE was 65% with Chloride now at 47g/l . Next 38 hours, CE was 51% with 
Chloride concentration now at 21¢/1. 

It would appear that MMO is a good Anode at lowering Chloride concentration to low levels but it is foolish to use 
it to lower Chloride below 80 or so grams per litre as you are going to damage the Anode. Industry stays above 
100¢/1 Chloride. The Chloride concentration in this cell at the point where the Anode passivated was 21 grams per 
litre Sodium Chlorate. A new properly coated Anode is not going to fail first time if you do leave it in a cell with 
low Chloride concentration but you will not know the MMO constitution of your Anode and/or it's ability to 
withstand low Chloride concentrations. 

MMO may be like Pt in so far as the absolute no no zone for it's use is when there is both Oxygen and Chlorine 
being produced in the cell (see Pt Anode section). This occurs when Chloride is at a low concentration and 
Chlorate is present (cell getting close to a point where Perchlorate may start to form). There was little visible sign 
that the Anode had passivated but passivated it had. There were no insulating deposits or such like built up on it. 
There was Perchlorate present in this cell when the liquor was tested with Methylene blue. 
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BACK TO TOP 


Mixed Metal Oxide (MMO) Anode in action 


The Anode shown here is a 'wire' type corrosion control electrode. It has a Copper core surrounded 

by Ti with a MMO on top. The coating is black in colour. It would seem that Ir Oxide is black and the Ir 
Oxide prevents the coating from being stripped off when Anode is used in dilute (brackish) solutions 

or even in clean water. The Anode current densities in corrosion control are less than that in a 

Chlorate cell. 


Below, the Ti with Copper core can be seen. The anode wire is 3mm Dia. 
The welding rods are Ti of 1.5mm Dia. 


A computer supply, 5 Volts, was used to run the Anode. A diode was connected in series to reduce the, 
current to 8 amps. Anode was run about 240mA per square cm. Temperature was about 25C. Volume of cell 
about 3.4 litres. 

K Chlorate precipitated from cell about 24 hours after cell was started. 

There appeared to be damage to the surface of the anode after a single run. 

It appeared as if a part of the MMO coating on the upward facing surface of the anode near the top of 
liquid was eroded away. It is difficult to tell. The area concemed still emitted gas when in use. 


The cell was run a second time. Saturated solution (18C) of KCl used. Current was reduced to 4.lamps. 
Approx. 125mA/cm squared. The cell was run for approx. 1.5 days until K Chlorate began to precipitate out. 
The cell was cooled to 15C and the ppt was filtered out 

The cell was run for a further 10 days, cooled to 15C and the K Chlorate filtered, dried and weighed. Current 
efficiency was measured (based on yield of K Chlorate above) to be 65%. No pH control. No additives (like 
Fluoride or Persulphate) added. 
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Development of the Noble Metal/Oxide 


Coated Titanium Electrode 


PART II: THE MOVE FROM PLATINUM/IRIDIUM 
TO RUTHENIUM OXIDE ELECTROCATALYSTS 


By P.C.S. Hayfield 
Bickenhill, West Midlands, England 


In the first part of this paper, published in the January issue, development work 
resulting in the first noble metal/oxide coated titanium electrode was described 


and some of the teething problems encountered were discussed. Here, the story 


is continued with the further development of paint compositions: platinum- 
only and platinum/tridium, for coating the electrodes, and their utilisation in 
chlorate, mercury- and diaphragm-type chlor-alkali cells. Later, these coatings 
were replaced by ones containing ruthenium dioxide. This part begins with the 


early platinum paint compositions. 


One commonly-used, early, resinate-based, 
platinum-only paint, Engelhard ‘05X’, had an 
aromatic smell that operators at that time are 
unlikely to forget. Because of its original func- 
tion for metallising ceramic capacitors used in 
the electrical industry, the paint contained small 
amounts of rhodium and traces of tin and bis- 
muth, to help with wetting and coating adhe- 
sion. Even as late as 1965, ‘05X’-coated 
titanium electrodes were being evaluated in the 
U.K. in both mercury- and diaphragm-type 
chlorine cells. Performance in the former was 
disappointing, mainly because of the inevitable 
anode/amalgam shorts and the formation of 
‘mercury butter’ (a localised thickening of the 
electrolyte), but the performance of the ‘05X’ 
platinum coatings in diaphragm-type chlorine 
cells was more encouraging. 


Resinate Based Paint: 70/30 Pulr 
Coatings, ‘Irl’ 

By 1965, there was an increasing switch from 
pure platinum to a nominal 70/30 platinum/irid- 
ium, Pt/Ir, coating; the origin of the 70/30 ratio 
can be traced back to ad hoc trials at International 
Nickel. Once it was ascertained that this com- 
position was superior to platinum, the 70/30 
formulation became rather ‘written in stone’. 
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The fact that platinum will dissolve in aqua regia, 
and also alloys with up to 30 per cent iridium 
is fortuitous, and apparently had no bearing on 
the original selection. The Hanovia Division of 
Engelhard made up a resinate-based paint to 
the nominal 70/30 PwIr ratio, their so-called 
‘Irl’, but without any additives — as no-one asked 
for them. 

The ‘Irl’ paint was destined to have a long his- 
tory, and still has residual commercial use today. 
After repeated paint/thermal decomposition 
cycles, see Figure 3, to build up a significant 
deposit, it was thought appropriate — for no good 
technical reason at the time - to apply a Beer- 
type post heat treatment. Industry would not 
tolerate the uncertainties of the ammonia/butane 
component of Beer’s post heat treatment, but 
there were on hand various non-oxidising atmos- 
pheres, such as cracked ammonia and hydro- 
gen-containing burnt town gas. So, completely 
by arbitrary selection, after the paint/thermal 
decomposition of the ‘Ir]’ paint, air was flushed 
out of the furnace using argon, followed by 
cracked ammonia for 15 minutes, then argon 
again and finally flowing air for 60 hours. Those 
chlorine and chlorate producers who tested the 
nominal 70/30 PyIr coated electrodes in long- 
term trials (~ 2 years) with and without the ‘full 
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Fig. 3 Laboratory track and tunnel! furnace used in the preparation of small electrodes by the paint/thermal 
decomposition process. The small electrodes are suspended between large heat-conserving baffle plates 


post heat treatment’, invariably selected elec- 
trodes that had received the full heat treatment. 

All this may seem to be laboured unimportant 
commercial practice, but later examination of 
coatings done by techniques not available in the 
mid 1960s revealed some interesting findings: 
while the as-deposited ‘Irl’ coating was basi- 
cally a solid solution alloy of platinum and irid- 
ium, it did contain a small quantity of iridium 
oxide. However, after the full post heat treat- 
ment, the composition changed almost entirely 
to Pt + IrO,. Thus, the preferred composition 
for electrocatalysts, found by testing in chlorate 
and diaphragm-type chlorine cells, comprised 
platinum metal and iridium oxide, and not as 
once thought a solid solution of iridium in 
platinum. 

It was later discovered that coatings of 
platinum and iridium oxide can be formed, with- 
out the need for the complex post heat treat- 
ments, if a paint is made up from chlor-platinic 
and chlor-iridic acids dissolved in an alcohol, 
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and then thermally decomposed at a higher 
temperature than is used for the resinate-based 
‘Irl’ paint. This is now the favoured method of 
depositing the so-called 70/30 Py/Ir coatings. 


First Large Commercial 
Chlor-Alkali Application 

In 1968, and still unaware that the true com- 
position of the nominal 70/30 Pt/Ir was a 
metal/oxide mixture, ‘Irl’ resinate-based paint 
was used to coat titanium-based electrodes in 
two custom-built European sodium chlorate 
plants, belonging to Solvay et Cie. This was to 
be the first sizeable commercial application of 
titanium-based electrodes for chlor-alkali use. 
The loading of the applied electrocatalyst was 
low, under 5.0 g m”, because the plant was 
planned to operate at low current density, com- 
pared with more recently constructed chlorate 
plants. Details of the electrode performance 
remain commercially confidential, but it is 
understood that the original coatings were still 
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being used after more than 10 years. The 
electrodes were later recoated, not because the 
original coating had worn, but because it had 
become passivated, resulting in increased oper- 
ating cell voltage and hence more costly 
chlorate production. 

In the latter part of the 1960s, and early 1970s, 
the nominal 70/30 PvIr coating was applied to 
electrodes in several chlorate plants worldwide, 
at the end of which time it was estimated that 
over half of world chlorate was being produced 
using this electrocatalyst. The applied loading 
for later plants was raised to~10 gm” — to ward 
off ‘passivation’, often using staggered higher 
loadings to assist in smooth recoating pro- 
grammes, which have, so far, been unnecessary. 


Passivation of Platinum Electrodes 

Passivation requires some explanation. 
Platinum exhibits an anodic passivation char- 
acteristic not unlike that of titanium, namely, 
an active corrosion zone, and at higher anode 
potentials a region of passivation — the currents 
involved in both active corrosion and passiva- 
tion are small for all practical purposes. 

Iridium oxide produced by the optimised 
paint/thermal decomposition method is believed 
to be non-stoichiometric in composition but 
capable of passivation to a stoichiometric, 
less-electrocatalytically active form. 

It was initially difficult to accept that the 
platinum and iridium oxide components had to 
be in an active corrosion form for the nominal 
70/30 Pv Ir to have a low chlorine overpoten- 
tial, though the rate of platinum anodic 
dissolution is very small even in the active 
corrosion region. 

During operation of the electrodes the plat- 
inum selectively dissolves with respect to the 
iridium oxide; the latter is presumed to be the 
principal electrocatalyst. If 70/30 Pw/Ir is applied 
initially at too low a loading, or operated at 
too high a current density, then the platinum 
passivates and allows the iridium oxide to fol- 
low. The coating rarely wears away completely, 
but in this passivated condition the electrical 
energy cost for chlorate formation increases. 

Irrespective of knowing the true composition, 
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the nominal 70/30 Pw/Ir coating has been the 
subject of scares. For example, if there are even 
a few parts per billion of soluble iridium in the 
brine then serious decomposition of chlorate 
will result. Fortunately iridium solubilisation 
has always been so low that it has never become 
a commercial problem. 

Another example cropped up just when it 
seemed that the technology of the 70/30 PvIr 
coating was on a sound course. Electrodes were 
supplied to one chlorate plant where ‘graphitic’ 
brine was used as the electrolyte feed, the lat- 
ter being regenerated brine from the output of 
mercury-type chlorine cells fitted with graphite 
electrodes. The 70/30 Pt/Ir coating, assessed by 
non-destructive monitoring, dissolved unex- 
pectedly fast. When, by chance, the feed was 
changed to fresh brine, the high wear rate of the 
Pv/Ir coating reverted to the expected very slow 
rate. Evidently an example of coating corrosion 
rate being affected by impurity in the electrolyte. 

Just as the corrosion rate of platinum increases 
as dilution of brine increases, so a similar effect 
occurs in chlorate technology. The feed to a 
chlorate plant may begin as saturated brine, but 
as chlorate forms the residual brine level 
decreases. If the brine content falls below 100 
gl’, and certainly below 80 g 1", there is an 
increase in the corrosion rate. With only a few 
gl’ of residual brine, coatings which might 
otherwise last for 5 or 10 years, dissolve in 
a matter of hours. It is presumed that this 
is another example of the effects of cojoint 
chlorine and oxygen generation. 

The nominal 70/30 Pt/Ir coating has now 
largely been replaced by ruthenium-based coat- 
ings, probably because of the lower initial cost 
rather than for technical reasons. 


Beer’s Ruthenium Oxide-Based Coatings 

By 1965, even with the improved performance 
from the nominal 70/30 PvIr coatings compared 
with pure platinum, there was general frustration 
that more successful coated titanium electrodes 
for mercury-type chlorine cells, see Figures 4 
and 5, had not been found. 

In Europe at that time mercury-type chlorine 
technology predominated, whereas in North 
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Fig. 4 A prototype titanium 
anode for a mercury-type 
chlorine cell, consisting of a 
central column or post in-filled 
with copper for the electrical 
connection; a cross-piece spine 
connects to a grid coated on the 
lower part with noble metal 
oxide. Such anodes come in a 
range of designs and sizes, larger 
ones having two or four posts. 
Much development has gone into 
ensuring the lowest electrical 
resistance in the structure to the 
blades, for minimum usage of 
titanium 


America diaphragm-type cells were mainly used. 
Beer (still linked with Magneto Chemie in the 
Netherlands) then proposed another change of 
coating — to ruthenium oxide. Now, every change 
of coating type required considerable retesting 
in the well-established, but costly-to-run, test 
rigs. Was ruthenium oxide to be another ‘wild 


Be a 


om 


= * 


goose chase’? Ruthenium oxide electrocatalyst 
did seem, on initial consideration, to work, but 
there existed in industry an inertia to the change 
from the noble metal to the oxide. It was 
accepted, with resentment, that if a noble metal 
oxide did confer attractive chlorine evolution 
characteristics (many minerals exist in a stable 


e i aS 
Fig. 5 The vast size and apparent inactivity of a mercury-type chlorine cell room belies the complexity of 


construction and continuous high current density electrochemical reactions in progress. This cell room will 


contain many thousands of titanium-based electrodes 
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oxide form) then oxides might just be suitable. 

However, the grudging acceptance of Beer’s 
work, and his desire to speed up exploitation, 
led him to sell his technical concepts and join 
forces with de Nora, an electrochemical com- 
pany in Italy, and to relinquish all ties with ICI. 

At about the time of the changeover, Beer filed 
his now celebrated first oxide patent, ‘Beer 65’, 
sometimes affectionately known as Beer | (17). 
He claimed the deposition of ruthenium oxide, 
and admixing a soluble titanium compound to 
the paint, to approximately 50 per cent. There 
are several key aspects to Beer |: 

« codeposition 

» depositing a coating of improved adhesion, and 

* producing a coating of improved durability 
in mercury-type chlorine cells. 

In 1967, Beer filed his ‘Beer 2’ patent (18). 
It would seem routine now to accept a coating 
composed principally of titanium oxide, but in 
1967 it seemed quite ludicrous. All the subtleties 
of the mixed metal oxide coating could hardly 
have been appreciated then, when improvements 
to durability under mercury-type chlorine cell 
conditions were important. 

However, the fact that Beer recognised the advan- 
tage of lowering ruthenium oxde content below SO 
per cent must be to his lasting credit. Thus, the big 
breakthrough in chlorine technology was 
achieved in the manufacture of commercially 
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Fig. 6 The fluence of 
the composition of the 
RuO, /TiO, codeposit on the 
oxygen/chlorine electrode 
potential difference, 
measured in millivolts 
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Early criterion limits 
for acceptance in diaphragm— 
type chlorine cells 


CODEPOSITS 


viable anodes for mercury-type chlorine cells. 
To give the user confidence, (a master stroke in 
commerce) the electrode producer leased anodes 
and guaranteed performance! 

During the 1970s, a method, believed to have 
originated from the Electrode Corporation (a 
joint activity between de Nora and Diamond 
Shamrock) of classifying the performance of 
coated titanium electrodes for diaphragm-type 
chlorine cells, was to use a single electrode poten- 
tial difference as follows: 


Chlorine single electrode potenual w.r.t. nHE: 
310 gI' sodium chloride 

current density 1 A inch” 

temperature 70°C 


Oxygen single electrode potential w.r.t. nHE: 
1 M sulfuric acid 

current density 1 A inch™ 

temperature 25-30°C 


The required difference in potential between 
the above two values for efficient use in 
diaphragm-type chlorine cells was held to be 
325 + 40 mV. 

It is of interest to compare the variation in the 
above electrode potential difference with those 
of RuO,/TiO, compositions, see Figure 6. In 
order to achieve the required high values, it is 
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clear that a Beer 2 rather than a Beer 1 formu- 
lation must be chosen. The more expensive 
70/30 Pt/Ir coating is characterised by potential 
differences of over 400 mV. The potential dif- 
ference is effectively a method of stating that an 
electrocatalyst must have low chlorine overpo- 
tential and high oxygen overpotential for 
chlorine to be selectively released from brine 
solution (especially from dilute brines). 

The potential difference of an electrode is 
affected by its composition. It is evident that 
ruthenium oxide is a more powerful chlorine 
electrocatalyst than oxygen electrocatalyst. By 
decreasing the effective area of exposed ruthe- 
nium by adding titanium oxide, the chlorine 
overpotential remains low while the net oxygen 
overpotential rises. Chlorine overpotential 
remains sensibly low with changing composi- 
tion, while oxygen overpotential rises with 
decreasing ruthenium oxide content. 


Beer 2 Coatings 

Much emphasis has been given in the litera- 
ture to the fact that codeposited RuO,/TiO, coat- 
ings are true mixed crystals, and that this is 
the secret of their durability. Both RuO, and 
TiO, (rutile) possess the same crystal symme- 
try, and their lattice constants are similar. For 
patent reasons (rather than coating performance) 
there have been many high precision X-ray dif- 
fraction studies of such coatings. In general the 
X-ray lines of the two components are so close 
that they merge to give apparent single broad 
peaks displaced in the direction of mixed crys- 
tal formation. A complicating factor in lattice 
parameter considerations has been the relatively 
large contribution from chloride ions in the lat- 
tice (19, 20). If the deposit is heated to ~ 100°C 
or higher, above the normal paint decom- 
position temperature, the X-ray lines separate 
into ruthenium oxide and titanium oxide com- 
pounds (possibly recrystallisation or perhaps 
coalescence of like species). 

In practice, it does not really matter whether 
such codeposits are true mixed crystals or 
exceedingly fine-scale intermixes. But, to reit- 
erate, the importance of the Beer 2 patent is the 
codeposition of ruthenium and titanium oxides 
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to give a deposit with the required electrode 
potential difference. 

Since the 1970s, titanium-based electrodes 
coated with Beer 2 type RuO,/TiO; have totally 
transformed the chlorine, chlorate and hypochlo- 
rite industries and their economics. This suc- 


’ cess has resulted from an interplay between 


anode producer and users, which has been far 
too complex to describe here. 


Sodium Amalgam Shorting 

In mercury-type chlorine technology there 
have been various methods, over and above Beer 
2 type coatings, of improving resistance to 
sodium amalgam shorting. In one anode con- 
struction a thick, electrically-conducting inter- 
layer was deposited between the titanium and 
the electrocatalyst. In another, there was delib- 
erate admixture of ceramic particles within the 
codeposit paint. Previously, graphite electrodes 
were massive and heavy, and the anode/cathode 
gap was adjusted by a manually operated screw 
mechanism. The much lighter titanium-based 


Fig. 7 A box-type diaphragm-type chlorine cell anode 
structure consisting of noble metal oxide coated 
titanium mesh spot welded te a central copper cored 
titanium rod and plain titanium sheet guasets 
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electrode structure can be electrically raised and 
lowered, and sensors have been used to raise 
anodes automatically during expected amalgam 
shorts. Sodium amalgam shorts in mercury cells 
cannot be totally eliminated, but their frequency 
can be minimised. 


Diaphragm-Type Chlorine Cells 
There have also been comprehensive changes 
in diaphragm-type chlorine cells, see Figures 7 
and 8. To decrease the anode/cathode gap, there 
was a change in anode design from the ‘thin’ box 
to the ‘thick’ box construction, and then to 
expandable anodes, where the ends of the 
diaphragm were left open for springiness. The 
natural asbestos-based diaphragms have been 
replaced by synthetic ones, and the cathodes 
have also been changed; a succession of modi- 
fications now leaving little room for improve- 
ments to either current or power efficiency. 
During the change-over from graphite to 
titanium-based electrodes in diaphragm-type 
chlorine technology, K. O’Leary of Eltech Corp- 
oration filed an interesting patent claim (21). 
He proposed that coatings would be cheaper 
and electrode life extended if part of the ruthe- 
nium oxide was replaced by tin oxide. For exam- 
ple, where a 20 g m” Beer 2 coating might have 
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Fig. 8 View of a cell room in a chlor- 
alkali plant in Saudi Arabia, which uses 
diaphragm cell technology. Diaphragm 
cells produce around 75 per cent of the 
chlorine and caustic soda in the world 


Courtesy of OxyTech Systems, Inc. 


a life of 8 years, the O’Leary 
composition (with half the RuO, 
content) raised life expectancy to 
around 12 years. 

It is interesting to conjecture why 
the O’Leary modification is suc- 
cessful. Decreasing the ruthenium 
oxide content to below about 30 
per cent raises the potential dif- 
ference of the electrode in sulfuric acid and chlo- 
ride solutions, see Figure 6. A restriction on 
decreasing the RuO, content too far is that the 
associated electrical resistance of the RuO,/TiO, 
mixture progressively increases, and the voltage 
drop across the coating contributes significantly 
to the net overpotential. It would seem that 
the more electrically conducting SnO,, com- 
pared to TiO., allows the RuO, level to be 
decreased without unduly raising the overall 
electrical resistance of the coating. 

A similar explanation could explain the suc- 
cessful coatings patented by Solvay (22) which 
allow the RuO, content to be lowered, com- 
pared to TiO,, by adding RhSbO,. The 
Canadian company Chemetics would seem to 
have ‘fine tuned’ this variety of coating (23). 

During the years where the Beer 2 patent own- 
ers and licensees held a monopoly, many 
attempts were made to compete. There were 
also professional patent breakers, whose aim 
was to damage the validity of the Beer patents, 
but none met with much success. 

One route taken to circumvent the codeposi- 
tion aspects of the Beer coatings was a two stage 
process. In the first part, a bed of porous tita- 
nium oxide was formed electrochemically on 
etched titanium from a Ti™ solution (24). This 
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was then infilled with RuO, by a paint/thermal 
decomposition route. The resultant coating was 
a fine scale mixture (not mixed oxide) of RuO, 
and TiO, at an approximately stable ratio of 
~ 50/50 weight per cent. When electrodes coated 
in this way were first introduced into diaphragm- 
type chlorine cells, the chlorine efficiency was 
claimed to be marginally lower than in cells 
fitted with Beer 2 codeposited coatings. The 
two stage method did produce slightly more 
oxygen in the chlorine, slightly increasing the 
risk of explosion during liquefaction of the gas, 
but it also gave rise to less chlorate in the anolyte 
than occurred with Beer 2 coatings. In at least 
one chlorine plant it was thought better to accept 
slightly more oxygen in the chlorine so that less 
chlorate in the anolyte would pass through the 
diaphragm, thus minimising plant corrosion 
in the evaporator stage. 

Now that the Beer patents have expired, any 
adjustment to the RuO,/TiO, ratio can easily be 
achieved by adjusting the starting composition 
of the paint, This two stage coating process, 
which in the fullness of time gave electrodes with 
lives comparable to those of Beer 2 coated elec- 
trodes, would seem to disprove the need to use 
true mixed oxides for maximum electrocatalytic 
activity. 

The efficiency of diaphragm-type chlorine cells 
is acutely dependent upon the properties of the 
diaphragm, and one method of in situ control 
was to add common sugar. Some 
plants, it is understood, used to 
thrive on this, Ruthenium-based 
coatings corrode more quickly in 
the presence of sugar, as does plat- 
inum electroplate. Fortunately the 
warning of the possible increased 
corrosive effects due to sugar meant 


on 9 The external view of an FM21- 
unit of a membrane-type 
Shionalkal wail. E Each cell incorporates 
mixed metal coated titanium anodes 
Courtesy of ICI Chemicals and Polymers Ltd. 
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that it was not added in plants equipped with 
ruthenium oxide-based coatings. 

Using titanium-based electrodes in chlor-alkali 
cells caused a number of unfortunate incidents. 
For instance, diesel fuel spilled from dumper 
trucks used to take salt from a salt dome caused 
‘blinding’ (deposition of film on the surface) of 
anodes in a mercury-type plant, thereby raising 
net chlorine overpotential to economically unac- 
ceptable levels. When the chlorine compressor 
in a diaphragm-type chlorine facility failed, the 
emergency procedure was to divert chlorine in 
the plant into sodium hydroxide solution where 
it was safely converted to sodium hypochlorite. 
Somehow the hypochlorite in one plant was 
inadvertently fed back into the chlor-alkali cells. 
Such an accident indelibly reminds one that 
alkaline brine strongly attacks ruthenium-based 
electrodes! Despite losing ~25 per cent of the 
anodic coating in just a few hours, the plant 
went on to function normally for the next 5 years 
without the need for anode replacement. 


Membrane-Type Chlorine Cells 

The introduction of membrane-type chlorine 
technology, see Figures 9 and 10, has also seen 
wide use of Beer 2 RuO,/TiO; coatings. Because 
the ion exchange membrane is usually highly 
alkaline, conditions of use can exist where the 
anolyte may also go alkaline, for example, dur- 
ing a shut-down. Upon re-energising the plant, 
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Fig. 10 A general view of a membrane 
chlor-alkali cell room which uses many 
of the FM21-SP electrolyser units 
Courtesy of ICI Chemicals and Polymers Lid. 


tion produces only oxygen, even in 
saturated brine. Hence, upon start- 
up of a membrane-type plant with 
alkaline anolyte there can be either 
only oxygen produced, or cojoint 
oxygen and chlorine. Even if the 
alkaline conditions are only tran- 
sient, there can be significant dis- 
solution of the anode coating. To 
improve overall durability, at a 
small loss in anode efficiency, some 
RuO, in Beer 2 RuO,/TiO; code- 
posit may be replaced by IrO,. The 
colour change from light grey to near 
alkalinity in the anolyte encourages oxygen, _ black is usually an indication that the coatings 
rather than chlorine, formation; and at above _ contain some IrO,. It is likely that a range of pro- 
a pH of about 12, see Figure 11, the anodic reac- _ prietary modifications to coatings are now used 


Switch from 
chiorine to largely 
Oxygen evolution 


votts vs S.C.E. 


Different 
coatings 


Fig. 11 Electrode potential 
of noble metal coated 
titanium anode, at a current 
density of 1.5 kA m”™, in 22 
per cent sodium chloride of 


varying pH, at a temperature 
of 22°C 
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in the many membrane-type chlorine cells. 
There is no longer justification for continued 
heavy expenditure on chlorine cell anode coat- 
ings. This does not mean that further worthwhile 
improvements cannot be made (25). Apart from 
the continuing desire for cost effective use of 
noble metals, the industry has to live with fluc- 
tuations in the noble metal base prices in decid- 
ing which coating to use for specific applications. 


The concluding part of this paper will appear 
in the next issue of Platinum Metals Review and 
will deal with the development of oxygen elec- 
trodes for widely ranging types of electro- 
chemical application, some of which function 
at very high current density — electrogalvanis- 
ing — and others at extremely low values, such 
as impressed current cathodic protection of 
rebars in concrete. 
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Electroless Platinum Deposition for Medical Implants 


The metallisation of polymers enables such 
materials to be used in a wide range of indus- 
tries, such as automotive, and in electronic appli- 
cations. Most recently, the electroless deposi- 
tion of metal onto polymers is finding use in 
medical applications for fabricating electrodes 
used in implantable medical devices. Platinum, 
being biologically inert, is one of the metals used 
to coat implantable electrodes. However, as 
metallic deposition only takes place on con- 
ducting surfaces, it is necessary to metallise, 
or seed, the non-conducting polymer prior to 
electroless deposition. A suitable catalyst is thus 
required to provide the insulating surface with 
conducting properties, 

In commercial electroless platinum deposition 
a tin sensitiser and a palladium chloride, PdCl.,, 
activator are used to provide the catalytic cen- 
tres, but tin is toxic and therefore unsuitable for 
use in medical implants. 

Now, researchers based at the Royal North 
Shore Hospital in Sydney, Australia, describe a 
method for the electroless deposition of plat- 
inum onto films and fibres of polyethylene 
terephthalate (PET) using a new tin-free cata- 
lyst to activate the PET surface (Z. Rao, E. K. 
Chong, N. L. Anderson, M. G. Stevens, R. 
Driver and K. V. Paulose, #7, Mater. Sct., Lett., 
1998, 17, (4), 303-305), The catalyst was made 
by dissolving PdCl, into dimethylsulfoxide 
(DMSO). 

The electroless deposition of platinum onto 
PET involved a number of steps with thorough 
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rinsing in de-ionised water between each step. 
The PET films or fibres were first carefully 
washed to remove wax or oil residues, followed 
by etching in a hot alkaline bath consisting of 
sodium hydroxide and a surfactant. The etch- 
ing roughened the PET surface and this allowed 
better adhesion for the platinum coating, by 
mechanical interlocking between the coating 
and the surface. The PET samples were then 
dipped into the DMSO-Pd catalyst, followed 
by dipping into a reducer of an aqueous solu- 
tion of hydrazine at room temperature, Lastly, 
catalysed samples were immersed in an elec- 
troless platinum deposition bath preheated to 
60°C. 

The resulting electrolessly plated platinum 
coatings were characterised by various tech- 
niques and compared with commercially avail- 
able samples. Peel tests to evaluate the adhesion 
showed it to be good for platinum coatings of 
up to 200 nm thickness, but thicker coatings 
were less adhesive. 

Palladium was present on the PET surface 
in metallic form but with an irregular distribu- 
tion. These very fine palladium particles or clus- 
ters may act as catalytic sites for the subsequent 
electroless platinum deposition. However, as 
platinum deposition appeared to start simul- 
taneously over all the catalysed PET surface, 
the role of the palladium is unclear, and further 
studies are required. This tin-free catalyst may 
thus find use in producing adhesive platinum 
coatings for implantable medical applications. 
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The Platinum Anode 


In industry, the Platinum or Platinum alloy Anode is nowadays used for converting Chlorate into Perchlorate. MMO(DSA) being used for 
Chlorate production. Most Pt Anodes are Platinum clad, the base metal is usually a 'valve' metal such as Ti. An alloy of Pt/Ir (70/30) is 
extensively used as it is superior to Pt alone, it has greater catalytic effect. Platinum is expensive ($40/gram year 2006) and heavy. It has a 
density of 21.4 g/cc. 

The surface properties of Pt are very important to the operation of the material giving the metal a range of different characteristics. Smooth 
Pt (solid Pt, and electro deposited) has been favoured in Chlorate and Perchlorate production as it's wear rate is low. Other Pt surfaces can 
be formed by depositing the Pt using thermal decomposition, 'Paints' or in combination with other metals (Ir). Theses surfaces have better 
catalytic activity which have better overpotential figures etc. 


Anode current densities used vary widely. They range from 100mA/square cm to 700mA/square cm. Use about 300mA/square cm. Pt will 
increasingly erode if used in a Chlorate cell with a low concentration of Chloride. Keep above 80 grams per litre Chloride. Pt will also 
increasingly erode if used in a Perchlorate cell if the concentration of Chlorate is low, though the extra erosion appears to be little. 

Do not use Pt with a crude DC supply that has ripple at 50Hz or below because this will encourage wear. 100Hz or greater ripple is OK 
((Platinum Metals Rev., 1998, 42, (1), 27-33, available below). 

There is some information regarding wear rates of Pt in US Patent No. 3,475,301. 

The wear rate of Platinum is 0.5 grams per ton of Chlorine produced when used in Chlorine cells with coating depts of 0.05 to 0.1 mil 
(Metals handbook). 


Pt wire and coins (bullion) is readily available. Platinum clad Anodes are available from corrosion control companies. Platinum plated 
(usually Ti) are also available from companys supplying electroplating supplies. They tend to be expensive considering the amount of Pt 
that is actually on the Anode. There have been good reports of Platinum plated Ti Anodes being used for Perchlorate production using pure 
or nearly pure Chlorate. See Alan Yates page for reports on Pt Anodes. 

When purchasing Platinum bullion or wire is should be noted what the ratio of weight to surface area you are getting. If you are going to 
manipulate the Pt physically after you purchase then this is not so critical. The same goes for Pt clad Anodes, know what surface area you 
are getting for your buck. You should go for a Pt coating thickness of 70 micron or so. 

Platinum clad Anodes are sometimes available which have thicker coats of Pt than the electroplated Anodes. 

The Platinum coated Ti Anode used for electroplating applicatios have very thin coatings of Pt on them (10 micron or less) but they hold up 
OK when making Perchlorate from pure or nearly pure (recrystallized at least twice) Chlorate. 

Below are two Pt clad Anode manufacturers. 

http://www.telprocompanies.com 

http://www.lidaproducts.com 


Pool chlorination anode are sometimes Pt based. The bipolar anodes (AFAIK) are Pt based. 
An example at this address: http://www.directpoolsupplies.com.au/prod646.htm 
A picture is below. It should be noted that it is not certain if this Anode is MMO or Pt. 


The ratio of weigh(price) to surface area for Pt wire is important from a cash and current carrying (heat dissipation per cm) point of view. 
This is discussed in Resistance and power calculation for Pt wire. 


Figures I have seen with people who actually used 0.5mm Pt wire said that 4 amps was the max. current that was sensible to put through 
wire. I have seen as high as 7 amps. This was far too high IMHO. 


You can cut a given length of wire into a number of Anodes to lessen the resistance problem if you need, as discussed in link to Resistance 
and Power calculation. 

You could also flatten wire to give it more surface area per buck. Watch out for the current needed to run your new flattened Anode. You 
cannot flatten the wire too much and expect the wire at the top to be able to carry a huge current. Platinum is very malleable. 

With an infinitely flattened wire you will have infinitely large surface area costing an infinitely small price per cm squared, with an 
infinitely high ...... You need to decide where the sensible point is. 


Pt wire can be attached to a Copper wire and sealed in a glass tube to save on Platinum. 


If you use Chromates in your Perchlorate cell this will help protect Pt from corrosion as it stops Chloride from forming. See this thread by 
GarageChemist(or see Na Perchlorate section): 

http://www.sciencemadness.org/talk/viewthread.php? tid=5050&page=2#pid60758 

Since Chromates stop Chlorate and Hypochlorite being reduced at the Cathode back into Chloride this will protect the Pt as Chloride in the 
Perchlorate cell will corrode Pt. 

SMALL amounts of Chloride in a Perchlorate cell are a Platinum Anode eroder. 

If using homemade Chlorate, you should recrystallize the Chlorate at least twice to get the Chloride concentration low and save on Anode 
erosion. Persulphate or NaF would probably help protect the Pt as well. They may not. 

To quote: 

In effect, platinum forms an equilibrium or quasi equilibrium state when evolving chlorine, and a rather different state for oxygen evolution. 
During cojoint oxygen and chlorine evolution, which occurs in dilute brine, there is interference in the formation of surface layers and this 
leads to accentuated metal dissolution.(Platinum Metals Rev., 1998, 42, (1), 27-33, available below) 


According to Encyclopedia of Chemical Processing and Design, Vol 51, 1995 page146, Barium is a poison to Noble Metal or Noble Metal 


Oxide anodes and may even reduce there lifetimes. 


Another possible way to make Pt anodes is to use Potters Platinum . 

See here for some info on plating Pt onto Titanium. 

The price of Platinum in coins is much lower per gram than wire or foil. 

You can look up the price of Platinum on the international markets by doing a search for precious metal dealers/brokers. 
Coins can also be bought from similar sources. 

Try the following for Pt wire, coins and Anodes. 

Farwest corrosion control. 

Thomas Register. 


http://www.alfa.com/ 


There's plenty of further reading regarding Platinum Anodes (and its cousins) in the Platinum Metals review journal. 
There is an article depicting the development of the Pt Anode in PMR 1998 (42) 1 (available at above link) and here (local PDF, 600k). 
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Worked example for Pt wire 


If you purchase 33cm of wire of 2mm diameter, this will have a usable surface area of 3.142 X 0.2 X 30 = 18.85 
square cm. 

That’s a 5.6 amp Anode (300mA/cm squared say) (30 cm active surface in electrolyte) 

This wire will weigh 3.142 X 0.1 X 0.1 X 33 X 21.4 = 22.2 grams which will cost 22.2 XK $40 = $888 


A 5.6 Amp Anode made by purchasing 1 mm diameter wire will cost half this much. 

The length of the 1mm diameter wire will need to be 63cm (do the calculation). 

The weigh of this 63cm of 1mm wire will be 3.142 X 0.05 X 0.05 X 63 X 21.4 = 10.6 grams. Half the price 
approx. 


Should we go for wire that is 0.5mm diameter and 123cm long? 

The wire you use must carry 5.6 amps at it's top end without heating too much remember. The resistance of the 
wire will start to become more and more the limiting factor. 

The resistivity of Pt. metal is 0.0000106 Ohm Centimetres. 

To calculate the resistance of a piece of wire we use it's dimensions and the resistivity. 

The resistance of a wire is: 


(Resistivity X Length)/Cross sectional area. (We will use cm throughout) 


The resistance of a piece 3 cm long (assume 3 cm to get from connection to electrolyte) by 2mm diameter will be: 
(10.6 X 104-6 X 3)/ (3.142 X 0.1 X 0.1) = .000,404,84 Ohms. 


This resistance will have to dissipate a wattage of: (current squared) X Resistance = Watts in a length of wire that 
is 3cm long. 


That’s 5.6 X 5.6 X 0.000,404,84 = 0.127 Watts. 


It will be difficult to ascertain if this will melt the lid or not but will give you some indication of the problem. 

Hot Pt may also corrode inside the cell at the top. 

The wire will also drop Volts = current X resistance. This may be a problem if your power supply is a bit short in 
the Volts department. It may stop you from pumping as much current into your cell as you had wished. 

With high wire resistance the current distribution on the Anode may also suffer because of the high resistance 
down the length of the Anode, in this case 0.000,404,84 Ohms every 3 cm. (no problem with this particular anode) 
The current will preferentially leave the Anode and travel into the electrolyte at the upper end of the Anode. The 
current density will be higher at the top of the Anode than at the bottom which may have erosion consequences if 
Anode is being driven at a current density that is close to the point of erosion. 

Since Pt can be driven at ferocious current densities this will probably not be too much of a problem in most cases. 
In the case above (where resistance of 3cm is only 0.000,404,84 Ohms) there will be no problems with the Anode 
as far as current distribution is concerned. 


If we keep cutting down the diameter of the wire to save cash there will come a point when the local heating at the 
top of the anode will be a problem. A guesstimation of problems occurring would be when you expect 3 cm of wire 
to dissipate 1/4 Watt or more. 


If cash is short and you must scrimp on the wire you can still use very thin wire and simply have a number of 
Anodes to get up to the surface area you want. 

Assume we use 0.25mm diameter wire. We now need 243cm to give us our surface area we want for a 5.6amp 
Anode. This will cost $100. The 0.25mm Dia. will not carry 5.6 amps, as 2 Watts of power will be dissipated in the 
wire leading into the cell. We cut the wire into four pieces and install four Anodes into the cell connecting them at 
the top using a Copper busbar. Each 0.25 diameter wire now has to only carry 5.6/4 = 1.4 amps (same Anode 
current density in electrolyte as above). The current will distribute to each Anode if all connections are good and 
each Anode has similarish distance from a Cathode. It should be noted that to be exact we now need 253cm + 9cm 
extra as we have to go from lid to electrolyte four times. 


You do not have to cut the wire if you so wish. Simply 'snake' the wire into the electrolyte four or five or six times 
and join at the top with a busbar. You will need extra cm's to do this. 


There is a simple spread sheet (ziped) for resistance calculation here. 
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The picture below shows how you can save on Pt my attaching Pt to a Copper wire and sealing inside a glass tube. 
Platinum and Soda glass are compatible. The anode was actually an electrode made and used by 'Woelen’. It may 
be a good idea not to wind the Pt around the tube but rather place it below the tube so that the anode current 
density will be more constant on anode surface. 
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Potters Platinum 


Platinum metal may be deposited onto ceramics for decorative purposes. It is applied in a ‘paint’ which is then 
fired. This may be suitable for anodes. 


Quote: 


Google for "Hanovia Bright Platinum". Englehard's 

product is used quite a bit in labs to avoid the expense and mess of 

electroplating Platinum. 2 grams of the HBP cost $15.50 at a local potters 
shop, and there is enough to do at least three or four of these anodes, 
at about 5sqcm per anode. 


Englehard's 'Hanovia' is shown here and is available on ebay from Merlin's ceramics. 
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Plating Titanium with Platnum 


The following is from "Metals Handbook" 

Pt is used in the Chlorine-Caustic industry where a thickness of Pt of from 0.05 to 0.1 mils is used. Replating of 
the anodes may be required every two years depending on operating conditions. The attrition rate of Pt appears to 
be about 0.5 grams of Pt per ton Chlorine produced. 

Several Platinum and Electrode suppliers have developed reliable methods for Platinum plating Titanium; most 
employ proprietary solutions. 

A Platinum Diamino Nitrate bath has been used successfully to apply Platinum plates to Titanium. In this and other 
procedures, however, certain precautionary steps are required, to achieve adherent, uniform plates. The surface 
must be cleaned thoroughly and etched in HCl or HF acid to produce a roughened surface. Some procedures also 
involve a surface activating treatment just prior to plating. Immersion for 4 minutes in a solution of Glacial Acetic 
acid (895 ml) containing HF (125 ml of 52% HF), followed by a prompt rinse, appears to be an effective activating 
treatment if performed immediately prior to plating. A post-plating treatment, consisting of heating to 750 to 1000F 
(400 to 540C) for a period of 10 to 60 minutes, stress relieves the plate and improves adhesion. This treatment can 
be performed in the air atmosphere where a light Oxide film will form on unplated areas. 

I have also been told that when Ti is being plated with Pt, the Ti must go from the etch bath to the plating bath 
immediately (when still wet) so that no Oxide can form. 
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The Magnetite (Fe30,4) Anode 


Magnetite can be used to make Chlorate. It will not make Perchlorate in any sensible fashion. 

It has a similar current density requirement as Graphite and should not be used in a cell that has less than 100g/1 
Chloride. It is not effected by high temperatures. 

High current density or low Chloride concentration does not seem to wear the Anode, current efficiency suffers. 
GB 850,380 states that Magnetite will only convert Chloride into Chlorate efficiently at low current densities. It 
also states that Magnetite will make Perchlorate at a current efficiency of 4 to 5%. Current efficiency on homemade 
anode (see below) has been very low in a Chlorate cell that was not pH controlled, approx. 61% CE was achived in 
a pH controlled cell. Perchlorate started to form in the pH controlled cell as Chloride concentration decreased. 


IF MAGNETITE IS BEING USED AS AN ANODE TO MAKE CHLORATE, pH CONTROL IS 
NECESSARY IN ORDER TO ACHIEVE A SENSIBLE CURRENT EFFICIENCE. 


Industrial reports had stated that the wear rate of the Anode is small, about 1mm per year. Current efficiency 
reported from the Japanese was good. 

The Japanese used Magnetite up to 1971 (and probably longer) to produce Chlorate, it was also used in India. Cells 
were of course pH controlled. 

The resistance of Magnetite is higher than Graphite (about 20 times, it has a resistivity of 1 to 3 by 104-4 ohm m) 
but that is not a major problem. 

Magnetite has a reverse Spinal structure which makes it conductive. It's formula can be more accurately described 
as FeO:Fe203. [FeO = Fe(II), Fe203 = Fe(II)] 

A description of Spinal Structures can be seen here or local to this page here. 

Home produced Magnetite anodes made by melting Magnetite using a welder and annealing (or using an oxy/gas 
cutting torch) are relatively easy to product. However the current efficiency in very low when used in a non pH 
controlled amateur cell (3%CE). A Magnetite anode made with an electric welder and annealing oven was run in a 
K Chlorate cell. The anode surface area was 60 cm squared. The current was 3.8 amps. Current density on anode 
was approx. 63mA per cm squared (very high). The pH was not controlled. Temperature was about 15 Centigrade. 
The current efficiency was HOPELESSLY low. A guesstimation of approx. 6%. Also 11 Volts was needed to drive 
in the 3.8 Amps. The connection on the Anode was Silver paint. Silver does not seem to suit Magnetite (unlike 
Lead Dioxide). A lot of Voltage was dropped across connection. Copper would be better. No visible wear on 
anode. Nickle cathodes used. Black mess due to Nickle. 


Another cell was run at a much lower current density on the anode (17mA per square cm, 1 amp into cell) with no 
pH control. The current efficiency was HOPELESSLY low at 3% (measured). 

This same cell was run with pH control. A syringe pump was used to meter in 12% HCI to the cell at a rate of 
0.3ml per hour, (thats 0.35ml 12% HCl per amp per hour). The pH remained in the 6.7 to 7.0 region. The current 
efficiency was measured to be 61% over a two day period. The Chloride concentration was high. The cell had 
Copper cathodes, ran at approx. 23C and was 0.52 liter in size. Current into cell was 0.85 amps, 14mA per square 
cm. The connection to the Anode consisted of Copper braid clamped onto the Anode using a plastic 'clothes peg’ 
type clamp. Voltage accross cell was low and stable. 

This cell produced Perchlorate when Chloride conc. decreased to a low level. 


There are patents describing the production of Magnetite Anodes that describe melting Magnetite in an arc type 
furnace and then casting the molten Magnetite into the required shape. The Magnetite because of its brittle nature 
must then be carefully annealed for a minimum of 16 hours in a furnace that is cooled slowly. The set up requires a 
large amount of power going to a simple electric arc furnace. 

The Japanese used hollow Magnetite Anodes and coated the inside of the hollow with Copper for to use as a 
current connection to the Anode when in service. This give an even current distribution on the Anode and was 
necessary because of the somewhat high resistance of the Magnetite. 


Magnetite anodes can be given a Copper coating at the top for to make a good electrical connection to them. A 
simple Copper electroplating bath is used. 

18.5 grams Sulphuric acid 

78 grams Copper Sulphate Heptahydrate 

500 grams water 


Temperature 32C 

Anode is pure Copper 

Cathode is the piece to be coated 

Voltage 2 to 5 volts (about 60mA per square cm on cathode is OK) 


There is also the possibility of promoting’ a Magnetite Anode. This is where a more active substance is attached to 
the surface of the Magnetite (Cobalt Oxide or possibly Lead Dioxide) thus making an Anode capable of both 
Chlorate and Perchlorate production. The Magnetite simply being used as a non corroding current carrying device. 
It never made it to commercial plant. 


US Pat. No. 3,232,858 describes the process of melting, casting and annealing Magnetite Anodes. Magnetite melts 
at 1,595C. 

US Pat. No. 3,294,667 describes a novel Anode that consists of Magnetite pieces embedded in a Lead matrix. 

US Pat. No. 4,515,674 describes a sintered Magnetite Anode. 

US Pat. No. 2,727,842 describes a method of converting Steel into Magnetite using steam in a furnace. 

Other patents are described in the ‘further reading section’. 


Using magnetite Anodes for Chlorate production . Article from Electrochemical Technology 6, (1968) 402 
Electrical Resistivity of Magnetite Anodes. Article from JES, 118, (1971) 1709. 
Magnetite anode from Steel + Steam in a furnace. Magnetite from Steel and Steam 


Magnetite anode from Iron coated on Ti. US Patent 3,850,701 


Magnetite Anode made with a welder and annealing oven. Homemade Magnetite anode 1 
Magnetite Anode made with an oxy-gas torch. Homemade Magnetite anode 2 


See also "Industrial Electrochemical Processes" 


Link for very high temperature furnace elements 


Two German Patents using a sintering technique for making Magnetite Anodes are: DE 1,068,675 and DE 
1,091,545. 
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Journal of Electrochemical Technology. 6, (1968) page 402 
Electrolytic Manufacture of Sodium Chlorate using Magnetite Anodes. 


T. Matsumura, R. Itai, M. Shibuya, and G. Ishi. 
The Japan Carlite Company, Limited, Shibukawa-shi, Gunma-ken, Japan. 


Magnetite anodes and cells now in operation in a commercial Chlorate plant are briefly described. Chlorine overvoltage on magnetite is mentioned. Laboratory 
data were employed to optimise the operation conditions of the commercial cells. Optimum pH was 6.75. Current efficiency increased with increasing temperature. 
An improvement in ventilation conditions was also effective. As a result, a current efficiency of 83 - 85% and an electrical power consumption of 5900 to 6300 
kwhr/ton of NaClO3 produced were achieved at a final Chlorate concentration of 400 to 450g/litre. Some features of Magnetite anode cells for Chlorate production 
are discussed. 


In Japan, magnetite anodes were used in a Chlorate plant built in 1934 at Shibukawa, 80 miles north of Tokyo, because of the limited supply of graphite at the time. At 
present, 63% of the annual Chlorate production of the plant in derived from the magnetite anode cells. 


Magnetite Anodes 


The Magnetite anodes used in commercial cells are made of hematite, smelted in an electric furnace and cast into a hollow cylinder with one end closed, the inner surface 
being coated with a layer of electrodeposited copper. Their dimensions are 60mm outside Dia., 7mm thick, and 800mm long and their weight is approx. 5kg. About 90% by 
weight of cast magnetite consists of columnar crystallites with a Fe(III)/Fe(II) atomic ratio of 1.9 to 2.0. The remainder consists of glass matrices composed of silica, 
alumina, lime, alkali metal oxides, etc. 

The Chlorine overvoltage of magnetite electrodes was determined by the conventional method. Specimens of 16 x 90mm with a thickness of 9mm were prepared from 
specially cast magnetite with a purity of 98% and a Fe(IID/Fe(ID) atomic ratio of 2.00. The electrolyte was 5.3 molar NaCl saturated with Chlorine at one atmosphere. 
Electrode potentials were measured by reference to a saturated calomel electrode (SCE) at 25C. (ie. add about 0.23 volts to get the voltage that appears across the 
experimental cell) 


Chlorate cell operation 
Figure 2 (schematic not shown) shows a commercial 6000 amp cell, 1800 mm wide, 1750mm long, and 910mm high. In each cell are placed 192 electrodes, 16 cathode 
units, and a cooling coil. The anode to cathode distance is 10mm. The cell wall is made of steel, yet has not shown any sign of failure for 30 years. The gas phase is 
ventilated through a slate cover with six ventilation pipes, and the static pressure over the electrolyte surface was kept about 50mm H20. 
Feed solution from the brine purification system contain 250 to 270g/1 NaCl, 30 to 50g/1 Sodium Chlorate, and 2g/l Sodium Dichromate. Final electrolyte compositions are 
120 to 130¢/1 Chloride and 400 to 450g/1 Chlorate 
Effects of Operating Variables 


The effects of performance of solution pH, bath temperature, and ventilation conditions were studied with both experimental and commercial Chlorate cells. 


Solution pH 


Current loss due Chlorine escapeing from cell, % 
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The anode was magnetite. 4 
similar result would be 


Current efficiency as a function of pH at 60 C 


assumed for other anodes. 


The effects of pH on the current loss due to Chlorine evolution (escaping out 
of cell I presume) and the steady state hypochlorite concentration are given in 
Fig 5, which indicates that the aforesaid optimum pH is also accompanied by 


In order to 
find out the 
optimum 
solution pH, 
the steady 
state current 
efficiency 
was 
measured 
using an 
experimental 
cell with a 
miniature 
magnetite 
anode in 
which the pH 
was 
measured 
every 10 
minutes and 
maintained at 
desired 
levels 
between 5.5 
and 7.25 by 
intermittently 
adding 
normal 
hydrochloric 
acid 
solutions. 
Figure 4 
shows that a 
maximum 
efficiency is 
reached at a 
pH of 6.75, 
and the curve 
falls rapidly 
on either side 
of the 
maximum. 


a minimum current loss/wastage due to small amounts of Chlorine gas getting 
out of cell at the optimum pH and also the hypochlorite has not risen from its 
low value so that you will not get Chlorate being made from hypochlorite by 
electricity at the anode surface as this is considered a non ideal reaction as far 
as current efficiency is concerned. 


This table shows the effect of pH control on current efficiency and acid consumption 


Quality of bag i 35% HCl consumed 
pH control pH drift Current efficiency, % kg/ton - NaClO3 


Medium 6.0 to 7.8 74.4 87.5 
[Good | 6.7068 


Bath Temperature 


Bath temperature also effects cell performance. A similar experimental cell and technique as before were employed to determine the effects of temperature on current 
efficiency, hypochlorite concentration, and acid consumption. Results shown in figures 6 and 7 indicate that the current efficiency increases linearly with temperature, 


Acid consumption, 35% HCI, 


KG/ton NaClo3 


Effects of temperature on acid consumption obtained at a pH of 6.75 (optimum pH) 


whereas the acid consumption decreases. This result in consistent with the 
concept that the rate of chemical Chlorate formation is favoured at high temperatures. The current efficiency increased from 83% at 30C to 88% at 80C, not a spectacular 
increase. REM: You will only get this improvement in a pH controlled cell, IMHO. However too high a temperature may cause a shorter cell life, excessive electrolyte 
evaporation, and so on. Hence an operation temperature of 60 to 70C was finally chosen for the commercial cell. 


Ventilation 


The space between the electrolyte surface and the lid of the cell, and the gas velocity in the tubes that carry away the waste gasses was studied for there effects on current 
efficiency. It was found that the optimum space between the electrolyte surface and the lid was 100mm and that the optimum gas velocity in the ventilation tubes was 1 meter 
per sec. Theses conditions, when optimised, give a current efficiency improvement of 5%. 


Some features of Magnetite anode cells 


Since Magnetite anodes are characterised by their diminished rate of wear, the anode to cathode spacing is kept practically constant during electrolysis. For example, the 
outer diameter of a magnetite anode, initially measuring 60mm, shower a decrease of 5mm after 4 years of service. This extra distance of 5 mm between anode and cathode 
give an increased voltage across the cell of 0.01 volts, which is very small. 

Moreover, since their rate of wear is scarcely affected by temperature, magnetite anode cells permit high temperature operation that accelerates the chemical Chlorate 
formation (the bulk reactions) rather than electrochemical reactions (the surface reaction at the anode that converts hypochlorite directly into Chlorate) which are considered 
wasteful of electricity. The higher temperature operation lowers cooling water requirements. 

In conclusion, by carefully selecting the major operating variables as mentioned above, we could efficiently operate the Chlorate cells with Magnetite anodes at a cell voltage 
of 3.2 to 3.5 volts, a final Chlorate concentration of 400 to 450g/l, a current efficiency of 83 to 85%, and an electric power requirement of 5900 to 6300kwhr per ton Na 
Chlorate produced. (if power was 6 cents per unit that's about $360 per ton for power cost). 
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Journal of Electrochemical Society. 118, (1971) 1709 
Electrical resistivity of Magnetite anodes 


R.Itai, M. Shibuya, T. Matsumura, G. Ishi 
Japan Carlit Company Limited, Japan 


Considerable progress has been made in quality and economy of Magnetite anodes, and they are now used not only 
in traditional Chlorate cells, but also in such new fields as cathodic protection and electrodialysis. 

Electrolytic manufacture of Sodium Chlorate with Magnetite has been described in(1) {Electrochemical 
Technology 1968, see elsewhere on this page}. Since they have a relatively high electrical resistance compared 
with graphite, this should be kept as low as possible through quality control. Much work has been done with regard 
to factors which govern electrical resistance of commercial Magnetite anodes. In the present paper, effects of 
composition, temperature, and some additives on resistivity of cast Magnetite samples prepared from relatively 
pure mill scale, are described. 


Experimental 


Composition of Magnetite and its raw materials may be expressed in terms of Fe(III)/Fe(II) (ie. Fe203/FeO) atomic 
ratios (AR). Pure Magnetite corresponds to an AR of 2.00. 


Determination of AR 


Dissolve a weighed portion of a sample in 12N H2SO4 , titrate it with 0.1N KMn0O4 which will give you Fe(II). 
Dissolve another portion in 8N HCl, add SnCl2 to reduce any Fe3+, oxidize the excess SnCl2 with saturated 
solution of HgCl2, add MnSO4 and finally titrate it with 0.1N KMnO4 to obtain the total Iron which gives Fe(IID 
by difference. 


Preparation of Magnetite samples 


Mill scale of as high quality as was available was melted under conditions similar to the practical ones. 
Composition of the mill scale used throughout is shown in Table. 


Purity was much better than that of Hematite ore, a common raw material for commercial Magnetite anodes. The 
feed was a mixture of unoxidized and partly oxidized mill scales in such a ratio as to give any target AR value in 
the final product. 

Melting was carried out in a 15KW resistor furnace. The melt was poured into a red hot cast iron mold and was left 
cooling overnight in an annealing furnace preheated to 800 to 900C. Samples, 15mm wide, 75mm long, and 8mm 
thick were ground out of Ingots of Magnetite. 

The resistivity of the anodes was measured by plating the ends of the Magnetite with copper. 


Results and discussion 
Effect on AR on resistivity 


Direct current resistance (p) at 25C of cast Magnetite is shown in the picture. 


The composition of Magneite may by described in terms of Fe(Ill}/Fe(Il} atomic ratios. 


(AR). Pure magnetite corresponds to an AR of 2. 
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The curve has a jump at about AR = 2 which corresponds to stoichiometric point from the lower to the higher AR 
region, p, increased 100 fold. The observed value of p at AR = 2 was about five times as high as that reported for 
pure single crystals of Fe304. The difference might be explained by the fact that conductivity of poly crystalline 
Magnetite is 10% to 20% of that of single crystals, and partly by the presence of small amounts of impurities in our 
sampled. 

From a practical point of view, it is obviously advantageous to keep AR of the anode as close as possible to 2.0 but 
never in excess of it. (Keep molten Magnetite exposed to air/Oxygen.) 
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US Patent No. 3,850,701 


EXAMPLE 1 


A previously polished titanium plate 200 mm by 50 mm and 1 mm thick was defatted in a boiling 10 percent NaOH 
solution, and was dipped into a 5 percent hydrofluoric acid solution at room temperature for 1 min, and then 
washed with water. Electro-deposition was carried out for 19 min in an electrolyte at 25C consisting of 130 g/1 of 
ferrous sulfate heptahydrate (or 88g/1 Dihydrate, or 79.5g/1 Monohydrate, or 71 g/l Anhydrous), 100 g/l of 
ammonium sulfate and 6 g/l of formalin by using said titanium plate as a cathode (a cathodic current density = 25 
mA/cm squared) and a low carbon steel as an anode. After the electrodeposion was completed, said iron deposited 
titanium plate was washed well with water, and then dipped into a solution of 20 g/l of ammonium ferric oxalate at 
13C, and was allowed to stand for 20 min under a reduced pressure of 15 mm Hg abs. produced by a vacuum pump 
and dried under the reduced pressure and was then subjected to heat treatment at 650C for 2.5 hrs. in an 
atmosphere of a hydrogen/steam gaseous mixture consisting of 20 percent by volume of hydrogen and 80 percent 
by volume of steam prepared by passing hydrogen into hot water at 94C. On the surface of the product the 
formation of a magnetite-coated layer was clearly recognized. The thickness of said layer was confirmed to be 20 
micron by weighing said product. The appearance of said product was uniformly black and fine-grained and no 
crack was observed therein. 


EXAMPLE 4 


An electrolyte consisting of 250 g/l sodium chloride, 70 g/l of sodium chlorate, and 2 g/l of sodium bichromate was 
electrolyzed at 60C for 11 months with an anodic current density of 10 A/dm square (100mA per cm squared) by 
using an anode coated with magnetite prepared as described in Example 1 as an anode with the use of a mild steel 
plate as a cathode. The current efficiency was 85 percent and the average cell voltage was 3.38 V. The required 
energy per ton sodium chlorate was 6,000 kwh. During this period almost no change was observed on the surface 
of the anode. 


Electro-Plating with Iron. 


Iron maybe electro- deposited from suitable solutions, in a condition resembling hard steel, and in this state has 
been found useful for facing printers’ type, engraved copperplates, and electro-types of copper. The process has 
been named acierage, or steel- facing. Various solutions have been tried for the purpose. Klein's solution is made as 
follows : 

Dissolve a quantity of iron sulphate in water, and add a solution of ammonia carbonate until all the iron has been 
thrown down. Wash the precipitate several times, and dissolve it in sulphuric acid, taking care to only add as much 
acid as will dissolve the precipitate. Use this solution in a con- centrated state, with iron anodes having a combined 
surface some seven or eight times larger than the copper surface to be coated. The bath must not be allowed to get 
acid, so must be kept well supplied with iron, and it is advisable to add carbonate of ammonia occasionally. The 
copper plate to be steel- faced, must be well cleaned with benzine, then with caustic potash, and well rinsed in 
water. It should be placed at once in the iron solution, and well scrubbed every five minutes, until a sufficient 
thickness of iron has been secured. When the face is deemed thick enough, wash it thoroughly in warm water, dry 
it quickly whilst rubbing with a soft brush, then coat it with a thin film of wax to preserve it from rust. 


Some good results have been obtained from a solution of the double salt of ammonio-sulphate of iron. Mr. Walenn 
has obtained good results from a solution of sulphate of iron and sulphate of ammonia, one part of iron sulphate to 
five parts of water. Meidenger found that a solution of iron sulphate gave good results when sal-ammoniac was 
added to the bath. It is advisable to cover the surface of the bath with glycerine whilst at work, and to keep it under 
cover when not in use, to prevent decomposition by action of the air. 


See also US 003103484 
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Home produced Magnetite anode using welder and annealing oven 


The following anode when used in a K Chlorate cell at a current density of 63mA per square cm showed a very 
poor current efficiency of approx. 12%. Perhaps with lower current density this might improve. pH control would 
probably help. 11 Volts was needed to drive current into cell. The Silver metal connection on Magnetite seems to 
be high resistance. Copper may be better. 


The anode is produced by 'welding' (melting using the welder) ceramic grade (from ceramics store) Magnetite 
powder in a heated mold. 

The still red hot anode and mold is placed into an annealing oven where is is cooled to room temperature over a 
period of about 36 hours. 


Below is the simply mould, 'kiln' and annealing oven. 

The Magnetite is melted in the mold using a welder with a gouging rod as an electrode. A piece if steel is 
temporarily welded to the mold to allow the earth attachment. 

As the Magnetite powder is being melted in the mold a propane torch is left burning against the mold in the kiln to 
keep the temperature up. The mold should be cherry red hot. The anode has to be turned over to facilitate the 
melting of the second side. It may have to be turned over again to melt the first side again in order to tidy it up. 


The mold should be made so that the sides can be easily moved. This allows you to turn the anode. It consists of 
two pieces of L shaped square section steel as per the picture sitting ona flat piece of steel. Using heave steel is 
recommended to give the mold large thermal inertia (won't cool down quick). This is necessary as when you are 
transferring the anode + mold to annealing oven it cools rapidly which is something you do not want happening. 
Use two pieces of L shaped heavy steel wires to transfer (quickly) the mold + anode into the annealing oven. 


The annealing oven consists of a (biscuit) tin box containing two domestic electric heater elements. They can be 
obtained from discarded electric fires or purchased new. The elements are surrounded by volcanic rock called 
Perlite. This is purchased in a garden shop and is used for mixing with clay to make it more workable. Asbestos 
roofing slates or ‘fiber board' for stoves is used to make a chamber around the heating elements. 

Two pieces of box Iron cut approx. 2 inches long and a part of their wall removed are used are used as the stands to 
put the mold + anode sitting on above the heating elements. The mold must not touch the heating elements. A lid is 
needed for the oven. Some fiber board or slate + Perlite will suffice. 


The power going to the elements was controlled using a variac. You could probably use a large resistor made from 
another heating element, tapping it in the appropriate place. Careful of electric shock. 


Test the oven before you start to see what wattage is needed to give you a starting heat of about 800 Centigrade. 
The oven must be red/orange hot when mold + anode is put into it. 


It is beneficial to melt the Magnetite powder outside the kiln on a piece to Iron plate in order to make Magnetite 
nodules. They are easier to work with when you start to make the anode proper in the kiln. 


Pictures below show ‘kiln’ with mold and propane torch 
Mold 

Annealing oven 

Anode approx. 19cm long 


This image shown colour in relation to temperature in Centigrade 
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Home produced Magnetite Anode using oxy-fuel cutting torch 


Magnetite ((Fe30,) is known by a variety of names. Black oxide of Iron, Magnetic oxide of Iron (it will stick to a 


magnet), Iron(III) oxide, Loadstone (an impure form occurring in nature and used as an Iron ore). It can be 
purchased from Ceramic supply stores as black Iron Oxide fairly cheaply. The Magnetite must be melted and 
casted into a shape that is suitable for use as an anode. Magnetite melts at around 1540C so it is not the simplest of 
tasks. It is possible to melt magnetite using an oxygen-fuel cutting torch. Welding torch will probable do as well. 
Many cutting torches use acetylene as the fuel and it has been found that it is difficult to use an oxy-acetylene 
flame as it is inclined to blow the powdered magnetite away when you are initially melting it. It is 
difficult/impossible to operate an oxy-acetylene torch at a low gas flow if you try to cure the problem by using a 
smaller flame. 

A combination of LPG (liquid petroleum gas), ie. propane, butane etc and oxygen has been found to be OK. The 
torch must be used at a low setting at the beginning of the operation so as not to blow all of the powdered 
magnetite away. When you get the magnetite melted into granules or bigger pieces you can then turn up the gas 
flow (and therefor heat output) so as to start to form the anode proper. The anode casting is not liquid all at the 
same time it should be noted, you melt the magnetite and move along the anode to be, in a fashion not unlike 
welding. It is not very difficult to do. 


The mold 


The mold is simply a piece of Iron of similar dimensions to the anode you wish to make. A piece of mild steel pipe 
about 1.5 inch in dia. cut down lengthwise will suffice. You may like to weld two semicircle ends onto this so that 

it looks like a boat. The black Iron oxide is put into the boat and packed down with a piece of wood so that it is not 
fluffy. You may need to then put more powder in (and pack) to fill up the boat some more. The boat is held steady 

in a vise or similar device and the gas torch is applied. 


First stage of melting 


The gas torch should be use OXYGEN RICH. You should be able to tell that your torch is oxygen rich by looking 
at the nature of the flame. The torch, at this stage, must be used at a low gas flow rate or the flame will be inclined 
to blow all of the powdered magnetite away. The volume of the powdered magnetite will decrease a lot as it melts 
and gets more dense. You may be inclined to blow some of the powder away at the start but there is not much you 
can do about it. Once you get a little pool of molten magnetite started you can 'drag' in more of the powder, without 
blowing it away, by moving the torch in a circular motion and slowly moving down the boat. You won't have made 
an anode on the first 'pass' of the torch as this phase of the job is simply to get the powdered magnetite to melt 
together into lumps that will not be blown away when you turn up the gas flow (heat) in the next stage of the 
process. 


Second stage of melting 


The gas flow (heat) of the torch is turned up and melting is started again at one end of the boat. The flame should 
be oxygen rich. This time the anode proper should start to form and become a continuous piece of Magnetite as 
you move slowly up the boat. The flame should be kept close to the molten surface so as to make best use of the 
heat. If you do not get a continuous piece of material you simply repeat the melting operating again. The magnetite 
is inclined to bubble a lot not unlike as if it were boiling. This not a problem in the long term but it can make the 
magnetite hard to get into the shape you would like. 


Third stage of melting 


You now take the hot piece of magnetite that you have formed and turn it over (using a pair of pincher's). The 
underside will not have fused properly and will be a mass of un-melted, very rough magnetite. You simply melt 
again in order to fuse the magnetite together. When you have all of the anode surface melted a fused you are 
finished. You may like to melt selected parts of the anode in order to tidy it up a bit or shape it so that it has a 
fairly consistent cross section from top to bottom. The anode will not be a pretty sight but you can do the best you 
can. Keep the anode hot at the later stages so that it will not crack. 


Annealing 


If you simply walk away from the anode after it is make it will probably crack and break. The magnetite is very 
brittle and contracts a lot when it solidifies and cools. This caused it to crack. The anode must be annealed. This is 
done be simply getting the torch and heating up the whole anode to red heat. The anode should be already fairly 
hot from the previous stage. When the whole anode is red hot the boat is rapped in something that will stop it from 
cooling rapidly. Some fiber glass should suffice. Another better solution is to get an old element from a domestic 
cooker together with its controller. This is plugged in before you are finished making the anode so that it is red hot 
when you start to anneal the anode. The red hot anode + boat is simply placed on the red hot element and a cover 
of some sort put across the boat. The heat can be turned down over the course of a few hours in order to stop the 
anode from cracking up. 


Using the anode 


It should be noted that the internal structure of an anode made by the process above is very very porous. It is in fact 
a mass of bubbles which were caused by the gas from the cutting torch. This structure seems to make the annealing 
process less critical that if you had a similar piece of magnetite that was solid all through. The porous nature of the 
anode does not seem to be a problem to the anode overall, it probably increases it resistance a bit but not much. 
The porosity of the anode will not cause salts from the electrolytic cell to be conducted (by capillary action) up to 
the electrical connections because the bubbles do not seem to be joined, they are genuine bubbles! 

Magnetite is used at a low current density, similar to carbon. Cell temperature is not a problem. You can simply 
make a connection to the magnetite by putting a piece of copper braid at one end and clamping with a ‘crocodile’ 
clip or even a clothes peg. Since the current density is not high the actual current drawn by the anode is not very 
large and therefor current connection are not very critical. You should not make your anode too long as they may 
be more inclined to crack and the higher resistance of magnetite may be a problem if you have a long anode. 
About 7 inches long is a good starting point. 


Current efficiency 


Although high current efficiency using Magnetite anodes have been reported in the literature, the current efficiency 
of the above homemade Magnetite anode was very poor. I do not know the reason for this. 


The Magnetite anode was run for about one month. The efficiency was very low in a cell that 
had no pH control. 


A pH controlled cell was set up and run. 

About 40 grams of K Chlorate was produced. The cell ran for 168 hours at 

1.2 amps. This represents a current efficiency of about 

ee This is very low, don't forget pH control (not perfect though!) was 

used. 

The current density on the anode was about 45mA per cm42, voltage across 
the cell was about 6 volts. (bench power supply). 


It would seem that Magnetite anodes made by heating and melting Magnetite 
bought from the ceramics store are not much good at making Chlorate. 


The anode shows no corrosion. It does not conduct salts up itself to the 
connections so they are easy to maintain. 
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The following is from Industrial Electrochemical Processes, A.T. Kuhn, Elsevier. 1971 


The Magnetite anode 


Commercial use of magnetite has been limited to the production of alkali chlorates and chlorine. The first use of 
magnetite anodes is attributed to Oscar Carls-son 76, about 70 years ago in chlorate production. According to 
Billiter 76, and Jeitner 77, magnetite anodes have been used at the Griesheim Elektron works, following work by 
Specketer 78 79 but the practice is now discontinued. At that time Griesheim Elektron kept a monopoly but this 
was terminated with the entry of Radocha (Poland) and Societe d'Electrochimie (Switzerland). I.G. Farbenindus- 
trie 80 employed magnetite anodes at a plant built in 1915 at Bitterfeld, Germany. Japan Carlit still continue to use 
the anodes at their plant at Shibukawa, Japan 81, and it is reported that the anodes are in use for chlorate 
production in India 34. 


The advantages of the magnetite anode for chlorate manufacture stem from its resistance to corrosion and wear. 
Owing to its dimensional stability the cell anode cathode distance is kept practically constant during electrolysis 81. 
A loss of 5 mm on the external diameter of 60 mm anodes after 4 years continuous operation is reported 81. This 
loss represents the very small cell voltage increase of 0.01 V under normal operating conditions 81. In addition 
temperature has little effect on the wear rate, permitting high temperature operation (70°) and consequently 
improved C.E. 80 81; graphite anodes can only stand 40° and undergo excessive consumption 80. Chemical, as 
opposed to electrochemical, formation of chlorate and minimisation of cooling water requirements are additional 
advantages of high temperature operation in chlorate cells 81. The limitations of the magnetite anode arise from 
difficulties in fabrication, non-machinability, fragility and low conductivity, 20 times poorer than graphite 82 34 77. 
Japan Carlit feel that the disadvantages of the magnetite anodes are more than offset by the dimensional stability of 
the anodes and the high operating temperature of the cells 82. They claim the following operating conditions for 
their magnetite cells: cell voltage 3.2-3.5 V, final chlorate concentration 400-450 g/1, a C.E. of 83-85 % 
andanelectricpowerconsumptionof 6500-7000 kWh/tonne of NaClO3 81. 

Figure 3 shows chlorine overvoltage on pure magnetite in 5.3 M NaCl at 25°. 


The Japan Carlit anodes are prepared from hematite 81 
which is smelted in an electric furnace and then cast into 
hollow cylinders with one end closed. The inner surface is 
then coated with a layer of electrodeposited copper. This 
procedure seems to have been adopted by previous 
manufacturers78 79. 

Other methods have however been claimed for anode 
manufacture83 93. Among the more interesting of these is 
a sintering technique77 91 92 which enables the 
production of various anode shapes 77. 

Attempts have been made to improve the physical 
properties of magnetite anodes by addition of other oxides 
86 89 91 93 96. It has been found that anode strength is 
greatly increased by the addition of CuO 97, whereas it has 
been suggested that the presence of A1203 and SiO2 Suchet censity, Aidm* 

weakens the anodes 89. Addition of up to 10% of metal com od onraci a yaas 53M 

oxides or SiO2 and up to 1 % V205 have been found to = - i 

improve the anodes with respect to oxidation resistance when sintering 91. Nagai et al.94 96, have carried out a 
systematic examination of the effects of various oxide additives on magnetite anodes. The Fe304-SiO2-Na20 
system was found to have equal conductivity and erosion resistance but much higher strength 94. Some anode 
variations involving magnetite have been claimed in the literature 98 103. Among the most recent of these is a lead 
or lead alloy 98 into which a piece of solid magnetite is embedded. Earlier, a magnetite anode into which a piece 
of noble metal was embedded was reported 99. The use of magnetite on Pt for protection against anodic attack in 
chlorine production is a further modification 100 101 and Japanese workers have recently been investigating the 
deposition of platinum on magnetite for use as the anode in perchlorate production 102 103. 

The non-applicability of the magnetite anode for perchlorate production is attributed to the much lower oxygen 
overvoltage 104 on magnetite in chlorate solution. Use of the magnetite anode, besides the commercial chlorate 
application, has been proposed elsewhere. Electrodeposition of metals from ammonium metal complexes, 


Chlorine overvoitage, V 


Fig. 3. 


electrodeposition of chromium 105, electrolysis of sewage 106, and the decomposition of fatty acids 107 108 have 
all been investigated using the magnetite anode. 

Chlorate production remains however as the single commercial application of the anodes. Japan Carlit seem 
optimistic about the continued use of the anodes and, with present work showing that resistance to corrosion and 
wear can be coupled with increased strength, there may still yet be a place for the magnetite anode in the 
electrochemical manufacturing industry. 
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Pe vnoz Anodes 


Manganese Anodes are made by painting a 50% solution of Manganese Nitrate onto Titanium and baking at around 
380°C for approx. 10 minutes and repeating this procedure a number of times. They are great Chlorate makers. 
They do not seem to last long in a Perchlorate cell. They are inclined to leave a pink colour in the electrolyte which 
may have implications for pryotechnics. 


US Patent 4444642 states that Manganese Dioxdie (and LD) can be put onto MMO. 
U.S. Patent No. 4072586 deposites Mn Oxide onto bare etched Ti. 
This patent also states that doped Mn will make Perchlorate efficiently. It does not mention wear rates. 


150 g/1 of NaCiO, US 4072586 


450 g/l of NaClo, 
3 g/ of Phosphates and at 40° C and at a current density 
of 1200 to 1700 A/m*, and remarkable faraday effi- 


ciencies ranging from 70 to 92% were recorded. The 
best results, namely faraday efficiencies above 90%, 
have been obtained with 8-MnO, coatings containing , 
up to 5% by weight of As, Sb and Bi. 


The Manganese Dioxide electrode will be damaged if left in a cell with the power not connected. The coating will 
strip off if there is a power cut and the Anode will be ruined. It will be wise to put a diode in series with the supply 
to stop current from flowing the opposite way if cell goes off. Perhaps a standby battery would also serve the same 
purpose. 


MnO2 Anodes by XENOID 
More MnO2 Anodes 


Notes: 

When forming Manganese Dioxide electrodes care must be taken to avoid the formation of Mn203. The 
temperature is best kept below 400C. 

From Electrodes of Conductive Metallic Oxides (Book) 


In the case of Mn(NO3)2 the decomposition takes place at relatively low temperatures, practically already at 
100C. The choice of the pyrolyzing temperature is very critical in this case in that at higher temperatures (above 
400C) MnO2 decomposes to Mn2O3. The closeness of the two temperature ranges is such that mixed oxides or 
MnO2 with a surface layer of Mn2O3 are often obtained. Such a surface film strongly decreases the conductivity of 
the entire layer. 

The pyrolysis of Mn(NO3)2 gives the Beta form of MnO2 (but below 150C other varieties of MnO2 may be 
obtained), whereas the electrochemical deposition and chemical methods give rise to Gamma MnO2 (at room 
temperature Alpha MnO2 may be obtained). The relationship between Beta and Gamma is one of stoichiometry 
and lattice order. The transition from one form to the other occures by simply heating. The Gamma form loses 
water progressively and becomes increasingly stoichoimetric until the Beta form developes. 

Above 400C decomposition to Mn203 takes place and at higher temperatures Mn304 is formed. Beta MnO2 losses 
water at 110C which is however not bound to the lattice. Electrodes are sometimes prepared with a pyrolythic 
layer covered by electrolythic MnO2. 

Beta MnO2 has higher conductivity than Gamma MnO2 


Data below for Manganese Nitrate supplied by Roscoe Bodine 


Here is some solution data for HR ceo pulled from CRC 
and a manufacturer label for a 50% solution . 


Mn(NO3)2 - 4 H20 m.wt. 251.01 m.p. 25.8C b.p. 129.4C 


colorless to pink crystals sol. 100 ml H20 @ OC 426.4 g. 


calculated saturated solution @ OC 
contains 57.76% Mn(NO3)2 
(anhydrous basis m.wt. 178.95 ) 


commercial supplied 50% Mn(NO3)2 in H20 
density @ 25C 1.54 


From this data it can be seen that a constant boiling solution 
will repre | form at 129.4C , or at any rate that temperature 

being reached by a are solution will contain molten 

pee tetrahydrate boiling in its own water of crystallization , 
the solution at 129.4C contains 71.29% Mn(NO3)2 by weight 


For each 100 g. of the 129.4C constant boiling solution , 
an addition of 42.6 ml of distilled H20 will dilute that 
71.29% solution to a commercial concentration 50% solution 


I do not have a solubility curve to check this against , but 
probably half that amount of dilution water would give much 
closer to a saturated solution at_room temperature , 

58.8%) with little or no crystallization unless it was 
cooled to nearly freezing 


My conclusion is that_~15ml dilution water per 100 g. of the 129.4C constant. 
oiling solution would probably be about right, to give a concentrated working 


solution good for use around room temperature, 
and that would be a 62% solution of Mn(NO3)2 
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MnO2 Anodes by XENOID 


Below is a synopsis of corrospondence that occured on www.sciencemadness.org in TechnoChemistry section 
(2008). 


Surface preparation and etching: 

The Ti rod was run in a drill press, and sanded with 80 grit garnet paper for 1 min. 
and then 100 grit paper for 1 min. The rod was then etched in hot concentrated (290 
g/L) hydrochloric acid for about 10 mins. I do this by placing the rod in a test tube 
containing just enough (about 1/2 full) HCI that the level rises to the top of the tube. 
The tube is placed in an empty 400 ml beaker on a hot plate. Eventually H2 bubbles 
will be evolved from the shiny Ti surface and it will turn dark grey. The HCl will 
turn pale violet or mauve. The rod is then well rinsed with distilled water. 


Co304 (spinel) interface coating: 

A test tube was about 1/2 filled with an ~ 50% solution of Cobalt Nitrate 
Hexahydrate. This was made by dissolving 20g of moist crystals in 20 mls of water. 
This solution is dark red. The etched portion of the rod was dipped in the solution for 
15 secs. and wiped against the inside of the tube as it was slowly withdrawn. The 
drop of liquid usually adhering to the end of the rod was absorbed on a piece of 
paper towel. The rod was hung in the previously described heat gun arrangement, and 
the heat turned up to 380C +/- 10C. The heat was maintained for 10 mins. (Use an 
egg timer or similar!). The heat setting was then turned to minimum and the hot air 
cooled down to about 50 - 60C. At this point the gun was turned off and the rod 
allowed to cool further for a few mins. The rod was then removed by its wire hanger 
(careful it's still very hot) and wiped lightly with a soft cotton cloth to remove any 
loose material or "crusty" build-up. Mark off one coat with a tick on a piece of paper 
(don't forget this, it's very easy to lose track). The rod is then cooled to room 
temperature by walking around waving it. In the case of Hubert (the anode) this dip 
'n bake procedure was repeated 3 times more, for a total of 4 coats. 


Beta-MnO2 over coating: 

A test tube was about 1/2 filled with a 1.2 M solution of Mn(NO3)2 which had been 
stabilised with a few drops of nitric acid. The solution is a pale pink-rose colour. The 
rod was dipped in this solution and baked in exactly the same manner as outlined 
above. This coating procedure was repeated 10 times. After the last coat had "baked" 
for the allotted 10 mins. the rod was baked for an additional 30 mins. at 380C. After 
this the rod was slowly cooled down over a period of 30 mins. by slowly decreasing 
the heat gun setting. 


To obtain the higher temperatures used for this anode, I placed tape over two of the 
air inlet slots on the heat gun.This slows down the air flow, and meant I could 
reliably achieve 400C. 

This coating system is loosely based on US Patents; 4072586, 4265728, 4366042, 
and 4368110. 

The image shows the anode with the simple wire jig used for hanging it in the heat 
gun tube 


I put together a more or less practical cell specifically to accommodate Hubert (the 
Mn Oxide anode). It has a capacity of 800 mls and an annular SS cathode and was 


cobbled together from bits of previous cells. The internal connections for the SS 
cathode are covered in glue lined heatshrink and the SS screw electrical connection 
is coated in hot glue. Hopefully this will prevent headspace corrosion of the cathode 
which has been causing me a few problems lately. 


The cell has been running for about 28 hours now at 2 amps and 3.6 volts (55 
mA/cm/2). So far there is absolutely no black specks of MnO2 floating around, this 
has plagued earlier MnO2 anodes. The cell actually looks like a large jar of pink 
champagne. But it's not a tipple I would like to try. More like a cocktail from hell. I 
was surprised to see small, flakey crystals of KC1O3 settling on the bottom only 12 
hours after starting. I thought it would take longer, but I suppose KCIO3 is near 
insoluble in near saturated KCI solution. Looking good now, but what it will be like 
in a couple of weeks time is anybody's guess! 


Hubert has been running in the 800 ml KCIO3 cell for 3 days now. 
The solution is a pale pink from MnO4- but has not increased in colour from beyond 
the first 12 hours. I think an equilibrium has been achieved with the MnO2 on the 


@] what it is, due to the strong colouration ability of MnO4-, and is really a miniscule 
amout that can be cleared away with a few drops of H202. 


Other than the pink colouration, the solution is crystal clear (literally). I have dropped 
in a magnetic stirrer bar to improve the efficiency and this brought about a "snow 
storm" of 5mm of KCIO3 overnight. There is now about 10 mm of crystal "snow" 


-} After Hubert's unfortunate accident resulting from the power failure, the electrode 
| assembly and container were cleaned up, refilled with fresh, saturated KCl and 

| reborn as "Purple Haze 2". Hubert appears little changed, I am starting to think that 
most if not all the black/brown mess in the cell came from the cathode. When I 
started up "Purple Haze 2" the electrical parameters were identical to those 
previously. I have now increased Hubert's current to 3.6 amps, this corresponds to a 
current density of 100mA/cm/2. 


Interestingly "Purple Haze 2" is neither purple or hazy, but crystal clear. It seems 
weird seeing a chlorate cell so clear, it has iridescent, platelet-like crystals of KC1O3 
floating around like snowflakes, before settling on the 3 cm high pile on the bottom 
of the container. 


J It would appear that some of our earlier ideas on the origin of the purple MnO4- 
were wrong. I now think it was coming from unconverted Mn++ in the pyrolitic coating. It may be possible to 
remove the pink colouration, if deemed necessary, by a quick electrolytic leaching, pretreatment in a brine solution! 


Another possibility, really too awful to seriously contemplate, is that all the MnO2 coating was stripped of Hubert 
during the "accident" and that he is now running on the 4 Co304 interface layers, much like my earlier "4 coat 
anode" from the "Cobalt Oxide Anode" thread. I think this is unlikely though as both coating schemes were put on 
under the same conditions, and the "4 coat anode" started to shed oxide very early on! There is no sign off this 
happening with Hubert at the moment. 


Hubert has now been in a Chlorate cell for nearly 2 weeks and scarcely seems affected by his "ordeal". He has 
produced copious amounts of KCIO3 (Na - free) which I am still extracting. He has been running most of this time 


at 50 mA/cm/2 and for the last few days at 100 mA/cm/2 


After a few calculations, I have figured out Hubert has now been running for 422.5 hours (nearly 18 days) for a 
total of 912 Ah. After I increased the current to 3.6 Amps a slight pink colouration appeared in "Purple Haze 2". I 
have since dropped the current back to 3 Amps, mainly because the power supply was overheating. I have done 3 
or 4 extractions of KC1O3 crystals, (it is amazing how 3 - 4 cm of crystals in the cell ends up as 1 cm in the filter). 
The cell has been recharged with KCl and continues to operate well, it is still perfectly clear, there is another 
couple of cm of crystals accumulated. There is very little change in the electrical parameters since day one. Hubert 
should continue for a while yet, obviously MnO2 performs quite well in a Chlorate cell. 


Hubert and "Purple Haze" are still running well and producing KC1O3 for me. Hubert has been running 
continuously for about 26 days (617 hours, exactly) for a total of 1349 Ahrs. About a week ago, I dismantled 
Purple Haze, chilled it and extracted the KCIO3. I replaced the small stirrer bar with a bigger one and this keeps all 
the KC1O3 in suspension. This seems to result in denser sand-sized crystallites forming. These can be scooped out 
of the cell at about 3 - 4 day intervals, when the stirrer is switched off. 


The colour/manganese dissolution is a bit problematical. I'm not at all sure what is going on. Purple Haze is 
actually colourless at the moment. When I did the chilling-extraction a week ago the cell was slightly pink, it 
turned brownish and precipitated MnO2.H2O for a couple of days, now it is clear. Needless to say it is losing Mn 
from the anode slowly, but the mechanism is anyone's guess. The period when Hubert was running at 3.6 amps 
(100 mA/cm‘2) seemed to result in a loss of Mn and a marked deterioration in electrical parameters. 


Hubert is now running at 4.0 volts / 2 amps versus 3.6 volts / 2 amps on the second day of operation. I think 
perhaps if I had kept the current density at say 50 mA/cm/2 and the anode had not suffered during the electricity 
shutdown, it may have been capable of running for several months. I guess now though, I'll let it run it for another 
week, then call it quits, I've collected about 600g of KCIO3 so far. 


Hubert is still running in the KCIO3 cell, I will have to call it a day soon though, as I'm getting a bit sick of it. It's 
been running continuously for 42 days (1008 hours) now. Every few days I scoop out KC1O3 and add some more 
KCI (a bit like running a ginger beer plant). The electrical characteristics are very, very slowly degrading. I think if 
you put on 20 coats of MnO2 and kept the current density to 50 mA/cm/2 it would just about run forever. 


I have finally pulled the plug on Hubert and non-Purple Haze. They were still producing KC1O3 but I have grown 
tired of this combination and besides I wanted the stirrer/hotplate for other things. The anode/cell has run for 1092 
hours (45.5 days) and a total of 2299 Amp hours. I still have to redissolve all the separate lots of KC1O3 obtained 
and recrystallise it. 


As a final footnote on "Hubert" and "Purple Haze" I am very pleased with the amount of KCIO3 produced. All I 
did was scoop out moist, fine crystals at regular intervals. At the end I gave all these a final drain and then 
redissolved them in a minimum amount of water, this was then cooled slowly over 24 hours and I got a good 
coarse crystalline product. No filtering was required, no additives were added! It's actually a great way to run a cell, 
especially if it was on a larger scale! 


The final amount of oven dried KC1O3 was 945g 2299 Ahours were used, so theoretical moles produced would be 
2299/160.8 = 14.3 moles at 100% Actual moles = 945/122.6 = 7.71 so efficiency = 7.71/14.3 = 53.9% 
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MnO2 anode in a Perchlorate cell 


Meet Mathilda! 


In a continuance of my Teutonic naming scheme, my latest anode is called Mathilda (brave little 
maid). Mathilda is destined for a Perchlorate cell like her predecessor Gertrude. I have put together 
a 400 ml cell for this purpose, which closely matches Mathilda's length. About 10 cm of her is in 
electrolyte for a surface area of about 30 cm/2. She will be run at 3 amps, which is 100 mA/cm/2, 
my new "benchmark" for anodes of this type. Running at any higher current density will only 


cause the 400 ml cell to overheat. 


Mathilda was pretreated for several hours in a saline solution at 100 mA/cm/2 to leach out any 
unconverted Mn++ from the coating. This produced a purple colouration similar to Hubert's first 
cell. 

Mathilda's coating scheme closely follows that of Hubert. Major changes were: 


1) Even higher temperature, 400 oC +/- 10C. versus 380C. 

2) More MnO2 coats, 15 versus 10 

3) The 4th Co304 interface coat was alternated with the 1st MnO2 coat. I did this on a whim, I 
thought perhaps it would produce a more "diffuse" boundary layer, with less stress. Who knows! 

4) The final "baking" time was extended to 1 hour. I did this to hopefully make the pyrolysis of the 
outer layers more complete. 


In addition, I made a major blunder with the MnO2 coating solution. I forgot to 50:50 dilute my 
~2.4 molar "stock solution" Manganese Nitrate. I couldn't understand why I was getting MnO2 
rubbing off each coat, when this had not happened with Hubert. It was not until after I had 
finished that I realised my mistake! The last 5 coats were somewhat experimental: 

Coats 11,12, 13 used "stock solution" diluted 50:50 with Isopropyl Alcohol, and various schemes 
of controlled heating, eg. 100/200/300/400C. 

Coats 14 and 15 used the previous solution diluted further 50:50 with water. 


Mathilda has been running at 3 amps in the Perchlorate cell for 15 hours. There has been a little 
brownish precipitate, the coating looks OK, although the electrolyte level line is visible. I have 
decided to filter the solution. and it is now perfectly clear. This will allow me to more easily 
monitor ongoing corrosion. The pH of the cell was measured after 3 hours and was 11.3, it was 
measured again after 15 hours and found to be 11.7. 


Mathilda has completed 118 hours, for a total of 251.5 Ah. Most of this was in the one Perchlorate 
cell, but when the run finished I put her in a second cell, unfortunately the voltage has now risen 
to about 5.6 Volts and I am stopping this experiment. Mathilda has performed much better than 
Gertrude (mainly because of the higher temperature MnO2 baking). But the performance in a 
Perchlorate cell is by no means satisfactory. Mathilda has continued to produce brown/black hydrated MnO2 
particles in the high pH (11.6) environment of a Perchlorate cell. I have done a single extraction of KC1O4 from 
the 400 ml cell, it's not worth the trouble getting out more. Unless the addition of say Bi, improves the attrition 
rate, I don't see much future in MnO2 as a Perchlorate coating. I guess if Bi were to increase the Oxygen potential, 
there might be less attrition caused by the aggressive evolution of this gas. 


Chemicals needed 


(Xenoid) 

Cobalt Nitrate can be made from Cobalt Carbonate (ceramics store) and Nitric acid. 

I originally made Manganese Nitrate from Mn Sulphate (hydroponics store) and Ca Nitrate (hydroponics) store, 
using double dissolution, precipitating CaSO4. This precipitate is very hard to separate (that's where my pressure 
filter comes in handy). When I was coating the gouging rods I just did this using stoichiometric quantities, with out 
trying to purify the Mn nitrate, I now realise it was contaminated with CaSO4 (slightly soluble) and the reactants as 
well. 

I have tried doing this again but I am being more carefull, doing it in a multi-stage process, it's taking too long and 
I still haven't got any Mn nitrate. 

Since I obtained 500 mls of nitric acid (at great expense) a few weeks ago. I have now made some Mn Nitrate by 


reacting it with pottery grade Mn Carbonate and filtering. You need to leave the solution slightly acidic otherwise 
the Mn nitrate tends to decompose. 

Sb and Bi are the same, I gather. I ended up with a solution that was about 200¢/litre, I used this for the first coat 
on "Gertrude" but it looked to thick, so I diluted it by half to about 100g/litre for the subsequent coats. 


Notes: 

The Manganese Dioxide electrode will be damaged if left in a cell with the power not connected. The coating will 
strip off. If there is a power cut the anode will be damaged. It will be wise to put a diode in series with the supply 
to stop current from flowing the opposite way if cell goes off. Perhaps a standby battery will also serve the same 
purpose. 
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A solution of Manganese Nitrate was made by dissolving 23 grams watery Manganese Nitrate 
Crystals in 100m1 of Ethanol. This solution was an Orange colour as shown in the picture. The 
Manganese Nitrate was made from the Metal + 60% Nitric acid. A piece of etched Ti was 
painted, dried using a heat gun and baked at 380°C 10 times with the solution. The Anode 
formed was put into a Chlorate cell where it only lasted approx. 8 hours. The solution was 
deemed to at too low of a percentage Nitrate and the 10 coatings has not enough thickness. 
There was no loose MnO2 on the Titanium needing to be rubbed off between each bake as 
happens when a 50% solution (using water) is used. This procedure was similar to a procedure 
from US 4072586 though the final weight of the coating per square meter was unknown. 
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Spinal Cobalt Oxide will form Chlorate and Perchlorate but has not been used commercially AFAIK. 
Cobalt forms a number of Oxides, 

CoO Cobaltous Oxide (Cobalt ID) 

Co,03 Cobaltic Oxide (Cobalt I) 


Co30, Cobalt Oxide. This may be described as CoO:Co O03. It has a Spinal (external link) structure and is 


conductive. Magnetite also has a related structure. It is the Oxide we are interested in for (Per)Chlorate making. 
This Oxide may also be described as CoO, 333 


Note if using Ti substrate: 

Titanium does not permit films to be prepared at higher temperatures that 500C because the interface undergoes a 
sort of swelling and the over-layer becomes fragile and scales. 

From J. Applied Electrochem 4 (1974) 57 


Cobalt Oxide anode made as per US 3399966 using Cobalt Sulphate. The Cobalt Oxide was deposited on Ti 
substrate and also Ti substrate with a DTO coating. The anodes only lasted for some hours in a Perchlorate cell, 
longer in a Chlorate cell. This method of making Cobalt Oxide anodes was abandoned in favour of thermal 
methods. 


An eight coat, 25% solution of Nitrate, Cobalt Oxide anode is shown below made by painting etched Ti with 
Cobalt Nitrate and baking. It was eroded away after 14 hours at initially 100mA/cm/2 and then 50mA/cm/2 in a 
Perchlorate cell (second picture). It appears that Cobalt Oxide anodes manufactured by thermal methods are not 
suitable for Perchlorate making. 

Anodes and tests by Xenoid. 


Co Oxide thermally prepared coatings are longer lasting in Chlorate cells. A 4 coat anode lasted approx. 8 days at 
50mA per square cm. It is probably fair to assume that if this type of anode is used in a Chlorate cell with a low 
concentration of Chloride in it, it will not last long. 

The Cobalt Oxide anode has been used for Chlorine production in the patents for over 500 days. 

Co Oxide may be useful as an easily prepared interface coating on Ti with another active coating on top (LD, 
MnOz2, etc). 


The following is from US Pat. No. 4,369,105. This patent is worth reading in full 


Various cobalt oxide spinels coated onto electrically-conductive substrates, especially for use as anodes in brine 
electrolysis, are known. Of particular relevancy are U.S. Pat. Nos. 3,977,958; 4,061,549; and 4,142,005; all of 
which are incorporated herein by reference. 

Also of various degrees of relevancy are U.S. Pat. Nos. 4,073,873; 3,711,382; 3,711,397; 4,028,215; 4,040,939; 
3,706,644; 3,528,857; 3,689,384; 3,773,555; 3,103,484; 3,775,284; 3,773,554; 3,632,498; and 3,663,280. 


EXAMPLE I 


A piece of ASTM Grade 1 titanium expanded mesh approximately 3".times.3".times.0.063" 
(7.62.times.7.62.times.0.16 cm) was dipped in 1,1,1-trichloroethane, air dried, dipped in HF-HNO<3 etching 
solution approximately 30 seconds, rinsed with deionized water, and air dried. The mesh was blasted with Al, O3 


grit to a uniform rough surface and blown clean with air. An interface coating precursor solution was prepared as 
follows: 1.30 g of InCl,4H, O and 0.009 g SbCl3 were dissolved in 3.2 g concentrated reagent HCI and 20.5 g 


technical isopropyl alcohol. An active spinel coating precursor, Solution (C), was prepared by mixing appropriate 
quantities of Co(NO3).6H» O, Zn(NO3)9.6H»z O, aqueous ZrO(NO3), solution, and deionized H, O to give a 
mole ratio of 10 Co:5 Zn:1 Zr. 

The specimen was brushed with the interface solution, baked in a 400.degree. C. convection oven for about ten 
minutes, removed, and cooled in air about ten minutes. The specimen was then given twelve coats of spinel. Each 
coat was applied by brushing with spinel coating precursor, baking at 400.degree. C. ten minutes, removed from the 
oven, and cooling in air about ten minutes. After the twelfth spinel coat had been baked the anode was given a 
final bake at 375.degree. C. for about one hour. 

The anode was placed in a diaphragm chlorine cell as described above and operated for over 1.5 years. The cell 
was shut down from time-to-time for measurement of the anode potential in the laboratory cell, also described 


above. The potential of the anode at 0.5 ampere per square inch (6.45 cm?) apparent current density and 70.degree. 
C., measured versus saturated calomel at 30.degree. C., was 1082 mv prior to start-up, 1104 mv after 0.15 yr. 
operation, and 1093 mv after 1.5 yr. operation. It thus demonstrated stable operation in long-term service as a 
chlorine anode. 


Snip from US H000544 
The patent is worth reading in full 


The general procedure for making the cobalt oxide anode used in the comparative experiment above is as follows. 
Cylindrical titanium rods, approximately 1" long.times.1/4 diameter (2.54.times.0.64 cm) are dipped in 1,1,1- 
trichloroethane, air dried, rinsed in deionized H> O, placed in 1:1 HCI solution for 15 minutes, rinsed in deionized 


H, O, and air dried. An interface coating precursor solution is prepared as follows: 

2.96 g of In(NO3)3 is dissolved in 6.10 g 70% reagent HNO3 and 50.0 g technical isopropyl alcohol; 

A cobalt spinel coating precursor is prepared by mixing appropriate quantities of Co(NO3)7.6H» O, Zn(NO3)9.6H> 
O, aqueous ZrO(NO3)> solution, and deionized H> O to give a mole ratio of 10 Co:5Zn:1Zr. 


Then, the rods are dipped in the interface solution, baked in a 375.degree. C. convection oven for about ten 
minutes, removed, and cooled in air about ten minutes. 

The rods are then given six coats of cobalt spinel. Each coat is applied by dipping in spinel coating precursor, 
baking at 375.degree. C. ten minutes, removing from the oven, and cooling in air about ten minutes. After the sixth 
spinel coat has been applied the rods are given a final bake at 375.degree. C. for about one hour. 
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United States Patent 4,369,105 
Caldwell, et al. January 18, 1983 


Substituted cobalt oxide spinels 


Abstract 


Electroconductive substrates are coated with an interface layer and then with cobalt oxide spinels conforming 
substantially to the empirical formula where M represents at least one metal from the Groups IB, IIA, IIB, where Z 
represents at least one metal from Group IA where x is equal to or greater than zero but not greater than 1, where y 
is equal to or greater than zero but not greater than 0.5, and where (x plus 2y) is equal to or greater than zero but 
not greater than 1. The composites are prepared by thermally oxidizing metal oxide precursors in-situ on the 
substrate, including, optionally, modifier metal oxide materials as a separate dispersed phase in the contiguous 
spinel structure. The interface layer comprises at least one oxide of Pb, Sn, Sb, Al, In, or mixtures of these. 
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Claims 


We claim: 


1. An electrically-conductive composite comprising an electrically-conductive substrate, an interface coating, and a 
monometal or polymetal cobalt spinel outer coating, 


said interface coating comprising a layer of at least one metal oxide of the group consisting of lead oxide, tin oxide, 
antimony oxide, aluminum oxide, and indium oxide, 


said monometal or polymetal cobalt spinel comprising at least one substituted cobalt oxide spinel conforming 
substantially to the empirical formula M.sub.x Z.sub.y Co.sub.3-(x+y) O.sub.4, 


where M is at least one metal of the Groups IB, IIA, and IIB, 


where Z is at least one metal of Group IA, 


where x is greater than or equal to zero, but not greater than 1, 
where y is greater than or equal to zero, but not greater than 0.5, 


where (x+2y) is greater than or equal to zero, but not greater than 1, and where the amounts of M, Z, and Co are 
sufficient to substantially satisfy the valence requirements of oxygen in the spinel structure. 


2. The composite of claim 1 wherein the substrate comprises a valve metal selected from the group consisting of 
titanium, tantalium, zirconium, molybdenum, niobium, tungsten, hafnium, and vanadium and alloys thereof. 


3. The composite of claim 1 wherein the substrate comprises titanium or alloys thereof. 

4. The composite of claim 1 wherein the composite comprises an electrode material. 

5. The composite of claim 1 wherein the composite comprises an anode material. 

6. The composite of claim 1 wherein the composite comprises an anode in a brine electrolysis cell. 


7. The composite of claim 1 wherein M represents one metal, Z represents one metal and (x+2y) equals a value in 
the range of about 0.5 to about 1.0. 


8. The composite of claim 1 wherein M represents two metals and y is zero. 
9. The composite of claim 1 where Z represents one metal and x is zero. 
10. The composite of claim 1 where Z represents two metals and x is zero. 


11. The composite of claim 1 wherein the polymetal cobalt spinel is substantially represented by the empirical 
formula ZnCo.sub.2 O.sub.4. 


12. The composite of claim 1 wherein the polymetal cobalt spinel is substantially represented by the empirical 
formula Li.sub.0.5 Co.sub.2.5 O.sub.4. 


13. The composite of claim 1 wherein the coating of monometal or polymetal cobalt spinel contains dispersed 
therein up to about 50%, on a metal-to-metal molar basis, of at least one modifier selected from the oxides of 


metals of Groups IIIB, IV-B, V-B, VI-B, VII-B, III-A, IV-A, V-A, Lanthanides, and actinides. 


14. The composite of claim 1 wherein the coating of monometal or polymetal cobalt spinel contains dispersed 
therein up to about 50%, on a metal-to-metal molar basis, a modifier metal oxide comprising ZrO.sub.2. 


15. The composite of claim 1 wherein the polymetal cobalt spinel coating comprises ZnCo.sub.2 O.sub.4 containing 
dispersed therein a minor amount of a modifier metal oxide comprising ZrO.sub.2. 


16. The composite of claim 1 wherein the interface coating comprises tin oxide, indium oxide, a mixture of tin 
oxide and antimony oxide, or a mixture of indium oxide and antimony oxide. 


17. The composite of claim 1 wherein the interface coating comprises a mixture of indium oxide and antimony 
oxide and the spinel coating comprises ZnCo.sub.2 O.sub.4 containing dispersed therein a minor amount of a 
modifier metal oxide comprising ZrO.sub.2. 

18. The composite of claim 17 wherein the composite is an anode in a brine electrolysis cell. 

19. The composite of claim 17 wherein the composite is an anode material in an electrolytic chloralkali cell. 


20. The composite of claim 1 wherein the composite is an electrode. 


Description 


BACKGROUND OF THE INVENTION 


Various cobalt oxide spinels coated onto electrically-conductive substrates, especially for use as anodes in brine 
electrolysis, are known. Of particular relevancy are U.S. Pat. Nos. 3,977,958; 4,061,549; and 4,142,005; all of 
which are incorporated herein by reference. 


Also of various degrees of relevancy are U.S. Pat. Nos. 4,073,873; 3,711,382; 3,711,397; 4,028,215; 4,040,939; 
3,706,644; 3,528,857; 3,689,384; 3,773,555; 3,103,484; 3,775,284; 3,773,554; 3,632,498; and 3,663,280. 


SUMMARY OF THE INVENTION 


An insoluble anode for electrolysis, especially electrolysis of brine solutions, is prepared by coating an 
electroconductive substrate with a first coating comprising one or more oxides of the group of metals consisting of 
Sn, Pb, Sb, Al, and In, and then an outer coating comprising an effective amount of a monometal or polymetal 
oxide having a spinel structure conforming substantially to the empirical formula comprising M.sub.x Z.sub.y 
Co.sub.3-(x+y) O.sub.4, where O.ltoreq.x.ltoreq.1, O.ltoreq.y.ltoreq.0.5, O.ltoreq.(x+2y).ltoreq.1, where M 
represents at least one metal of Groups IB, ITA, and IIB of the Periodic Table and where Z represents at least one 
metal of Group IA. The spinel coating optionally contains a modifier metal oxide. The coating is prepared by 
applying a fluid mixture of the metal oxide precursors to the substrate and heating under oxidizing conditions at a 
temperature in a range effective to form the first coating and the second (spinel) coating in-situ on the substrate. A 
"polymetal" cobalt spinel is used herein to describe a spinel containing a plurality of metals, of which cobalt is 
one. 


FIG. 1 illustrates data from only certain embodiments described hereinafter . 
DESCRIPTION OF THE INVENTION 


Cobalt oxide based anode coatings of the spinel type are sensitive to preparation temperature. Anodes prepared at 
temperatures above 450.degree. C. tend to have high operating potentials in service; furthermore, these potentials 
tend to increase more rapidly than those of anodes prepared at lower temperatures. It has unexpectedly been found 
that the anodes of the present invention are more tolerant of high preparation temperatures than are those of the 
prior art. A high temperature yields a tougher, more highly sintered active coating, and is thus desirable, if low 
operating potentials can be maintained. 


It is believed that the cobalt oxide based anode coatings of the spinel type are sufficiently permeable to oxygen at 
elevated temperatures that oxidation of the electroconductive substrate (typically a valve metal such as titanium) 
can take place during the coating operation. It is well known that valve metal oxides are poor electrical conductors 
in the anodic direction; thus such high-temperature anodes have undesirably high resistances and thus high 
operating potentials. 


It is believed that the interface layer of the present invention functions by reacting with the valve metal oxide as it 
is formed on the surface of the substrate, rendering it electrically conductive. The mechanism by which this is 
accomplished is uncertain. Trivalent metals such as indium may function as conventional semi-conductor dopants 
in the (tetravalent) valve metal oxide lattice; tetravalent metals such as tin may form conductive solid solutions 
with the valve metal oxide, analogous to RuO.sub.2 -TiO.sub.2 solid solutions. 


One feature that distinguishes the present invention from interface layers of platinum group metals and/or oxides is 
that the interface materials of the present invention cannot in themselves form the basis of an operable anode 
coating: tin oxide can be used as a dopant in solid solution anode coatings but is insufficiently stable to be used 
alone, and antimony and indium oxides are highly reactive in typical brine electrolysis anolyte. It is thus 
unexpected that their presence in interface layers stabilizes the operation of anodes in brine electrolysis. 


In general, the first metal oxide coating is prepared on a cleaned, oxide-free, electroconductive substrate, such as 
titanium, by applying to the substrate a layer of precursor metal compound which, when thermally decomposed in 
air, yields the oxide of the metal affixed in-situ on the substrate. More than one metal oxide precursor may be used 


simultaneously, so long as the precursor compound is at least one thermally decomposable compound of Sn, Pb, 
Sb, Al, In or mixtures of these. The precursor may be a metal-organic, or otherwise contain organic moieties, but is 
preferably an inorganic compound. It is preferred that the precursor metal compound be carried in a liquid medium, 
such as water, alcohol, water/alcohol, water/acetone, and the like; preferably the precursor metal compound is 
soluble in the liquid medium. During the heating step of the process the liquid carrier is boiled away and plays no 
further part in the process. The steps of applying the metal oxide precursors, followed by heating to create the metal 
oxides, is beneficially repeated one or more times, thereby assuring that a contiguous well-adhered coating of the 
metal oxide is obtained, though only one coat is operable. It is best if this metal oxide underlayer has a thickness in 
the range of about 20-400 A, coatings as thin as about 10 A demonstrate operability as to coatings thicker than 400 
A but there are no additional benefits to be derived from such thicker coatings which are commensurate with the 
expense of laying down such thicker coatings. The temperature used in forming the metal oxide underlayer may be 
from the decomposition temperature (in air) of the metal oxide precursor to as high as several hundred degrees 
centigrade, preferably a temperature in the range of about 200.degree. C. to about 450.degree. C., most preferably 
about 250.degree.-450.degree. C. The baking time is generally in the range of about 1.5 to about 60 minutes, the 
higher temperatures requiring the lesser times. Excess time at the higher temperatures can lead to unwanted 
oxidation of the substrate. 


In general, the spinel coating is prepared in-situ on the so-coated electroconductive substrate by applying a fluid 
mixture (preferably a solution) of the spinel-forming precursors along with, optionally, any modifier metal oxide 
precursors desired, to the coated substrate, then heating at a temperature and for a time effective to produce the 
spinel structure as a layer or coating on the pre-coated substrate. The spinel coating is found to form a contiguous, 
well-adhered layer on the undercoating of metal oxide applied first. 


The temperature effective in producing the spinel structure is generally in the range of about 200.degree. C. to 
about 475.degree. C., preferably in the range of about 250.degree. C. to about 400.degree. C. At temperatures 
below about 200.degree. C. the formation of the desired spinel structure is likely to be too slow to be feasible and 
it is likely that substantially no spinel will be formed, even over extended periods of time. At temperatures above 
about 475.degree. C. there is likely to be formed other cobalt oxide structures, such as cobaltic oxide (Co.sub.2 
O.sub.3) and/or cobaltous oxide (CoO), whether substituted or not. Any heating of the spinel above about 
450.degree. C. should be of short duration, say, not more than about 5 minutes, to avoid altering the desired spinel 
structures to other forms of the metal oxides. Any modifier metal oxides present, being contained in the spinel 
structure as a different phase, will be formed quite well at the spinel-forming temperatures and any variations in 
the oxide form of the modifier metal oxides are not significant in the present invention. By using the undercoat 
prescribed in the present invention, the preferred temperature range for formation of the spinel topcoat becomes 
about 400.degree. C.-450.degree. C., most preferably about 400.degree. C.-425.degree. C. 


The length of time at which the heating is done to form the spinel structure is, generally, inversely related to the 
temperature. At lower temperatures within the prescribed range, the time may be as much as 8 hours or more 
without destroying the spinel structure or converting substantial amounts of it to other oxide forms. At the upper 
end of the prescribed heating range, the time of heating should not be extended beyond the time needed to form the 
desired spinel structure because extended heating times may destroy or convert a substantial amount of the spinel 
to other oxide forms; at the upper end of the range a heating time in the range of about 1 minutes to about 5 
minutes is generally satisfactory in forming the spinel without forming other oxide forms. 


The substrates of interest in the present invention are electroconductive metals comprising the valve metals or film- 
forming metals which includes titanium, tantalum, zirconium, molybdenum, niobium, tungsten, hafnium, and 
vanadium or alloys thereof. Titanium is especially preferred as a substrate for preparing anodes to be used in 
electrolysis of brine. 


The precursor cobalt compounds used in making the present spinel structures may be any thermally-decomposable 
oxidizable compound which, when heated in the prescribed range, will form an oxide of cobalt. The compound 
may be organic, such as cobalt octoate or cobalt 2-ethyl hexanoate and the like, but is preferably an inorganic 
compound, such as cobalt nitrate, cobalt hydroxide, cobalt carbonate, and the like. Cobalt nitrate is especially 
preferred. 


The precursor metal compounds of Groups IA, IB, ITA, and IIB and of the modifier metal oxides (if used) may be 
any thermally-decomposable oxidizable compound which, when heated in the prescribed range, will form oxides. 


Organic metal compounds may be used, but inorganic metal compounds are generally preferred. 


Modifier oxides may be incorporated into the substituted or unsubstituted Co.sub.3 O.sub.4 coating to provide a 
tougher coating. The modifier oxide is selected from among the following listed groups: 


Group II-B (Scandium, Yttrium) 

Group IV-B (Titanium, Zirconium, Hafnium) 

Group V-B (Vanadium, Niobium, Tantalum) 

Group VI-B (Chromium, Molybdenum, Tungsten) 

Group VII-B (Manganese, Technetium, Rhenium) 
Lanthanides (Lanthanum through Lutetium) 

Actinides (Actinium through Uranium) 

Group IH-A Metals (Aluminum, Gallium, Indium, Thallium) 
Group IV-A Metals (Germanium, Tin, Lead) 

Group V-A Metals (Antimony, Bismuth). 


The modifier oxide is, preferably, an oxide of cerium, bismuth, lead, vanadium, zirconium, tantalum, niobium, 
molybdenum, chromium, tin, aluminum, antimony, titanium, or tungsten. Mixtures of modifier oxides may also be 
used. 


Most preferably, the modifier oxide is selected from the group consisting of zirconium, vanadium, and lead, or 
mixtures of these, with zirconium being the most preferable of these. 


The amount of modifier oxide metal or metals may be in the range of zero to about 50 mole %, most preferably 
about 5 to about 20 mole % of the total metal of the coating deposited on the electroconductive substrate. 
Percentages, as expressed, represent mole percent of metal, as metal, in the total metal content of the coating. The 
modifier oxide is conveniently prepared along with the substituted or unsubstituted Co.sub.3 O.sub.4 from 
thermally decomposable oxidizable metal compounds, which may be inorganic metal compounds or organic metal 
compounds. 


The carrier for the precursor metal compounds is preferably water, a mixture of water/acetone, or a mixture of 
water and a water-miscible alcohol, e.g., methanol, ethanol, propanol, or isopropanol. The carrier is one which 
readily evaporates during spinel formation. The precursor metal compounds are preferably soluble in the carrier or 
at least in very finely-divided form in the carrier. Solubilizing agents may be added to the mixture, such as ethers, 
aldehydes, ketones, tetrahydrofuran, dimethylsulfoxide, and the like. In some instances, adjustments to the pH of 
the mixture may be made to enhance the solubility of the metal compounds, but attention should be given to 
whether or not the pH adjuster (acid or base) will add any unwanted metal ions. Ammonia is generally the best 
alkalizer since it does not add metal ions. 


The procedure for preparing the coatings comprises starting with a clean substrate with surface oxides and 
contaminants substantially removed, at least on the surface(s) to be coated, then applying the interface coating as 
described above. The mixture of metal oxide spinel precursors in a liquid carrier is applied to the substrate, such as 
by dipping, spraying, brushing, painting, or spreading. The so-coated substrate is subjected to a temperature in the 
prescribed range for a period of time to thermally oxidize the metal compounds to oxides, thereby forming, on the 
interface coating, the spinels of the present invention, along with any modifier metal oxides or second-phase metal 
oxides which may be co-prepared but which are not part of the expanded cobalt oxide spinel crystal structure. 
Generally, the first such application (which usually gives a relatively thin layer) is done quickly to avoid the risk of 
excessive oxidation of the substrate itself. Then as additional applications are made (i.e., applications of the 


precursor liquid carrier containing the metal compounds, followed by thermal oxidation) the thickness of the 
coating builds up, becomes tighter and denser, and there is a substantially reduced risk of excessively oxidizing the 
substrate under the interface coating and the spinel coating. Each subsequent layer is found to combine quite 
readily to preceding layers and a contiguous spinel coating is formed which is adhered quite well to the interface 
on the substrate. It is preferred that at least 3 such layer-applications are employed, especially from about 6 to about 
12 such layer-applications. 


It is best to charge the initial mixture of metal compounds into the liquid carrier in such a way that the desired ratio 
of metals are present on a molar basis to satisfy the stoichiometry of the desired polymetal cobalt spinel, also 
referred to herein as expanded cobalt spinel or substituted cobalt spinel. 


The following enumerated paragraphs are presented to offer a simplified explanation, based on belief and 
experience, of what transpires when one or more monovalent or divalent metal ions replace a portion of the cobalt 
ions in a cobalt oxide spinel, but the invention is not meant to be limited by, or confined to, this simplified 
explanation. This explanation is intended to cover metals of Groups IA, ITA, IB, and IB insofar as replacement of 
cobalt ions in a cobalt oxide spinel structure is concerned. 


1. A "single-metal" cobalt oxide spinel, Co.sub.3 O.sub.4, is understood as having, per molecule, one Co.sup.++ 
ion and two Co.sup.+++ ions to satisfy the valence requirements of four O.sup.-- ions; thus the single metal cobalt 
spinel may be illustrated by the emprical formula Co.sup.++ Co.sub.2.sup.+++ O.sub.4.sup.-- to show the 
stoichiometric valence balance of cobalt cations with oxygen anions. 


2. When divalent metal ions are substituted into the cobalt oxide spinel structure, they tend to replace divalent 
cobalt ions. For example when Mg.sup.++ is substituted into the Co.sub.3 O.sub.4 spinel structure, it replaces 
Co.sup.++ giving a spinel illustrated by the empirical formula Mg.sup.++ Co.sub.2.sup.+++ O.sub.4.sup.--. 


3. When monovalent metal ions are substituted into the cobalt oxide spinel structure they tend to replace divalent 
cobalt ions. The maximum monovalent ion substitution may be illustrated as, for example, Li.sub.0.5.sup.+ 
Co.sub.2.5.sup.+++ O.sub.4, to show stoichiometric valence balance. The empirical formula may be illustrated as, 
for example, Li.sub.y Co.sub.3-y O.sub.4, where y is not more than 0.5, 3-y is at least 2.5, and where (y times Li 
valence) plus (3-y times cobalt valence) equals 8. 


4. When two or more divalent metal ions are substituted into the cobalt oxide spinel structure, then the structure can 
be written, empirically, as M.sub.x M'.sub.x' Co.sub.3-(x+x') O.sub.4 or as, e.g., M.sub.x M'.sub.x' M".sub.x" 
Co.sub.3-(x+x'+M") O.sub.4. 


5. When two or more monovalent metal ions are substituted into the cobalt oxide structure, then the structure can 
be written, empirically, as Z.sub.y Z'.sub.y' Co.sub.3-(y+y') O.sub.4 or as, e.g., Z.sub.y Z'.sub.y' Z".sub.y" 
Co.sub.3-(y+y'+y") O.sub.4. 


6. When at least one monovalent metal ion and at least one divalent ion are substituted into the cobalt oxide spinel 
structure, then the structure can be written, empirically, as M.sub.x Z.sub.y Co.sub.3-(x+y) O.sub.4 or as, e.g., 
M.sub.x M'.sub.x' Z.sub.y Co.sub.3-(x+x'+y) O.sub.4 or, e.g., as M.sub.x M'.sub.x' Z.sub.y Z'.sub.y' Co.sub.3- 
(x+x'+y+y') O.sub.4. 


7. If an excess of monovalent and/or divalent metal ions are present in the mixture from which the substituted 
cobalt oxide structures are prepared, the excess metal values tend to form a separate metal oxide phase which is not 
a spinel structure but which is present with the spinel structure. 


8. It will be understood by practitioners of these arts that there may be some degree of imperfect spinel crystals 
which, if they could be isolated and measured separately may not conform exactly to the empirical structures 
written in this disclosure, but the spinel products prepared according to this invention can be said to conform 
substantially to the empirical formulae shown. 


9. If metal values are in the mixture (from which the spinel structures are formed) which do not effectively replace 
cobalt ions in the cobalt oxide spinel structure, these metals tend to form separate metal oxide phases which act as 
modifiers of the spinel structures. For instance, where the spinel structures are formed by building up a contiguous 


layer of the spinel on a substrate by repeated applications of spinel-forming ingredients, each application being 
followed by the heating step, the modifier metal oxides are beneficial in providing toughness and abrasion- 
resistance to the layer. The amount of modifier metal oxides should be limited so that the desired spinel is the 
predominant ingredient of the coating. 


The metals of the relevant groups of the Periodic Table are as follows: 


IA ITA IB IIB Li Be 
Cu Zn Na Mg Ag Cd K Ca Au Hg Rb Sr Cs Ba Fr Ra 


Operative upper limits for molar percentage of the M and Z metals which form polymetal spinels with cobalt are, 
based on total metal content of the spinel: M.ltoreq.33.3%, Z.ltoreq.16.7%, and M+Z.ltoreq.33.3%. Any excess of 
M and Z will form a separate phase of the metal oxide amongst the spinel crystals. When M metals are used in the 
coating, it is preferred that on a molar metal basis M is at least 8%. When Z metals are used in the coating, it is 
preferred that on a molar metal basis Z is at least 4%. 


The following examples are to illustrate the invention, but the invention is not limited to the particular 
embodiments shown. 


Experimental 


The type of test cell utilized here was a conventional vertical diaphragm chlorine cell. The diaphragm was 
deposited from an asbestos slurry onto a foraminous steel cathode in the conventional manner. Anode and cathode 
were each approximately 3".times.3" (7.62 cm.times.7.62 cm). Current was brought to the electrodes by a brass rod 
brazed to the cathode and a titanium rod welded to the anode. The distance from the anode to the diaphragm face 
was approximately 1/4 inch (0.635 cm). Temperature of the cell was controlled by means of a thermocouple and 
heater placed in the anolyte compartment. A 300 gpl sodium chloride solution was fed continuously to the anolyte 
compartment via a constant overflow system. Chlorine, hydrogen, and sodium hydroxide were withdrawn 
continuously from the cell. Anolyte and catholyte levels were adjusted to maintain an NaOH concentration in the 
catholyte of about 110 gpl. Power was supplied to the cell by a current-regulated power supply. Electrolysis was 
conducted at an apparent current density of 0.5 ampere per square inch (6.45 cm.sup.2) anode area. 


The etching solution employed in the examples below was prepared by mixing 25 ml analytical reagent 
hydrofluoric acid (48% HF by weight), 175 ml analytical reagent nitric acid (approximately 70% HNO.sub.3 by 
weight), and 300 ml deionized H.sub.2 O. 


Anode potentials were measured in a laboratory cell specifically designed to facilitate measurements on 3" .times.3" 
(7.62.times.7.62 cm) anodes. The cell is constructed of plastic. Anode and cathode compartments are separated by a 
commercial PTFE membrane. The anode compartment contains a heater, a thermocouple, a thermometer, a stirrer, 
and a Luggin capillary probe which is connected to a saturated calomel reference electrode located outside the cell. 
The cell is covered to minimize evaporative losses. Electrolyte is 300 gpl sodium chloride brine solution. Potentials 
are measured with respect to saturated calomel at ambient temperature (25.degree.-30.degree. C.). Lower potentials 
imply a lower power requirement per unit of chlorine produced, and thus more economical operation. 


EXAMPLE I 


Fifteen pieces of ASTM Grade I titanium expanded mesh approximately 3".times.3".times.0.063" 
(7.62.times.7.62.times.0.16 cm) were dipped in 1,1,1-trichloroethane, air dried, dipped in HF-HNO.sub.3 etching 
solution approximately 30 seconds, rinsed with deionized water, and air dried. The mesh was blasted with Al.sub.2 
O.sub.3 grit to a uniform rough surface and blown clean with air. Two interface coating precursor solutions were 
prepared as follows: Solution (A) contained 15.1 g of SnCl.sub.4.5H.sub.2 O dissolved in 5 ml concentrated 
reagent HCl and 30 ml technical isopropyl alcohol; Solution (B) contained 2.03 g SbCl.sub.3 and 15.1 g 
SnCl.sub.4.5H.sub.2 O dissolved in 5 ml concentrated reagent HCl and 30 ml technical isopropyl alcohol. The 
active spinel coating precursor, Solution (C), was prepared by mixing appropriate quantities of 
Co(NO.sub.3).sub.2.6H.sub.2 O, Zn(NO.sub.3).sub.2.6H.sub.2 O, aqueous ZrO(NO.sub.3).sub.2 solution and 
deionized H.sub.2 O to give a mole ratio of 10 Co:5 Zn:1 Zr. 


Five sets of anodes were prepared, each containing three samples. Sample (a) of each set contained no interface 
coating, and thus serves as a comparative example. Sample (b) contains an interface coating of tin oxide obtained 
from Solution (A). Sample (c) contains an interface coating of tin and antimony oxides obtained from Solution (B). 


All interface coatings were prepared at 450.degree. C. For all samples (b) and (c) the specimens were brushed with 
the appropriate interface solution, baked in a 450.degree. C. convection oven for about ten minutes, removed and 
cooled in air about ten minutes. One additonal interface coat was applied in a similar manner. For sets (1) and (2) 
Sample (a) was given two coats of active spinel at 450.degree. C. while Samples (b) and (c) were being given their 
two interface coats. 


All fifteen anodes were given eight coats of active spinel in the following manner: the substances treated as 
described above were brushed with solution (C), placed in a convection oven heated to the temperature listed in 
Table I below, baked for about ten minutes, removed, and cooled in air about ten minutes. Seven additional coats 
were applied in a similar manner. After all coats were applied and baked, the anodes were given a final bake at 
375.degree. C. for about one hour. 


Potentials of the fifteen anodes were measured in the laboratory cell described above. The cell was heated to about 
70.degree. C. and electrolysis was conducted at an apparent current density of 0.5 ampere per square inch (6.45 
cm.sup.2) anode area. Results are shown in Table I and FIG. 1. It is apparent that the anodes of the present 
invention are much less sensitive to preparation temperature than are those of the comparative example. 


TABLE I Bake Temperature (.degree.C.) Interface SET/ Interface 
Active Final Coat Anode SAMPLE Coat.sup.1 Spinel.sup.2 Bake Oxides Potential.sup.3 

1 a* 450.sup.4 450 375 NA** 1340 b 450 450 375 Sn 1125 c 450 
450 375 Sn + Sb 1112 2 a* 450.sup.4 425 375 NA 1188 b 450 425 375 Sn 1098 c 450 425 375 Sn + Sb 1089 3 a* 
NA 400 375 NA 1102 b 450 400 375 Sn 1097 c 450 400 375 Sn + Sb 1092 4 a* NA 375 375 NA 1095 b 450 375 
375 Sn 1097 c 450 375 375 Sn + Sb 1089 5 a* NA 350 375 NA 1090 b 450 350 375 Sn 1094 c 450 350 375 Sn + 
Sb 1094 *Comparative example. **NA means not applied. .sup.1 
Two coats. .sup.2 Eight coats. .sup.3 Anode potential is measured in millivolts at 0.5 ASI, 70.degree. C VS SCE at 
25-30.degree. C. .sup.4 Two coats of active spinel precursor. 


EXAMPLE IT 


A piece of ASTM Grade 1 titanium expanded mesh approximately 3".times.3" .times.0.063" 
(7.62.times.7.62.times.0.16 cm) was dipped in 1,1,1-trichloroethane, air dried, dipped in HF-HNO.sub.3 etching 
solution approximately 30 seconds, rinsed with deionized water, and air dried. The mesh was blasted with Al.sub.2 
O.sub.3 grit to a uniform rough surface and blown clean with air. An interface coating precursor solution was 
prepared as follows: 1.30 g of InCl.sub.3.4H.sub.2 O and 0.009 g SbCl.sub.3 were dissolved in 3.2 g concentrated 
reagent HCl and 20.5 g technical isopropyl alcohol. An active spinel coating precursor, Solution (C), was prepared 
by mixing appropriate quantities of Co(NO.sub.3).sub.2.6H.sub.2 O, Zn(NO.sub.3).sub.2.6H.sub.2 O, aqueous 
ZrO(NO.sub.3).sub.2 solution, and deionized H.sub.2 O to give a mole ratio of 10 Co:5 Zn:1 Zr. 


The specimen was brushed with the interface solution, baked in a 400.degree. C. convection oven for about ten 
minutes, removed, and cooled in air about ten minutes. The specimen was then given twelve coats of spinel. Each 
coat was applied by brushing with spinel coating precursor, baking at 400.degree. C. ten minutes, removed from the 
oven, and cooling in air about ten minutes. After the twelfth spinel coat had been baked the anode was given a 
final bake at 375.degree. C. for about one hour. 


The anode was placed in a diaphragm chlorine cell as described above and operated for over 1.5 years. The cell 
was shut down from time-to-time for measurement of the anode potential in the laboratory cell, also described 
above. The potential of the anode at 0.5 ampere per square inch (6.45 cm.sup.2) apparent current density and 
70.degree. C., measured versus saturated calomel at 30.degree. C., was 1082 mv prior to start-up, 1104 mv after 
0.15 yr. operation, and 1093 mv after 1.5 yr. operation. It thus demonstrated stable operation in long-term service 
as a chlorine anode. 


EXAMPLE II 


Other polymetal spinel outer coatings (especially containing ZrO.sub.2 dispersed therein) which are effective as 
anodic material for brine electrolysis and which benefit from the interface layer of oxides of Sn, Sb, Pb, Al, In, or 
mixtures of these include, for example (approx. values): 


Li.sub.0.5 Co.sub.2.5 O.sub.4 Li.sub.0.125 Zn.sub.0.5625 
Cu.sub.0.1875 Co.sub.2.125 O.sub.4 Li.sub.0.375 Zn.sub.0.25 Co.sub.2.375 O.sub.4 Li.sub.0.125 Mg.sub.0.75 
Co.sub.2.125 O.sub.4 Li.sub.0.375 Co.sub.2.625 O.sub.4 Li.sub.0.25 Zn.sub.0.50 Co.sub.2.25 O.sub.4 Li.sub.0.25 
Co.sub.2.75 O.sub.4 Li.sub.0.125 Zn.sub.0.5625 Mg.sub.0.1875 Co.sub.2.125 O.sub.4 Li.sub.0.125 Zn.sub.0.75 
Co.sub.2.125 O.sub.4 Li.sub.0.125 Co.sub.2.875 O.sub.4 Li.sub.0.125 Cu.sub.0.75 Co.sub.2.125 O.sub.4 
ZnCo.sub.2 O.sub.4 Zn.sub.0.75 Mg.sub.0.25 Co.sub.2 O.sub.4 Zn.sub.0.25 Ag.sub.0.375 Co.sub.2.375 O.sub.4 
Zn.sub.0.5 Co.sub.2.5 O.sub.4 Zn.sub.0.25 Co.sub.2.75 O.sub.4 Zn.sub.0.5 Ba.sub.0.5 Co.sub.2 O.sub.4 Zn.sub.0.5 
Mg.sub.0.5 Co.sub.2 O.sub.4 Zn.sub.0.5 Sr.sub.0.5 Co.sub.2 O.sub.4 Zn.sub.0.5 Ca.sub.0.5 Co.sub.2 O.sub.4 
Zn.sub.0.5 Cu.sub.0.5 Co.sub.2 O.sub.4 Zn.sub.0.5 Cd.sub.0.5 Co.sub.2 O.sub.4 
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Tin Oxide Anodes 


Anodes of Doped Tin Oxide are sometimes called Semiconductor 
Anodes. There is a large array of different types. Tin Oxide (SnO2, 
Stannic Oxide) doped with Sb (Antimony/Tin Oxide or ATO). 
Also Tin Oxide doped with Bi is another, (SnO2/Bi203, BTO). 
The ATO Anode does not appear to be very useful for Perchlorate 
making as mentioned below. It may be usable for Chlorate making. 
This type of Anode has found application in waste water treatment Sues 
as it has a high Oxygen evolution potential (will not liberate 
Oxygen) when used in these's applications, eg. US 4839007. Also 
see further reading section. 

There is a discussion of obtaining DTO (Doped Tin Oxide) 
coatings in the section on Ti substrate LD Anodes as ATO is used 
as an interface coating between Ti and Lead Dioxide. 


In order to test an ATO Anode a Perchlorate cell was set up using 
almost pure Chlorate. An ATO Anode was run in this cell for 
approx. four times the theoretical (100% CE) run time of the cell. 


TERNS oo NSF 2 
A sample of solid was obtained by evaporating a portion of cell FE 10.0KV X1.000 10m 


liquid. The Chlorate content of this solid was found to be 69%. 
Therefor the Anode is appears not to be a good Perchlorate making Anode. 


Below is a discription of making an ATO coatings (for use under Lead Dioxide) from RPW. 


This is my procedure to prepare Ti/PbO2 Anode with SnO02+SbOx(Sb205+Sb203) inter layer. 

The Ti plates (5 x 1 x 0.1 cm) were used as substrates. Prior to using as substrates, they were polished with 
320-grit sandpaper, degreased in 40 wt% NaOH solution at 80C for 2h, etched in a boiling 10 % oxalic acid 
solution during 1 h, after that, they were rinsed with distilled water and dried naturally. (If you don't have 
oxalic acid solution,sometime concentrated hydrochloric acid also works, you should see a purple solution 
during the boiling Ti plate, this step is very important, only via this you can remove the TiO2 insulting 
layer,Remember: do not use raw water in this step, a distilled water is preferred. 

The SnO2+Sb interlayer was prepared following a standard thermal decomposition method and the 
procedures were as follows: 

A solution containing SnCl4:5H20 and SbCI3 was dissolved in a mixture of n-butanol(or ethonal)+HCl.(eg. 
4g SnCl4:5H20 + 0.2g SbCI3 + 9m] n-butanol + 1ml HCl solution, you can made about 5 anodes, the best 
mol ratio is SnO2: Sb=100:4~8). The precursor solution was distributed onto the pretreated Ti plates by 
brushing. The solvent was dried in air or a oven(90C,a hair dryer also ok), and the electrode was introduced 
into an oven at 450C for 10 min for the decomposition of the salt and the formation of the metal oxides. This 
process was repeated for 15-20 times. A final annealing of the electrode was performed at about 500C for 1h. 
(PbO2 was then applied to this anode) 

The PbO2 activated layer was prepared by electrochemical deposition method, First deposition in 170-230 
g/L Pb(NO3)2 and 18-30g/L HNO3 at 70C and the current was 70mA/cm2 for 2h. (this was to prepare Alfa- 
PbO2)Then deposition at 40mA/cm2 for another 3 hour.(remember the Fe ion must be removed,the bubbles 
occuring during the deposition also needs to be removed). Sometimes 0.25g/L NaF was added to the 
solution. This raises the Oxygen overpotential (less O bubbles on Anode and may also dope the LD). 


Other examples of Semiconductor coatings (actually used as undercoats for LD on Ti) from RPW are: 

1, Ti/Sn02+Sb+MnOx/PbO2 

2, Ti/SnO2+Sb/PbO2 

3, Ti/SnO02+MnOx+Y/PbO2(quite good) 

4,Ti/SnO2+CeO2/PbO2(have shortest service life) 

5, Ti/SnO2+Sb+CF/PbO2 has been prepared by others in my lab, (CF=Carbon fiber, this Anode is said to be the 
best) 


See also: Preparation, Micromorphology and Stability of Tin Dioxide Thin Films @ http://www.rials- 
science.ttp.net/3-908450-19-5/435/ 


BTO has been described as useful for Perchlorate making in US 4272354 


United States Patent 3627669 SnO2 + Sb203 coated electrode for brine electrolysis. 


Making Antimony Trichloride 
Making Stannic Chloride 


Test for DTO coating 


Set up a power supply to give an open circuit voltage of approx. 8 Volts and a short circuit current of 
approximately 40mA per square cm on the Anode to be tested. If your supply cannot output enough current 
then only test a small piece of the end of the Anode. 

Place the Anode into a concentrated solution of Sodium Chloride with the Anode well surrounded with 
cathode approx. one inch from Anode. 

Connect to power. At the start of the test the Voltage across the cell with be approx. 4 to 4.5 Volts. It may 
rise up about 0.2 Volts and remain constant for at least 10 hours test period (days in fact if it's a proper 
coating). The current shall be 40mA per square cm on the Anode surface though out the test period. That's 
my test, perhaps it is a sensible test, perhaps not. Don't test a device that is going to be coated further. Only 
test an experimental Anode in order to see if you are having success. You will then be able to judge a good 
coating by experience (color, texture, processing etc). Do not go through the prodedure of obtaining a Tin 
Oxide coating and assume that you have a working coat because the process can be somewhat fickle. 


The vast majority of examples in the patents use SnCl4:5H20 and Antimony Trichloride in the DTO precursor 
solution. SnC14:5H20O is not readily available. 


Solvents tried when making DTO solution precursor via SnCl4:5H2O were Methanol, Ethanol, IsoProply Alcohol 
and also a mixture of water and Methanol. It would appear that the solvent used is not critical. Too much water 
may cause the Antimony Trichloride to Oxidize and precipitate. The patents usually use Butanol (Butyl Alcohol, n- 
Butyl Alcohol, Butan-1-ol). 


Attempts were made to form a DTO coating using SnCl2:2H2O (Tin(ii) Chloride, Stannous Chloride, or Tin 
Mordant) as a direct substitute for SnCl4 via pyrolysis. Little success was had, with the DTO coating failing from 
zero to 30 minutes after being placed in a test cell. 


This link describes a successful procedure for using SnCl2:2H2O to obtain a conductive Tin Oxide coat 


Some useful formula 


Name 


Stannic Chloride 


[Some useful symbols 
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Dihydrate 
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Stannic Chloride 
Pentahydrate 


Stannous Chloride 
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in(IV) Chloride 
Tin(IV) Chloride 
in(II) Chloride 


Tin(11)Chloride 


sncla____—260.5 
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Bismuth Nitrate 


SbCI3 228.1 


Bi(NO3)3:5H20]/485.0 


BiCl3 ps3 


78.76% 
Sn 


53.4% Sb 


83.5% Sb 
43.1% Bi 


66.3% Bi 
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[57] ABSTRACT 


Electrodes for electrolytic processes comprise an elec- 
trically-conductive and corrosion-resistant substrate, 
having a coating thereon which contains a solid solution 
of tin dioxide and bismuth trioxide, preferably in a ratio 
of 9:1 to 4:1 by weight of the respective metals. This 
solid solution may form the active coating or an inter- 
mediate layer covered with other electrocatalytic mate- 
rials or may be included in a multi-component coating 
having selective properties for halogen evolution and 
oxygen inhibition. 


7 Claims, 5 Drawing Figures 
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1 
ELECTRODES FOR ELECTROLYTIC PROCESSES 


TECHNICAL FIELD 


The invention relates to electrodes for use in electro- 
lytic processes, of the type comprising an electrically- 
conductive and corrosion-resistant substrate having 2 
coating containing tin dioxide, and to electrolytic pro- 
cesses using such electrodes. . 


BACKGROUND ART 


Various types of tin dioxide coated electrodes are 
known. 

U.S. Pat. No. 3,627,669 describes an electrode com- 
prising a valve metal substrate having a surface coating 
consisting essentially of a semiconductive mixture of tin 
dioxide and antimony trioxide. A solid-solution type 
surface coating comprising titanium dioxide, ruthenium 
dioxide and tin dioxide is described in U.S. Pat. No. 
3,776,834 and a multi-component coating containing tin 
dioxide, antimoy trioxide, a valve metal oxide and a 
platinum group metal oxide is disclosed in U.S. Pat. No. 
3,875,043. 

Another type of coating, described in U.S. Pat. No. 
3,882,002 uses tin dioxide as an intermediate layer, over 
which a layer of a noble metal or a noble metal oxide is 
deposited. Finally, U.S. Pat. No. 4,028,215 describes an 
electrode in which a semiconductive layer of tin diox- 
ide/antimony trioxide is present as an intermediate layer 
and is covered by a top coating consisting essentially of 
manganese dioxide. 


DISCLOSURE OF INVENTION 


Broadly, the invention provides an electrode of the 
above-indicated type, having a coating containing tin 
dioxide enhanced by the addition of bismuth trioxide. 

Thus, according to the invention, an electrode for 
electrolytic processes comprises an electrically-conduc- 
tive and corrosion-resistant substrate having a coating 
containing a ‘solid solution of tin oxide and bismuth 
trioxide. Preferably, the solid solution forming the coat- 
ing is made by codeposition of a mixture of tin and 
bismuth compounds which are converted to the respec- 
tive oxides. The tin dioxide and bismuth trioxide are 
advantageously present in the solid solution in a ratio of 
from about 9:1 to 4:1 by weight of the respective metals. 
However, in general useful coatings may have a Sn:Bi 
ratio ranging from 1:10 to 100:1. Possibly, there is an 
excess of tin dioxide present, so that a part of the tin 
dioxide is undoped, i.e. it does not form part of the 
§nQ2.Bi203 solid solution, but is present as a distinct 
phase. 

The electrically-conductive base is preferably one of 
the valve metals, i.e. titanium, zirconium, hafnium, va- 
nadium, niobium and tantalum, or it is an alloy contain- 
ing at least one of these valve metals. Valve metal car- 
bides and borides are also suitable. Titanium meial is 
preferred because of its low cost and excellent proper- 
ties. ; 

In one preferred embodiment of the invention, the 
electrode coating consists essentially of the SnG2.BixC3 
solid solution applied in one or more layers on a vaive 
metal substrate. This type of coating is useful in particu- 
lar for the electrolytic production of chlorates and per- 
chlorates, but for other applications the coating may 
desirably be modified by. the addition of a small quaatity 
of one or more specific. electrocatalytic agenis. 
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In another preferred embodiment, a valve metal sub- 
strate is coated with one or more layers of the SnO>.- 
BiyO3 solid solution and this or these layers are then 
covered by one or more layers of an electrocatalytic 
material, such as (a) one or more platinum group metals, 
i.e. ruthenium, rhodium, palladium, osmium, iridium 
and platinum, (b) one or more platinum group metal 
oxides, (c) mixtures or mixed crystals of one or more 
platinum group metal oxides with one or more valve 
metal oxides, and (d) oxides of metals from the group of 
chromium, molybdenum, tungsten, manganese, iron, 
cobait, nickel, lead, germanium, antimony, aresenic, 
zinc, cadmium, selenium and tellurium. The layers of 
§$nO2.Bi203 and the covering electrocatalytic material 
may optionally contain inert binders, for instance, such 
materials as silica, alumina or zirconium silicate. 

in yet another embodiment, the SnO2.Bix03 solid 
solution is mixed. with one or more of the above-mer- 
tioned electrocatalytic materials (a) to (d), with an op- 
tional binder and possible traces of other electrocata- 
lysts, this mixture being applied to the electrically-con- 
ductive substrate in one or more codeposited layers. 

A preferred multi-component coating of the latter 
iype has ion-seiective properties for halogen evolution 
and oxygen inhibition and is thus useful for the electrol- 
ysis of alkali metai halides to form halogen whenever 
there is a tendency for undesired oxygen evolution, i.e. 
especially when sulphate ions are present in the electro- 
lyte or when dilute brines, such as sea water, are being 
electrolyzed. 

This preferred form of electrode has a multi-compo- 
nent coating comprising a mixture of (i) ruthenium diox- 
ide as primary halogen catalyst, (ii) titanium dioxide as 
catalyst stabilizer, (iii) the tin dioxide/dismuth trioxide 
solid solution as oxygen-evolution inhibitor, and (iv) 
cobalt oxide (Co304) as halogen promoter. These com- 
ponents are advantageously present in the following 
proportions, all in parts by weight of the metal or met- 
als; (i) 30-50; (ii) 30-60; Gii) 5—15; and (iv) 1-6. 

The main applications of electrodes with these multi- 
component coatings include seawater electrolysis, even 
at low temperature, halogen evolution from dilute 
waste waters, electrolysis of brine in mercury cells 
under high current density (above 10 KA/m2}, electrol- 
ysis with membrane or SPE cell technelegy, and or- 
ganic electrosynthesis. 

For electrodes used in SPE (solid-polymer electro- 
lyte) cell and related technology, instead of being di- 

ectly applied to the substrate, the active coating mate- 
rial is applied to or incorporated in a hydraulically and- 
/or ionically permeable separator, typicaily an ion-ex- 
change membrane, and ihe electrode substrate is typi- 
cally a grid of titanium or other valve-metal which is 
broughi into contact with the active material carried by 
the separator. 


BRIEF DESCRIPTION OF DRAWINGS 


in the accompanying drawings: 

FIG. 1 shows a graph in which oxygen evolution 
potential as ordinate is plotted against current density as 
abscissa, for seven of the anodes described in detail in 
Example i below; 

FIG. 2 shows 2 graph in which anodic potential as 
ordinate is plotted against current density 28 abscissa, 
for the same seven anodes; 

FIG. 3 shows a graph in which oxygen evolution 
faraday efficiency as ordinate is plotted against current 
density as abscissa, for two of the anodes; 
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FIG. 4 shows a graph similar to FIG. 1 in which 
oxygen evolution potential as ordinate is plotted against 
current density as abscissa, for five of the anodes de- 
scribed in detail in Example I below; 

FIG. 5 shows a graph similar to FIG. 2 in which 
anodic potential as ordinate is plotted against current 
density as abscissa, for five of the anodes described in 
detail in Example I below. 


BEST MODES FOR CARRYING OUT THE 
INVENTION 


The following Examples are given to illustrate the 
invention. 


EXAMPLE I 


A series of anodes was prepared as follows. Titanium 
coupons measuring 10x 10xX1 mm were sandblasted 
and etched in 20% hydrochloric acid and thoroughly 
washed in water. The coupons were then brush coated 
with a solution in ethanol of ruthenium chloride and 
orthobutyl titanate (coupon 1), the coating solution also 
containing stannic chloride and bismuth trichloride for 
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nine coupons (coupons 2-10) and, in addition, cobalt . 


chloride for four coupons (coupons | 1-14). Each coat- 
ing was dried at 95° to 100° C. and the coated coupon 
was then heated at 450° C. for 15 minutes in an oven 
with forced air ventilation. This procedure was re- 
peated 5 times and the coupons were then subjected to 
a final heat treatment at 450° C. for 60 minutes. The 
quantities of the components in the coating solutions 
were varied so as to give the final coating compositions 
shown in Table I, all quantities being in % by weight of 
the respective metals to the total metal content. 
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at 60° C. and current densities up to 10 KA/m2. FIG. 1 
is an anodic polarization curve showing the measured 
oxygen evolution potentials. It can be seen that anodes 
2-5, which including the SnO2.Bi203 mixture, have a 
higher oxygen evolution potential than anode 1 (no 
SnO2 or Bi2O3), anode 6 (SnOz2 only) and anode 7 
(Bi2O3 only). Anodes 2 and 3 show the highest oxygen 
evolution potentials. It is believed that this synergistic 
effect of the SnO2.Bi2zO3 mixed crystals or mixtures may 
be due to the fact that SnO2.Bi2O3 blocks OH radicals 
through the formation of stable persalt complexes, thus 
hindering oxygen evolution. 

The chlorine evolution potential of anodes 1-10 was 
measured in saturated NaCl solutions up to 10 KA/m?2 
and was found not to vary as a function of the presence 
or absence of SnOQ2.Bi203. 

FIG. 2 shows the anodic potential of coupons 1-7 in 
dilute NaCl/Na2SO, solutions (10 g/1 NaCl, 5 g/1 Na. 
SO4) at 15° C., at current densities up to about 500 
A/m?. In these conditions, coupons 2 and 3 exhibit a 
measurable chlorine evolution limit current iz(cz2). 

FIG. 3 shows the oxygen evolution faraday effi- 
ciency of anodes 1 and 3 as a function of current density 
in this dilute NaCl/Na2SOq solution at 15° C. This 
graph clearly shows that anode 3 has a lower oxygen 
faraday efficiency than anode 1, and therefore preferen- 
tially evolves chlorine. 

FIG. 4 is similar to FIG. 1 and shows the oxygen 
evolution potentials of anodes 1, 3, 8, 9 and 10 under the 
same conditions as in FIG. 1, i.e. a solution of 200 g/l 
Na2SO, at 60° C. This graph shows that in these condi- 
tions anode 9 with an SnOQ .Bi2O3 content of 10% (by 
metal) has an optimum oxygen-inhibition effect. 

Table II shows the anodic potential gap between the 


TABLE I : : f 
7 AE: Ra Tis GeO nes S Sain ean 35 unwanted oxygen evolution side reaction and the 
supont Anodes BuO; —T102: = Su02/Biz0s -—Sn/Bi "C0904 wanted chlorine evolution reaction calculated on the 
; . 3 PA ie = basis of the measured anodic potentials at 10 KA/m? in 
3 45 «50 50 i am saturated NaCl solution and Na2SQ, solution for elec- 
4 45 50 5.0 il ae trodes 1, 8, 3, 9 and 10. 
TABLE II 
Amount of . ClzEvolution O02 Evolution 
Coupon/ SnOQ>2. Bi203 Potential Potential A (O2—Cly) 
Anode (% as metal) V(NHE) V(NHE) (mv) Remarks 
1 = 1.36 1.52 160 Standard 
selec- 
tivity 
8 1 1.36 1.54 180 Improved 
selec- 
tivity 
3 3 1.36 1.57 210 Improved 
selec- 
tivity 
9 10 1.36 1.61 250 Improved 
selec- 
tivity 
10 20 1.36 1.60 240 Improved 
selec- 
tivity 
5 45 50 5.0 1:9 — 
6 45 50 5.0 10:0 = 
7 45 50 5.0 0:10 _ The presence of a low percentage of Co3O4 (coupons 
; . re ee 7 — 60 11-14) is found, from anodic polarization curves in 
10 45 35 20 41 = saturated NaCl up to 10 KA/m?, to lower the chlorine 
1 45 44 10 4:1 1.0 evolution potential without influence on the oxygen 
12 45 42.5 10 4:1 2.5 evolution potential (notably without increasing it) as 
+f a ie ri - measured in the electrolysis of a 200 g/l Na2SO4 solu- 


Coupons 1-7 were tested as anodes for the electroly- 
sis of an aqueous solution containing 200 g/l of NazSO4 
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tion at 60° C. 

FIG. 5 is a graph, similar to FIG. 2, showing the 
anodic potential of coupons 9, 11, 12, 13 and 14 mea- 
sured in a solution of 10 g/] NaCl and 5 g/l Na2SOx« at 
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15° C. In these conditions, it can be seen from the graph 
that the presence of Co3O4 decreases the potential up to 
the limit chlorine evolution current iz(cy) and therefore 
increases the Cl2/Q? ratio up to this limit. This effect of 
the Co304 is greatest up to a threshold cobalt content of 
about 5%. 

It is believed that the Co304 additive may play two 
roles. Firstly, it helps the RuQ2 to catalyze chlorine 
evolution, probably by the formation and decompsition 
of an active surface complex such as Co/OCI. Se- 
condly, it increases the electrical conductivity of the 
coating, probably by an octahedral-tetrahedral lattice 
exchange reaction Co! 4e@Coll, 


EXAMPLE II 


Titanium anode bases were coated using a procedure 
similar to that of Example I, but with coating composi- 
tions containing the appropriate thermodecomposable 
salts to provide coatings with the compositions set out 
below in Table III, the intermediate layers being first 
applied to the anode bases, and then covered with the 
indicated top layers. All coatings were found to have 
selective properties with a low chlorine overpotential, 
high oxygen overpotential and low catalytic ageing 
rate. As before, all quantities in Table III are given in % 
by weight of the respective metal to the total metal 
content of the entire coating. 


5 TABLE III 
Anode/Coupon _—_ Intermediate Layer Top Layer 
15 SnO. Biz03 Ti02/Ru07/NiO, 
. 3.75 (Sn/Bi 6.5:1) 50/45/1,25 
16 SnOz . Bi203 TiO2/RuO2 
10 (Sn/Bi 9:1) 45/45 
17 SnO2 . Biz04 Pt (metal) 
10 (Sn/Bi 4:1) 9” 
18 SnO2 . Biz03 Pd (metal)/ 
Pt (metal) 
10 (Sn/Bi 4:1) 10/80 
19 SnO2 . Bi203 Pt (metal)/ 
Sn02 
10 (Sn/Bi 4:1) 80/10 


EXAMPLE III 


Titanium coupons were coated using the procedure 
of Example I, but employing a solution of SnCl, and 
Bi(NO3)3 to provide coatings containing 10 to 30 g/m? 
by metal of a solid solution of SnO2.Bi203 in which the 
Sn/Bi ratio ranged from 9:1 to 4:1. 

Some further cleaned and sandblasted titanium cou- 
pons were provided with a solid solution coating of 
$nO2.Biz03 by plasma jet technique in an inert atmo- 
sphere, using mixed powders of SnO2 and Bi2O3 and 
powders of pre-formed SnO 2.Bi2z03, having a mesh 
number of from 250 to 350. Pre-formed powders were 
prepared either by thermal deposition of SnO2.Bi2O3 on 
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an annealed support, stripping and grinding, or by 
grinding SnOQ, and Bi2O3 powders, mixing, heating in an 
inert atmosphere, and then grinding to the desired mesh 
number. . 

The anodes with an SnQ2.Bi203 coating obtained in 
either of these manners have a high oxygen overpoten- 
tial and are useful for the production of chlorate and 
perchlorate, as well as for electrochemical polyconden- 
sations and organic oxidations. 

We claim: 

1. An ion selective anode comprising an electrically 
conductive substrate having a surface coating selected 
from (a) one or more platinum group metals, (b) one or 
more platinum group metal oxides, (c) mixtures of one 
or more platinum group metal oxides with one or more 
valve metal oxides, and (d) oxides’ of metals from the 
group consisting of chromium, molybdenum, tungsten, 
manganese, iron, cobalt, nickel lead, germanium, anti- 
mony, arsenic, zinc, cadmium, selenium and tellarium, 
said surface coating and conductive substrate being 
joined by an intermediate coating consisting of one or 
more layers of a solid solution of a mixture of tin dioxide 
and bismuth trioxide having a tin to bismuth metal 
weight ratio ranging from 1:10 to 100:1. 

2. An ion selective anode as stated in claim 1 wherein 
said electrically conductive substrate is a valve metal. 

3. An ion selective anode as stated in claim 2 wherein 
the tin to bismuth metal weight ratio ranges from 9:1 to 
4:1. . 

4. An ion selective anode comprising an electrically 
conductive substrate having a surface coating selected 
from (a) one or more platinum group metals, (b) one or 
more platinum group metal oxides, (c) mixtures of one 
or more platinum group metal oxides with one or more 
valve oxides, and (d) oxides of metals from the group 
consisting of chromium, molybdenum, tungsten, man- 
ganese, iron, cobalt, nickel, lead, germanium, antimony, 
arsenic, zinc, cadmium, selenium and tellarium, said 
surface coating also containing from one to 20 percent 
by weight of a solid solution of a mixture of tin dioxide 
and bismuth trioxide having 4 tin to bismuth metal 
weight ratio ranging from 1:10 to 100:1. 

5. An ion selective anode as stated in claim 4 wherein 
said electrically conductive substrate is a valve metal. 

6. An ion selective anode as stated in claim 5 wherein 
the tin to bismuth metal weight ratio ranges from 9:1 to 
4:1, 

7. An ion selective anode comprising an electrically 
conductive valve metal substrate having a surface coat- 
ing thereon containing, in parts by weight of the respec- 
tive metal or metals: (a) 30-50 parts of ruthenium diox- 
ide, (b) 30-60 parts of titanium dioxide, (c) 5-15 parts of 
a solid solution of tin dioxide and bismuth dioxide, and 
(d) 1-6 parts of cobalt oxide. 
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Claims 


What we claim is: 


1. An electrode for use in electrochemical processes, which comprises a support selected from titanium, zirconium, 
niobium, tantalum, tungsten and alloys thereof, and a coating on at least a part of the surface of said support, said 
coating consisting essentially of a semiconducting mixture of tin dioxide and oxides of antimony, wherein the 


weight ratio of tin dioxide to oxides of antimony is in the range 5:1 to 100:1, calculated as Sb.sub.2 O.sub.3. 


2. An electrode according to claim 1 wherein the support consists of titanium or an alloy based on titanium and 
having anodic polarization properties comparable with those of titanium. 


3. An electrode according to claim 1, wherein the said coating contains additionally a chlorine discharge catalyst in 
amount up to 3 percent of the total weight of the coating and the said catalyst is selected from the group consisting 
of manganese difluoride, iron difluoride, cobalt difluoride, nickel difluoride and mixtures thereof. 


4. An electrode according to claim 3, wherein the coating contains 0.1-1 percent by weight of the chlorine- 
discharge catalyst. 


5. An electrode according to claim 3 wherein the chlorine-discharge catalyst is manganese difluoride. 


6. An electrode according to claim 3, wherein the support consists of titanium or an alloy based on titanium and 
having anodic polarization properties comparable with those of titanium. 


Description 


The present invention relates to electrodes for electrochemical cells. More particularly it relates to electrodes which 
are particularly useful as anodes in corrosive media. 


In recent years much effort has been expended in developing electrodes which are substantially resistant to wear 
under corrosive electrochemical conditions, particularly under the anodic conditions in the electrolysis of aqueous 
solutions of alkali metal chlorides. Most of the effort has been directed to the use of thin films of the platinum 
group metals deposited in a variety of ways on supporting structures made of film-forming metals (sometimes 
called "valve metals"), notably on titanium, because the platinum metals have a very low-wear rate under corrosive 
electrochemical conditions and in most electrolytes any exposed areas of the film-forming metal supports very 
quickly develop a resistant oxide coating which prevents further attack, at least under anodic conditions, where 
attack on most other conducting support materials would be the most severe. 


The present invention provides an electrode of the coated film-forming metal variety which avoids the use of the 
expensive platinum metals. 


It is known, for example from the textbook Chemical Physics of Semiconductors by J. P. Suchet (D. Van Nostrand 
Company Ltd., 1965), that crystalline inorganic compounds which are electrically nonconducting, particularly the 
oxides and sulfides of the metals and metalloids, and crystalline compounds formed between two such oxides or 
sulfides can be converted into semiconductors by doping the parent material with other inorganic materials, usually 
elements, oxides, sulfides or halides or combinations of these. The semiconductor produced may be of the 
controlled valency type or of the type in which there is nonstoichiometry between the ions of opposite electrical 
charge in the crystal lattice or of a hybrid type in which there is the controlled valency type of semiconductivity 
together with the aforesaid nonstoichiometry. 


To produce a semiconductor by the mechanism of controlled valency, the parent compound must contain an 
element of variable valency. By suitable doping, a solid solution is formed between the parent compound and the 
added material (dopant) in which a minor proportion of the cations in the parent crystal lattice are replaced by 
cations of the dopant which are one unit higher or lower in valency, whereby an equal number of the ions of the 
element of variable valency are induced to take up a valency state correspondingly one unit lower or higher than 
normal in the parent lattice so as to preserve electrical neutrality in the whole crystal lattice. A nonstoichiometric 
semiconductor essentially contains lattice defects and can be produced by partial removal of anions or cations from 
a crystal lattice or by adding excess positive or negative ions of the type already present or by adding foreign 
atoms of valency differing from the original atoms in the parent material under conditions where controlled valency 
changes are not permissible. Methods of producing semiconducting materials by controlled valency and 
nonstoichiometry are more fully discussed in the paper Controlled-Valency Semiconductors by E. J. W. Verwey et 
al., Philips Research Reports No. 5, 173-187, 1950. 


We have now found that semiconducting mixtures of tin dioxide and oxides of antimony can be formed as adherent 
coatings on a film-forming metal support to produce an electrode which is particularly resistant to electrochemical 
attack when connected as an anode in an aqueous chloride electrolyte. We have furthermore found that the 
overpotential required for the liberation of chlorine gas in electrolysis at an electrode produced in this manner can 
be reduced by incorporating as chlorine-discharge catalyst in the semiconducting coating a small amount of one or 
more of the difluorides of manganese, iron, cobalt and nickel. 


According to the present invention, therefore, we provide an electrode for use in electrochemical processes, which 
comprises a support of a film-forming metal as hereinafter defined carrying on at least a part of its surface a 
coating consisting of a semiconducting mixture of tin dioxide and oxides of antimony alone or in admixture with a 
chlorine-discharge catalyst, wherein the weight ratio of tin dioxide:oxides of antimony calculated as Sb.sub.2 
O.sub.3 is in the range 5:1 to 100:1 and the chlorine-discharge catalyst is present in an amount up to 3 percent by 
weight of the total coating and is selected from the difluorides of manganese, iron, cobalt, nickel and mixtures 
thereof. 


The preferred electrode coatings contain 0.1-1 percent by weight of the chlorine-discharge catalyst. The preferred 
catalyst is manganese fluoride. 


In this specification, by a "film-forming metal" we mean one of the metals titanium, zirconium, niobium, tantalum 
and tungsten or an alloy consisting mainly of these elements and having anodic polarization properties similar to 
the commercially pure elements as is known in the art. For the manufacture of electrodes that are to be used as 
anodes in the electrolysis of aqueous chloride solutions the preferred film-forming metals are titanium and alloys 
which are based on titanium and have anodic polarization properties comparable with those of titanium. 


A semiconducting coating consisting of tin dioxide and oxides of antimony may suitably be bonded to the surface 
of a film-forming metal support by coating the chemically cleaned support with a solution of a thermally 
decomposable organo compound of tin e.g., a tin alkoxide, and an antimony halide, e.g., antimony trichloride, in 
an organic solvent, drying the coating by heating, e.g., at 100.degree.-200.degree. C., to evaporate the solvent and 
then heating the coating in an oxidizing atmosphere, e.g., air, at a higher temperature, suitably in the range 
250.degree.-800.degree. C., to convert the tin and antimony compounds to oxides of these elements. A desired 
thickness of the semiconducting layer may be built up by repeating as many times as necessary these coating, 
drying and further heating steps. Alternatively when a desired thickness of the semiconducting layer is built up by 
applying a plurality of coatings the further heating step to convert the tin and antimony compounds to oxides may 
be carried out each time after applying and drying a number of coatings, for instance after each second or third 
coating has been applied. 


A suitable modification of this coating technique for incorporation of a chlorine-discharge catalyst into the 
electrode coating when desired is to suspend in the aforesaid coating solution of tin and antimony compounds a 
fine particulate preformed sinter of tin dioxide, antimony trioxide and the catalyst, e.g., manganese fluoride, which 
has been obtained by mixing together these ingredients in particulate form, compacting the mixture, heating the 
compacts, suitably at about 1,000.degree. C., and then reducing the sintered compacts to fine particulate form, e.g., 
less than 5 microns. The ratio of tin compounds:antimony compounds in both the solution and the sintered material 
are chosen so as to be approximately the same and to lie in the previously defined range of 5:1 to 100:1. The 
proportion of catalyst in the sintered material is chosen so as to provide up to 3 percent by weight, preferably 0.1-1 
percent by weight, of catalyst calculated on the total tin and antimony compounds and catalyst in the coating 
composition when the tin and antimony compounds are calculated as equivalent SnO.sub.2 and Sb.sub.2 O.sub.3. A 
particularly suitable procedure for carrying out this coating technique will be apparent from the following 
examples, which further illustrate the manufacture of electrodes according to the invention and their testing as 
anodes in the electrolysis of sodium chloride brine. 


EXAMPLE 1 


A composition suitable for coating on to an electrode support was prepared by boiling under a reflux condenser for 
12 hours a mixture of 15 g. of stannic chloride, 0.4 g. of water and 55 g. of n-amyl alcohol and then stirring into 
5.8 g. of the resultant mixture 0.125 g. of antimony trichloride. Twelve coats of this composition were painted on to 
a strip of titanium which had been immersed overnight in hot oxalic acid solution to etch the surface, then washed 


and dried. Each coating was dried in an oven at 200.degree. C. before the next coat was applied and after each third 
coat the structure was heated in air in a furnace at 450.degree. C. to convert the coating substantially to the oxides 
of antimony and tin. The total weight of the finished coating was 11.0 g./m..sup.2 of the titanium surface. The 
theoretical composition of the finished coating was SnO.sub.2 90 percent, oxides of antimony (calculated as 
Sb.sub.2 O.sub.3) 10 percent by weight. 


The coated titanium was operated successfully as an anode in chlorinated brine containing 21.5 percent w/w NaCl 
at pH 3 and 65.degree. C. with a current density of 8 kA/m..sup.2. The chlorine overpotential was initially 470 mv. 
and had risen to 480 mv. after 5 days. 


EXAMPLE 2 


The procedure of example 1 was repeated but with the amount of antimony trichloride in the coating composition 
reduced to provide a finished coating on the electrode of theoretical composition SnO.sub.2 99 percent, oxides of 
antimony (calculated as Sb.sub.2 O.sub.3) 1 percent by weight. Under the same conditions of test as an anode as in 
example 1 the initial chlorine overpotential was greater than 1,000 mv. 


EXAMPLE 3 


The procedure of example 1 was repeated but with the amount of antimony trichloride in the coating composition 
increased to provide a finished coating on the electrode of theoretical composition SnO.sub.2 85.5 percent, oxides 
of antimony (calculated as Sb.sub.2 O.sub.3) 14.5 percent by weight. The chlorine overpotential recorded in the 
test was the same as with the electrode of example 1, both initially and after 5 days. 


EXAMPLE 4 


18 g. of antimony trioxide were boiled in concentrated nitric acid until evolution of oxides of nitrogen ceased. 84 g. 
of metallic tin were dissolved in concentrated nitric acid with heating, and the precipitated tin dioxide formed was 
thoroughly mixed with the precipitate of antimony oxide and heated for a further period in concentrated nitric acid. 
The precipitated mixture was washed free from acid and dried in air at 200.degree. C. To the dried mixed oxides 
was added 3 percent by weight of manganese difluoride. The resultant mixture was pressed into pellets (1,000 
Ib./in..sup.2) and fired in air in a furnace at 800.degree. C. for 24 hours. After firing, the mixture was crushed and 
the particle size reduced to <60.mu. . It was subsequently recompacted into pellets and fired as before at 
1,000.degree. C. for 24 hours. The resultant material was crushed and the particle size reduced to <5 .mu. by ball 
milling. 


A solution of an alkoxy-tin compound was prepared by boiling under reflux for 24 hours a mixture of 15 g. of 
stannic chloride and 55 g. of n-amyl alcohol. Into the resultant solution were dissolved 2.13 g. of antimony 
trichloride. 


A composition suitable for coating on to an electrode support was prepared by suspending 0.17 g. of the above- 
mixed fluoride/oxide material in 3.6 g. of the antimony-trichloride-alkoxy-tin solution. This coating composition 
was painted on to a strip of titanium which had been immersed overnight in hot oxalic acid solution to etch the 
surface, washed and dried. The coating of paint was dried in an oven at 150.degree. C. and then two further coats 
of the same composition were applied and dried in the same manner, after which the coated strip was heated in a 
furnace in air at 450.degree. C. for 15 minutes to convert the coating substantially to oxides of antimony and tin 
with manganese fluoride. The whole coating operation and final heating in air at 450.degree. C. was then repeated 
three times to increase the thickness of the coating. The total weight of the finished coating was 21.2 g./m..sup.2 
and the theoretical composition of the coating was SnO.sub.2 85.6 percent, oxides of antimony (calculated as 
Sb.sub.2 O.sub.3) 13.7 percent, MnF.sub.2 0.7 percent by weight. 


The coated titanium was operated successfully as an anode in chlorinated brine under the same conditions as in the 
test of example 1. The chlorine overpotential was 275 mv. initially and this had risen to 330 mv. after 5 days. 


Another titanium strip was coated in the same manner. When operated under the same conditions as an anode, 
except that the current density was raised to 10 kA/m..sup.2, the initial chlorine overpotential was again 275 mv. 
and after 30 days' operation the overpotential was still stable at 330 mv. 


EXAMPLE 5 


A coated titanium electrode was prepared by the method of example 4 but with 5 percent by weight of cobalt 
difluoride added to the mixture of tin and antimony oxides before pressing and firing instead of 3 percent of 
manganese difluoride. The total weight of the finished coating on the titanium strip was 12.3 g./m..sup.2 and the 
theoretical composition of the coating was SnO.sub.2 85.2 percent, antimony oxides (calculated as Sb.sub.2 
O.sub.3) 13.6 percent, CoF.sub.2 1.2 percent by weight. 


The coated titanium electrode was operated successfully as an anode under the same conditions as in the test of 
example 1. The chlorine overpotential was 330 mv. initially and this had risen to 400 mv. after 3 days on load. 


ok OK OK Ok OK 


HIT THE BACK BUTTON ON YOUR BROWSER 


BACK TO TOP 


Most Tin Oxide coatings on Ti have been achieved via SnCl4 (Stannic Chloride) which is somewhat 
difficult to obtain and not very easy to make. 

The following scheme works well and uses Stannous Chloride which can easily be made from Tin 
metal and HCI or purchased. Tin/Antimony solder dissolved in HCl + H202 should also do for the 
starting material. 

It is taken from J. Material Sci. Technol., 2010, 26(2), 187-192. 

"Active Stainless Steel/SnO2-CeO2 Anodes for Pollutants Oxidation Prepared by Thermal 
Decomposition." 

The procedure requires a reflux apparatus which need not be very elaborate. The prodedure from the 
article is as follows: 


ae precursor solution of Sn02-Ce02 was prepared by dissolving 4.52g SnC12:2H20 
an 

0.09g CeC13:7H20 in 50ml Ethyl alcohol. Firstly, the solution was stirred at room 
temperature ~ ; 

: for oe min. Secondly, the solution was heated and refuxed at 80C for 5 h. And 

then, after 

sealing at room temperature for 24 h, the precursor solution was finally formed, 
which was 

light yellow and transparent. 


Antimony (and perhaps other compounds) can be substituted for the Ce dopant. 
Detailed description 


2.5 grams SnCl2:2H20 was dissolved in 15ml Distilled Methylated spirits. 

0.52¢ of a liquid containing 31.8% Sb was added. (The Sb was added in the form of a liquid which 
was made as described elsewhere on this site.) 

The solution tured slightly milkey due to the presence of water. (It went clear when reflux started.) 
The solution was then stirred for approx. half an hour at room temperature and then refluxed for 5 
hours. At the end of reflux the solution was slightly cloudy. 

The solution was put into a stoppered bottle and let sit 24 hours. At this stage it was very slightly 
yellow and slightly cloudy. 


A piece of Grade 1 Ti that had been etched for approx. 2 hours in 12% HCl at 90°C was washed in 
clean water and dried with a heat gun. The Ti was then liberaly brushed with the solution and let drip 
dry for 5 minutes. 

The Ti was then shaken to remove excess solution and dried using the heat gun. The Ti was kept 
moving while the drying was taking place so that puddles of solution did not form on any areas of the 
Ti. 

This solution application and drying procedure was carried out twice more and the Ti was then baked 
in an oven at 480°C for approx. 7 minutes. 

The Ti received three more coats of solution + bake and then three more coats of solution + bake (9 
coats and three bakes total). 

The Titanium was a deep blue colour when finished. 

It was placed into a Chlorate cell and was still running OK after 10 days with 4.2 Volts accross the 
cell at an Anode current density of approx. 7OmA per square cm. 


The Methylated spirits was distilled using a fractionating column. The first 10% of distillate and the 
last 5% (still in boiling flask) was discarded. 

Distilled Vodka (94% Ethanol + 6% water) was also used as the solvent instead of distilled Methylated 
spirits. When the Antimony liquid was added the solution went very cloudy with a large precipitation 
of white Antimony Oxide. The solution was refluxed and most of the cloudyness disappeared. This 


solution formed a coating of Tin Oxide but this coating failed after a few hours of testing. The 
presence of water was blamed for this failure. Anhydrous Ethanol is probably best if you can obtain it. 
It is probably best to dry the distilled Methylated spirits if you suspect it contains any water though a 
small amount appears to be tolerable. There is some water in the SnCl2:H2O . 


ATO via Tin/Antimony solder, HCl and H202 


This is more or less a repeat of above with the Chlorides coming from t ? | 
solder. 


Tin/Antimony solder can be had OTC in some places so it was decided to attempt an ATO coating 
using 95% Tin + 5% Antimony solder. First a small amount of the solder was made from Sn and Sb. If 
purchasing solder the contained flux (if present) may have to be removed by heating the solder and 
burning it off. 

3.25 grams Tin and 0.17 grams Antimony were melted together and mixed in an Iron timble. The still 
molten contents were emptied out onto a piece of glass so as to form a thin sheet. This was cut into a 
number of small pieces and added to 30 ml (about half this amount would probably suffice) of 20% 
HC] and refluxed in a round bottomed flask with stirring. After approx. 45 minutes all the Tin had 
dissolved leaving the Sb as a fine powder. Two ml of 35% Hydrogen Peroxide was added dropwise 
(careful) and the Antimony reacted within a few seconds. A clear solution (very small amount of 
cloudyness) resulted. The solution was heated on an oil bath at 150°c with stirring untill there was just 
a very small pool of liquid (approx. 2 cc) left at the bottom of the flask. As HCl was coming off 
ventilation was needed. Some solid Chlorides deposited on the sides of the round bottom flask. It may 
be helpful to attach some vaccuum to the flask to speed things up. The small amount of liquid 
solidified when the flask cooled down and when dissolved in 30ml of solvent it was found that the 
weigh of the Chlorides was 6.8 grams. A further 38ml of distilled Methylated spirits (68ml total) was 
added to the Chlorides in the flask and stirred at room temperature for half an hour. The solution was 
then refluxed for 5 hours and then let stand for 24 hours in a stoppered bottle (ie. same procedure as 
above using purchased SnCl2 and Antimony Chloride). 

An attempt to use 12% HCI for reacting with the solder was first made but a large amount of Oxides 
formed. The water content was probably too high. 20% HCI or greater is needed. Anhydrous Ethanol 
would probably be better than the distilled Methylated spirits if you can get it. 190% proof Ethanol is 
NOT OK. The Methylated spirits was distilled using a fractionating column. The first 10% of distillate 
and the last 5% (still in boiling flask) was discarded. 


The ATO precursor solution now had a slightly yellow colour. 

A piece of Ti was etched in 12% HCI for approx. one hour at 90°C , washed in water and dried using a 
heat gun. The Ti was painted liberally with the solution and let drip dry for 5 (this may be important) 
minutes. The Anode was then given a good shake and dried using the heat gun. The Ti was kept 
moving when drying so that no puddles of precursor were formed on the Ti. This was repeated twice 
more and the Anode then baked at 480°C for about 8 minutes. The Anode then received two more 
bakes with 3 coats per bake. (Total of 9 coats and 3 bakes). 


The Anode did not passivate when used to electrolyze NaCl solution. The Voltage accross the cell 


when the Anode was placed into the cell for the first time was low at 3 Volts. This is always a good 
sign of a successful ATO coat on Ti. 
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BTO Anode for Perchlorate 


US Patent No. 4,272,354 describes a Bismuth doped Tin Oxide Anode (Sn02/Bi203 or BTO) that is described as 
useful for Perchlorate production. The patent states (col. 4) that the synergistic effect of the BTO hinders Oxygen 
evolution. This is very desirable for Perchlorate production. In example III the patent also states that the most 
useful ratio of Sn to Bi (actual metal) is from 9:1 to 4:1(10% to 20% Bi). 


The Anode 


Example III in the patent used Bismuth Nitrate in the precursor for the BTO. An attempt of the procedure was 
made but the Titanium was passivated as soon as a coating of precursor was baked. HCl was added to the precursor 
to see if that would help but it made no difference. The Bismuth Nitrate was abandoned in favour of Bismuth 
Chloride. 

Patent No. 4222998 describes ways to make Bismuth Chloride. It is not a simple matter. 

Kirk-Othmer states that Bismuth metal will dissolve in Aqua Regia and when evaporated a hydrated form of 
Bismuth Chloride forms BiC13:2H2O. This can be distilled to give the anhydrous form. 
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SbCl3, Antimony Trichloride also known as Antimonous Chloride 


SbH;3 is highly toxic, be aware of this fact and do all Sb + acid reactions with adequate ventilation. 


Properties: 

Colorless, fuming, crystalline, caustic, soft masses. (hence formerly called Butter of Antimony), which melt at 73° 
and boil at 223° and which absorbs water from the air and is deliquescent. Antimony Trichloride is soluble in 
hydrochloric acid; if this solution or solid Antimony Trichloride is treated with considerable water, a white 
crystalline precipitate of Antimony Oyxchloride, SbOCI, is obtained. This was formerly called Algarot powder. It 
contains various amounts of Antimony Trioxide according to the method of preparation: 2SbC13 + 3H20 => 
Sb203 + 6HCI or SbCI3 + H20 => SbOCI +2HCl. 

The Sulfide was commonly used as the crude form was obtained directly from the ore, the oxides are much more 
common today. The Hydrochloric acid needs to be pretty strong. A more modern preparation has you concentrate 
the solution, add concentrated(35%) Hydrochloric acid, and distill that. The HCl removes remaining water as the 
20% azeotrope, the excess HCl keeps the SbCI3 from hydrolyzing. 

SbCl3 can also be made from the metal and Chlorine gas. 


Preparation 

By dissolving Antimony Sulphide or Antimony Trioxide in Hydrochloric acid: 

Sb2S3+6HCI => 2SbC13 + 3H2S 

Sb203 + 6HCl => 2SbCI13 + 3H20 

This is then distilled, when first H2S, if the Sulfide is used, then the excess of Hydrochloric acid, and finally the 
Antimony Trichloride pass over. 

In our case there is no need to distill if using HCl, see below. 


Soluble Antimony compound can be made by dissolving Antimony metal in HCl + Hydrogen Peroxide in a reflux 
apparatus. A weighed amount of powdered Antimony metal together with concentrated HCI was placed into the 
reflux apparatus and with 10ml portions of 30% w/v Hydrogen Peroxide added until all the Sb was dissolved. It 
would be better to slowly drop in the HP over a period of a few hours. When all the Antimony is dissolved the 
liquid is evaporated until a yellow syrupy liquid is obtained. This liquid is weighed and the % Antimony 
ascertained. The liquid is suitable for the Sb source of DTO coat. The liquid is a mixed valency inorganic polymer 
of Sb Chloride, I am reliably informed. 


Practical 


¢ From the Oxide + HCl 
The molecular weight of Sb203 is 291.5. 
The molecular weight of HCl is 36.5. 
36.4 grams (0.125 mole) of ceramic grade Antimony 
Trioxide was placed into a beaker and 114 grams 32% 
Hydrochloric acid was added. 
Use higher concentration acid if you have it. 
The suspension was heated to dissolve the Oxide. A small 
insoluble amount was filtered out. The solution was then 
boiled to drive off the excess HCl and water. The water will 
boil off first and then the temperature will rise to about 108C 
where an azeotrope of water and HC1(20%) will boil off. 
Add some concentrated HCl acid if there is any sign of a 
white ppt forming. 
When temperature reaches 109.5C or so stop 
boiling/distilling. Weigh the (approx. 54cc) yellow fluid and 
calculate the % Sb contained in it. This solution of SbClx is 
suitable for making DTO precursor. The above is best done 
in a distillation apparatus if you have access to one. 


I obtained 52cc of solution weighing 94.3 grams from 36.4 Ps 


grams Sb Oxide and 114cc 32% Hydrochloric acid. One 
portion of approx. 20cc acid was added when 
boiling/distilling off the water + acid. That equated to a final 
yellow solution containing 2x(0.125) mole Sb = 30.44grams. 
Taking 30 grams only (to allow for Sb left behind in flask) 
this equated to the solution containing 31.8% Sb. 


94.3g liquid 
containing 31.8% Sb 


¢ From the Metal + HCl + Hydrogen Peroxide 
10 grams Sb are melted with approx. 20 grams Tin metal. This alloy is added to some HCl and heated. All 
the Tin metal will react with the HCI giving a solution of SnCl2 + very finely divided Sb metal left behind. 
Do not add any Hydrogen Peroxide as we want all the Sb to remain unreacted. This procedure gives a very 
finely divided Sb to work with. This step can be left out but it will take longer to get the Sb (larger pieces) to 
react with the HCl + Hydrogen Peroxide. Filter Antimony metal out, wash and weigh. 
Add 20ml HCl + 10ml H202 to the 10grams Sb in a beaker or better a reflux apparatus. Be careful adding 
the H202 to the acid as a lot of heat is liberated and it will splatter. Heat to near boiling or reflux. 
Keep adding 4ml portions of Hydrogen Peroxide every hour or so. 
If you start to get a white ppt, add some more HCl 
After about 10 hours all the Sb should be dissolved. If not keep adding Hydrogen Peroxide and HCl. 
You will get a yellow solution. The yellow is probably Iron contamination. 
Distilled/boil off liquid until you obtain (about 12g) of viscous yellow liquid. Don't let the temperature go 
above 110C. Stop if you get a white ppt. 
Weigh the liquid and ascertain the Sb %. 
This liquid can be used as the Antimony component of the DTO coating. 


HIT THE BACK BUTTON ON YOU BROWSER 


BACK TO TOP 


Making SnCl4:5H20 


¢ SnCl4 (anhydrous) can be manufactured by applying Chlorine gas to Tin metal. The formed SnCl4 (liquid) 
should be allowed to drip onto the Tin metal in the apparatus. The reaction is exothermic. The Tin metal 
should be OK if cut into small pieces or powdered. 
Anhydrous SnCl4 will dissolve in cold water ( warm/hot will decompose it). 
The SnCl4 should be added to a minimum amount of water and this solution saturated with Chlorine gas. 
The solution is then evaporated and condensed. When this solution is cooled, deposits of SnCl4:5H20 will 
form. DTO films can be made from SnCl4 (anhydrous) without converting to the hydrated form, US Pat. 
3627669. 


e Oxidize Stannous Chloride (make from Tin + HCl) in solution with H2O02 or Chlorine gas if you wish. 
Evaporate on a steam bath or gently boil directly on a hotplate. If hydrolysis occurs (ppt forming) add tiny 
amounts of conc. HCl until solution is clear. Evaporate until crystals of SnCl4:5H2O separate when cooled. 
(Not 100% sure if this works) 


¢ Stannic Chloride can be made from Tin metal + Aqua Reiga 
4HCl + 2HNO3 + Sn ==> SnCl4 + NO2 + NO + 3H20 


See here for information on making SnCl4, SnCl4:5H20 etc. Stannic.pdf and here. 
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Sp. gr. %, NagS30s°5 Hy. % NagSgOs. 
1.0052* 1 0.687 
1.0264 5 8.185 
1.0529 10 6.871 
1.0807 15 9,668 
1.1087 20 12.742 
1.1381 25 15.027 
1.1676 30 19.118 
1.1986 35 22.208 
1.2297 40 25.484 
1.2624 45 28.660 
1.2064 50 91.855 


Sodium thiosulphate solution dissolves the iodides and bro- 
mides of silver, mercury, and lead, forming soluble double salts. 

It is largely used as an “anti-chlor” for bleached fiberg and 
as a solvent for the silver bromide and chloride in photog- 
raphy. 


92. STANNIC CHLORIDE. 


SnC],. M.W. = 260. 
(a) Take of 
Stannous chloride (crystals), 1000 gr. 
Hydrochloric acid, 25° Tw. (sp. gr. 1.125), 1170 ce. 
Nitric acid, 44° Tw. (sp. gr. 1.220), 435% 
Water, 1000 « 


Put the stannous chloride into a 12-inch evaporating dish, 
and add the 1170 cc. of hydrochloric acid ; warm on the steam 
bath, and stir until the salt is dissolved. Then dilute with 
1 liter of hot water. If the solution does not remain clear, 
there is a deficiency of hydrochloric acid, in which case add 
very concentrated hydrochloric acid, a few drops at a time, 


®H. Scuirr, Ann. 113, 188, 
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until the solution becomes clear. Add the nitric acid, a few 
cc. at a time, to the warm solution, stirring well after each 
addition. After a considerable part of the nitric acid has been 
added, test a few drops of the solution with a drop of mercuric 
chloride solution. If a white precipitate falls, stannous chloride 
is present, and more nitric acid is needed. SnCl, + 2 HgCl, 
= SnCl,-+ 2 HgCl. When no white precipitate falls, the 
oxidation is complete, and no more nitric acid should be added. 
Put the liquid product into a tightly stoppered bottle. 


Reaction: 
8 SnCl,-2 H,O + 6 HCl + 2 HNO, = 
8 SnCl, + 10 H,O + 2 NO. 


Instead of using nitric acid, the stannous chloride may be 
treated with chlorine gas or with hydrochloric acid and potas- 
sium chlorate, in the proportions required in the following 
reactions ; 


SnCl,-2 H,O + Cl, = SnCl, +2 H,0. 
8 SnCl,-2 H,O +6 HCl + KC1O,=8 SnCl, + KC1+9 H,0. 


(6) For anhydrous stannic chloride :* 


Heat 150 gr. of granulated or bar tin, in a tubulated retort, 
on the gas stove until melted, and lead a strong stream of dry 
chlorine gas into the retort through a glass tube which opens 
just above the surface of the melted tin. To the neck of 
the retort join a long condenser, which connects with two 
Wolff’s bottles acting as receivers, and placed in a pan of ice- 
water to condense the volatile stannic chloride. Then distill 
the stannic chloride collected in the Wolff bottles, from a frac- 
tionation flask provided with a thermometer and containing 
some bits of tin foil. The distillate coming over between 


* Benper and Exrpmawnx, Chemische Priparatenkunde, 1, 4865. 
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112-114° C. is pure; this should be collected in the glass- 
stoppered bottle in which it is to be preserved. 


Reaction: 
Sn + 2 Cl, = SnCl,. 


Properties: 


Stannic chloride is a colorless or faintly yellow liquid, which 
fumes on exposure to the air and boils at 114° C. -When 
mixed with small quantities of water, crystallized salts, such as 
SnCl,-3 H,O and SnCl,-5 H,O, are formed. These are very 
soluble in water. The dilute aqueous solution, when boiled, 
yields a precipitate of stannic acid, H,SnO,. 

The specific gravity of the aqueous solution at 15° C. 
containing 
2% SnCly'6 HO is 1.012. 


10% “ 1,059, 
20% “ “1,124 
80%, “ “© 1,198. 
407, oe &6 1,276 
50%, 46 s+ 1,866. 
60% a6 ee 1 468. 
70% “ “1,587 
80%, “ “1,727 
90%, “ “ 1,804 
95% “ + 1.988 


Stannic chloride solutions prepared as in (a) are largely used 
in the dyeing and printing of cotton and silk. It forms double 
salts with the alkali chlorides, which are easily crystallized ; 
the most important of these is the stannic-ammonium chloride, 
formerly much used as a mordant under the name of “pink 
salt.” Mixtures of stannic and stannous chlorides are found 
in commerce under such names as “ tin spirits,” “cotton spirits,” 
“ oxymuriate of tin,” “ pink-cutting liquor,” etc. 


* Geniacn, Dingl. J. 178, 49. 
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93. STANNOUS CHLORIDE. 


SnCl,-2 H,0. M.W. = 225. 
Take of 
Tin, 500 gr. 


Hydrochloric acid, 36° Tw. (sp. gr. 1.180), 750 ce. 


‘« Feather” the tin, as directed on page 86, and put into a deep 
beaker of at least 1200-cc. capacity, and add the hydrochloric 
acid in portions of about 75 cc. each. Heat gently until the 
reaction starts, and allow to stand, covered with a watch glass, 
on the steam table until the reaction moderates before adding 
the next portion. When about one-half of the acid has been 
added, let the beaker stand quietly, keeping it hot until all 
action ceases. Decant the solution of stannous chloride from 
the residue of tin, and add the remainder of acid as above 
directed. Heat on the steam bath until the tin is all dissolved, 
or the acid all neutralized. Allow to settle, and decant the 
liquid from any residue. Combine the two solutions, evaporate 
to a specific gravity of 1.985, and let the liquid cool in a 
covered evaporating dish. Drain the mass of crystals in a 
funnel covered with a watch glass. Dry in a desiccator over 
sulphuric acid, and bottle as soon as dry. 

Care must be taken to protect the preparation from dust during 
the entire process, and to keep the vessels covered to exclude the 
air as much as possible. If filtration is necessary, use glass wool. 
No water should be added to the solution at any time, for tur- 
bidity may result, due to the formation of oxychloride of tin. 
Reaction: : 
Sn + 2 HCl = SnCl, + H,. 

Properties : 

Stannous chloride forms colorless crystals with 2 H,0, which 

are sold in commerce under the name of “tin crystals.” 
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It is very soluble in water, dissolving in 0.87 parts of water 
at 15° C. 

The specific gravity of the aqueous solution at 15° C. con- 
taining 
5% SnClg-2 H30 ia 1.0331.* 


10% 1.0684. 

as “1.1442, 
25% “ “1.1855 
80% 46 6% 1,2800. 
85% “ “ 1.2779 
40%, “ “1.8208. 

ss © 1.4461 
00% “ « 1.6823, 
10% “ “ 1,7452, 
18% “ “* 1.8899 


The aqueous solution absorbs oxygen from the air and 
becomes turbid, owing to the formation of oxychloride, 3 SuCl, 
+ H,O + O=SnCl, + 2SnCl(OH). The crystals also decom- 
pose in this way when exposed to the air. The oxychloride is 
dissolved by the addition of hydrochloric acid. 

The salt is largely used in dyeing textile fabrics and some- 
what as a reducing agent in analytical work. Commercial 
samples often contain arsenic, alkaline earths (magnesium, etc.), 
and sulphates. 


04. STRONTIUM CHLORIDE. 


SrCl, + 6 H,O. M.W. = 266. 
(a) Take of 
Strontianite (powdered), 1000 gr. 
Hydrochloric acid, 87° Tw. (sp. gr. 1.185), 1160 ce. 
Strontium hydrate, 25 gr. 
Water, 500 ce. 


* Gertacn, Ding]. J. 186, 131. 


The Diamond Anode 


Nb or Silicon seem to be the substrate of choice. 
Ti metal seems to have a less favourable expansion co-eff. 


The different thermal expansion coefficients of the two materials used (diamond: 0.84 x 10°6 cl Ti: 8.50 x 10°C 


! TiC: 7.42 x 10°° C"!), however, cause high shearing stress at the interface and this leads to a poor adhesion of 
the diamond layers on the substrate. (From Diamond and Related Materials 13 (2004) 1062-1069, Investigation of 
Diamond coatings (BDD) on Titanium substrates for electrochemical applications) 


Boron Doped Diamond for waste water treatment. 


From J. P. Smith: 


The best price I've got so far (2010) is 960 Euro for a BDD over Nb plate Anode of dimensions 
about 7.5" x 3.25" x @.1" with a 5 micron BDD coating on both sides. 

The recommended current density for this Anode is 100 ma/cm2. 

The manufacturer says it is suitable for Perchlorate electrosynthesis, 

which again confirms what we've already concluded. 
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Boron doped diamond electrode for the wastewater treatment 


1. Introduction 

Since the first paper about the electrochemistry of boron doped polycrystalline diamond published by Pleskov et 
al.1 in 1987, the boron-doped diamond (BDD) thin films are found to be particularly attractive for electrolysis and 
electroanalytical applications due to their outstanding properties, which are significantly different from those of 
other conventional electrodes, e.g. glassy carbon or platinum electrode.2 In addition to innate properties of 
diamond, such as high thermal conductivity, high hardness and chemical inertness, the attractive features of 
conductive BDD include a wide electrochemical potential window in aqueous and non-aqueous media, very low 
capacitance and extreme electrochemical stability.2,3 


Diamond exhibits very high overpotentials for the chemical species following the inner-sphere mechanism because 
of the inertness of the surface for adsorption.4 This is the reason it exhibits high overpotentials for the oxygen and 
hydrogen evolution resulting in a wide electrochemical potential window. While this helps in the electroanalysis of 
a wide variety of chemical species, the inactiveness of diamond electrode for certain species such as glucose5,6 
and H202 necessitates the modification of the diamond electrode with catalysts to activate it. For example, Duo 
and co-workers7,8 showed that the deposition of small amounts of IrOx clusters on the diamond surface 
dramatically enhances both the oxygen evolution reaction and the oxidation of organics in the potential region of 
water decomposition. Chemically modified electrodes have shown advantages over conventional electrodes. 


In previous results, electrochemistry of BDD and its advantages compared to conventional electrodes have been 
reported for electrochemical oxidation of several important chemical species. The electrochemical oxidation 
method has been proposed for the destruction and/or the conversion of mixed waste, when the wastewater contains 
refractory organic pollutants or toxic substances. The principal aim of the wastewater treatment is complete 
oxidation of organics to CO2 or the conversion of toxic organics to biocompatible compounds.9- 12 


Several studies have been completed, with the goal of developing applications in the electrochemical oxidation of 
organics for wastewater treatment. Comninellis and co-workers13-15 have found that the electrochemical oxidation 
of most organics in aqueous media occurs only at high potentials, with a concomitant evolution of O2; in addition, 
the nature of the anodic material strongly influences the process selectivity and efficiency. Hence, a model for the 
anodic oxidation of organics in acidic media, including competition with oxygen evolution, has been proposed.13- 
15 In this model, the electrochemical and chemical reactivity of the adsorbed hydroxyl radicals are explained, 
underlining the important role of the nature of the anode material. Depending on the interactions between hydroxyl 
radicals and the electrode surface, anodes can be distinguished as "active" or "non-active" materials.14-16 Among 
the particular characteristics of BDD, its chemical inertness is well recognized; for this reason, this material is 
considered an ideal "non-active" electrode on which organics oxidation and oxygen evolution take place through 
the formation of weakly adsorbed and very reactive hydroxyl radicals. 


Based on a literature review, this article summarizes and discusses the recent results available in the literature 
concerning the application of diamond electrode in electrochemical processes for water treatment. Also a brief 
introduction about the electrochemical characteristics and other properties of this electrode are presented. 


2. Synthesis of Diamond 


As diamond is the densest allotrope of carbon, at high pressure diamond should be the most stable form of the solid 
carbon. This reasoning was the basis for the high-pressure high-temperature (HPHT) growth techniques that have 
been used in commercial synthesis for the last 30 years. Much effort has been spent during the 60's and 70's to 
investigate diamond growth at low pressures. Diamond synthesis was successfully achieved by Chemical Vapor 
Deposition (CVD) techniques at low pressures.17 Early CVD of diamond was carried out by thermal 
decomposition of carbon-containing gases such as CH4 and CO18,19 at gas temperatures between 600 and 1200 
°C. The typical deposition conditions were: methane concentration of 1% in hydrogen, substrate temperature of 
700-1000°C, filament temperature approximately of 2000 °C, total gas pressure of 13-133 mbar, and reaction time 
of 3 h. The diamond growth rates are in the order of 0.1 to near 1000 mm h-1,20 demonstrating the good prospect 


of diamond films for some industrial applications. The conductivity of diamond can be improved significantly by 
doping with boron. Boron doping is usually achieved by adding B2H6,21,22 or B(OCH3)323,24 to the gas stream, 
or placing boron powder near the edges of the substrate prior to insertion into the CVD chamber.25 Since the late 
70's and early 80's when CVD was established as an economical, relatively fast and easy process for producing 
diamond and it has been considered in different reviews and articles.26-28 


3. Electrochemistry of Diamond 


The first paper on the electrochemistry of boron doped polycrystalline diamond was published by Pleskov et al. in 
1987.1 The demonstration of the possibility of performing electrochemistry on polycrystalline diamond resulted in 
considerable interest in electrodes fabricated from this new material. Three advantages of diamond electrodes were 
identified. First, it was demonstrated that diamond electrodes have a large potential window in aqueous solution 
with low background currents.29-59 Second, it was shown that electrodes formed from polycrystalline diamond 
possess physical properties similar to those of bulk diamond,60-64 including: hardness, low environmental impact, 
high hole mobility, high thermal conductivity and excellent resistance to radiation damage. Third, the surface is 
stable and there is little evidence of degradation of electrochemical activity with time40,43,65 These characteristics 
of diamond electrodes have been employed in a number of applications. 


The quality of conducting diamond films is usually investigated by recording the background cyclic voltammetric 
j-E curves of the electrodes. In fact, the magnitude of the background current, the working potential window and 
the features of the curves are sensitive to the presence of non-diamond carbon impurities.66-68 In general, high 
quality diamond film has a flat, featureless voltammetric response in the potential range between -0.3 and 1.2 V vs. 
SHE, with a background current 10 times lower than polished glassy carbon.7,51,69 Non-diamond surface 
impurities are more active than diamond and cause a higher background current. The increased surface charge 
density is evident from a larger double-layer charging current.69 Acidic washing, oxygen plasma and other 
techniques will oxidize the sp2 carbon and eliminate impurities from the diamond surface without any change in 
morphology or damage to the microstructure. Cyclic voltammetry can detect sp2 impurities and their removal with 
a higher sensitivity than Raman Spectroscopy.69 


Another important property of high-quality diamond is the wide potential window between hydrogen and oxygen 
evolution. A total region of around four volts is available within which rather low background currents are 
recorded.29-33 With its combination of a low background current, an extremely high overvoltage for oxygen and 
hydrogen evolution, and an extremely high stability, diamond is a suitable material for some industrial applications. 


Three classes of electrochemical applications may be identified: i) Synthesis of chemicals; ii) Electro-analysis and 
iii) Destruction of pollutants. The diamond surface is not favorable for adsorption, so that electrochemical 
processes that involve adsorbed intermediates (H2, O2 and X2 evolution) are hindered on diamond. They will 
require very high overpotential in order to proceed at an appreciable rate. The wide potential window without 
electrolyte decomposition and the high stability of diamond allow electrochemical reactions to be carried out at 
potentials otherwise difficult to reach. Direct synthetic reactions have been carried out, such as the production of 
ammonia, chlorine, Ag2+ and peroxodisulfate.70-74 Diamond has been tested in the oxidation of many organic 
compounds for wastewater treatment, and an extremely high current efficiency was obtained.75-78 The low 
background currents on diamond lead to an improved signal-to background ratio as compared with glassy 
carbon.79,80 Negligible adsorption phenomena have been found on diamond surfaces for a wide range of 
compounds.51 After partial surface fouling, the response of electrodes could be restored by simple electrochemical 
oxidation without modifying the morphological properties of the polycrystalline film.76,78 


3.1. Inner sphere reactions at diamond electrodes 


The BDD electrodes are characterized by very slow kinetics of inner-sphere reactions such as O2 evolution. In fact, 
very high overpotentials are required for these kind of processes. The very weak bond between the diamond surface 
and active intermediates (hydroxyl radicals) is the cause of the slow kinetics of this kind of a reaction. However, 
the weakly bonded hydroxyl radicals are chemically extremely active, and at potentials close to oxygen evolution, 
the oxidation of organics results in a complete combustion incineration of the organic species. In this potential 
region, all fouling effects are avoided and a very high current efficiency is obtained. 


3.2. The oxygen evolution reaction and organic oxidation on 'non-active' and ‘active’ electrodes81 


It has been found that, frequently, electrochemical oxidation of certain organics in aqueous media occurs, without 
any loss of electrochemical activity, only at high potential values, with concomitant evolution of 
oxygen.3,9,10,12,82 Furthermore, it has been found that the nature of the electrode material strongly influences 
both the selectivity and the efficiency of the process. 13,14,83,84 In order to interpret these observations, a 
comprehensive model has been proposed.13,14,83,84 This model allows two different cases to be distinguished: 
‘non-active’ and ‘active’ anodes. The first step in all cases is the discharge of water molecules to hydroxyl radicals: 
Where M designates an active site at the anode surface. 

The electrochemical and chemical activity of hydroxyl radicals strongly depends on the nature of the electrode 
material used. With 'non-active' electrodes there is a weak interaction between electrode M and hydroxyl radicals 
(OH). In this case the oxidation of organics is controlled by hydroxyl radicals: 

This reaction occurs in competition with oxygen evolution by hydroxyl radical discharge, which occurs without any 
participation of the anode surface: 

With ‘active’ electrodes there is a strong interaction between electrode M and hydroxyl radicals (*OH). In this case 
the hydroxyl radicals may interact with the anode, with a possible transfer of oxygen from the hydroxyl radicals to 
the anode surface and the formation of so-called higher oxide (reaction 4 with M = IrO2). 

The surface redox couple MO/M can act as a mediator in the partial (selective) oxidation of organics (reaction 5 
with M = IrO2). 

This reaction occurs in competition with oxygen evolution due to chemical decomposition of the higher oxide 
(reaction 6 with M=IrO2). 

3.3. The oxygen evolution reaction and the oxidation of organic substances on ‘non-active’ diamond electrodes 
Diamond electrodes have been defined as 'non-active' electrodes. In fact, they do not provide any catalytically 
active site for the adsorption of reactants and/or products in aqueous media. Intermediates such as hydroxyl 
radicals produced by water decomposition at 'non-active’ anodes (reaction 1) are considered to be involved in the 
oxidation of organics in aqueous media. These intermediates are responsible for the electrochemical combustion of 
the organic compounds (reaction 5). The electrochemical activity (overpotential for oxygen evolution) and the 
chemical reactivity of adsorbed hydroxy] radicals (rate of oxidation of the organic substances by electrogenerated 
hydroxyl radicals) are strongly related to the strength of interaction between anode (M) and hydroxyl radicals 
(*OH). As a general rule, the weaker the M-OHs interaction, the lower will be the anode's activity toward oxygen 
evolution (high overvoltage anodes), and the higher its reactivity for the oxidation of organics (fast chemical 
reaction). At high anodic potentials close to the potential of water decomposition, the activity of BDD electrodes is 
considerably enhanced, and there is no evidence of a loss of electrode activity.71,75,76,78,85 In the case of 
aromatic compounds, it has been found that the polymeric film formed in the region of water stability can be 
destroyed by subjecting the electrode to high anodic potentials (E > 2.3 V vs. SHE) in the region of O2 evolution. 
This treatment can restore the electrode's activity. In fact, the applied potential is located in the region of water 
discharge at BDD electrodes, and this involves the production of reactive intermediates (hydroxyl radicals, OH) 
which oxidize the polymeric film on the anode surface. 

A model has been developed13,14,77,83,84 to describe the combustion of organics (R) on BDD anodes. It assumes 
that both the oxidation of organics and the oxygen evolution reaction take place exclusively through mediation by 
hydroxyl radicals, i.e. the electrode itself does not exhibit any ‘active’ character. This assumption simplifies the 
general mechanism presented above according to reactions 1 to 6, so that a reaction scheme involving three 
different reactions is obtained with M = BDD. 

The first reaction is the electrochemical discharge of water leading to hydroxyl radical formation (reaction 1). 
These hydroxyl radicals are then consumed by two competing reactions: i) combustion of organics (reaction 2): 
and ii) oxygen evolution (reaction 3): 


Molecular oxygen very probably also participates in the combustion of organics according to the following reaction 
scheme: 

1) Formation of organic radicals, R*, by a dehydrogenation mechanism: 

2) Reaction of the organic radical with dioxygen 

3) Further abstraction of a hydrogen atom with the formation of an organic hydroperoxide (ROOH): 

Since the organic hydroperoxides are relatively unstable, decomposition of such intermediates often leads to 
molecular breakdown and formation of subsequent intermediates with lower carbon numbers. These scission 
reactions continue rapidly until the organic substance has been completely transformed to CO2 and H2O. A kinetic 
model can be developed for this reaction scheme by making the following further assumptions: i) adsorption of the 
organic compounds at the electrode surface is negligible; ii) the overall rate of electrochemical combustion of 
organics (involving hydroxyl radicals and the formation of hydroperoxide) is a fast reaction and is controlled by 
mass transport of organics to the anode surface. 


4. BDD Electrode for Wastewater Treatment 


The boron-doped diamond film electrode represents an attractive anode material for the degradation of refractory 
or priority pollutants such as ammonia, cyanide, phenol, chlorophenols, aniline, various dyes, surfactants, alcohols 
and many other compounds.16,86-121 Unlike PbO2, SnO2 and TiO2, the BDD thin films deposited on Si, Ta, Nb 
and W by CVD have shown excellent electrochemical stability.24 However, the application of BDD electrodes for 
wastewater treatment has been mostly studied with Si-supported devices, in spite of the difficulties related to their 
industrial application, due to the fragility and the relatively low conductivity of the Si substrate. On the other hand, 
large-scale usage of Nb/BDD, Ta/BDD and W/BDD electrodes is impossible due to the unacceptably high costs of 
Nb, Ta and W substrates. On the contrary, titanium possesses all required features to be a good substrate material; 
Ti/BDD has been used for the destruction of several pollutants, like dyes,122,123 carboxylic acids123 and 
phenol.123 Carey et al. patented the use of diamond films as anodes for organic pollutants oxidation.104 Also 
Comninellis and coworkers investigated the anodic oxidation of various pollutants with Si/BDD electrodes, as well 
as the mechanism by which the organic substrates are oxidized at this electrode surface through the formation of a 
film of hydroxyl radicals at the Si/BDD surface, which may represent a 'reaction cage’ for the 
process.24,75,76,85,92,96-100,103,106,120 Related results have been summarized in Table 1. The CE obtained is 
very high, ranging from 33.4 to more than 95%, depending on pollutant characteristics and oxidation conditions. 
The work by Beck et al.124 also reports results obtained by Fryda et al.24, comparing the Si/BDD with Ti/SnO2, 
Ta/PbO2 and Pt for the oxidation of phenol. At a charge loading of 20 Ah L-1, the total organic carbon (TOC) was 
reduced from an initial value of 1500 to about 50 mg L-1 at Si/BDD, and to about 300, 650 and 950 mg L-1 at 
Ti/SnO2, Ta/PbO2 and Pt, respectively. 

On the other hand, some articles report that during oxidation of organic compounds, such as phenol, diuron, 3,4- 
dichloroaniline and triazines, the crucial point to obtain high yields is the rate of mass transfer of the reactant 
towards the electrode surface.93-95 Thus, they developed an impinging cell to obtain high mass transfer 
coefficients. With this cell, at a current density of 15 mA cm-2, a faradic yield of 100% was achieved, up to the 
almost complete disappearance of the organic load.93-95 

Some papers have also compared the behavior of BDD with other electrodes, such as SnO2, PbO2, IrO2, for the 
oxidation of organic pollutants. Chen et al. reported that the current efficiency obtained with Ti/BDD in oxidizing 
acetic acid, maleic acid, phenol, and dyes was 1.6—4.3-times higher than that obtained with the typical Ti/Sb205— 
SnO2 electrode.123 Other have demonstrated that Si/BDD electrodes are able to achieve faster oxidation and better 
incineration efficiency than PbO2 in the treatment of naphthol, 107,108 4-chlorophenol85 and chloranilic acid.88 In 
contrast, the incineration of oxalic acids,86 which require a strong adsorption of the organic on the electrode 
surface, is lower than on PbO2, but is higher than on Pt, Au and IrO2 anodes. 

The diamond electrodes have been also used as cathode materials for the electrochemical reduction of nitrate ions 
dissolved in high concentrations in effluents.125-128. Levy-Clement et al.126 found that at applied potentials 
between -1.5 and -1.7 V vs. SCE the amount of NO3-— reduced is a constant 10% and that it is mainly transformed 
into gaseous products, then it increases to 29% at -2V with almost equal parts of nitrite and nitrogenous gas 
formed, without the production of ammonium. 

Another aspect to be taken into consideration is the production of powerful oxidants, like the 
peroxodisulphate;129,130 these species can participate in the oxidation of the organic substrates, allowing higher 
efficiencies. 

In particular cases, for high organic concentrations and low current densities, the chemical oxygen demand (COD) 
decreased linearly and the Instantaneous Current Efficiency (ICE) remained about 100%, indicating a kinetically 
controlled process. While for low organic concentrations or high current densities, the COD decreased 
exponentially and the ICE began to fall due to the mass-transport limitation and the side reactions of oxygen 
evolution. For example, the trend of the COD and ICE was obtained by Panizza et al.76 during the electrochemical 
oxidation of 2-naphthol. In order to describe these results these authors developed a comprehensive kinetic model 
that allowed them to predict the trend of the COD and current efficiency for the electrochemical combustion of the 
organic with BDD electrodes and to estimate the energy consumption during the process.76,77,110 

Other applications of BDD for the destruction and/or determination of organic pollutants were obtained by Avaca 
and co-workers105,131-139 where the comparison between the BDD and other anodic materials have permitted 
use of alternative techniques during the oxidation of the organic pollutants. The BDD electrode is the best choice 
for several electroanalysis studies, as demonstrated by the electrochemical oxidation of 4-nitrophenol in 0.1 mol L- 
1 BR buffer electrolyte.131 

A comparison between the analysis performance of a hanging mercury drop electrode (HMDE) and a BDD 
electrode for the quantification of 4-nitrophenol (4-NP) in spiked pure and natural waters was reported.132 The 
square wave voltammetry was chosen as the electroanalysis technique. For the reduction process, the quantification 


limits varied between 5.7 and 66.0 pg L-1 for the HMDE and between 14.1 and 61.3 pg L-1 for the BDD electrode 
for water samples with increasing degree of contamination. The oxidation of 4-NP on BDD was also used for 
analysis purposes and the quantification limits in this case varied from 9.4 to 53.1 pg L-1. Also this material was 
used for determining the pentachlorophenol in waters and these results were satisfactorily compared with those 
obtained on a conventional Hg electrode showing that the use of the BDD electrode is an interesting and desirable 
alternative for analytical detections. These latter results illustrate the advantages arising from the possibility of 
using an oxidation process on BDD electrodes for analytical purposes in contaminated matrixes. 

Also the column of intermediates is a key point for the evaluation of data in Table 1: in fact, several metabolites 
are generally produced during the oxidation of the original organic substrate. Starting from an aromatic compound, 
hydroxylated derivatives are found as initial intermediates, but in the final stages of the oxidation process several 
carboxylic acids are produced, the last being usually oxalic acid. The formation of these acids increases the process 
time and highlights possible mass transport limitations; interestingly, some anode materials are more efficient than 
others for their elimination.86 


5. Final Remarks 

This paper has attempted to give an overview of the applications of BDD electrode in the wastewater treatment and 
the mechanisms during this process. Without doubt the BDD electrodes have showed numerous applications in the 
electrochemistry area of research. The most important properties of this electrode are a large potential window, 
lower adsorption, corrosion stability in very aggressive media, high efficiency in oxidation processes, very low 
double-layer capacitance and background current. All of these characteristics make this material ideal in the 
elimination of organics from water. Also, thanks to these properties, conducting diamond seems to be a promising 
electrode material and so, in the last decades, it has been studied with the goal of developing applications in three 
broad areas: electro-synthesis, electro-analysis and sensor technology; and water treatment, which includes the 
purification of wastewater and the disinfection of drinking water. 

Due to the importance of BDD in the electrochemistry research; the number of articles about production and 
applications of this material have increased in various countries. Also other recent and relevant papers in this field 
have been published during this year.140-144 
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The Cathode has a relatively non demanding job to do in the Chlorate or Perchlorate cell. The reactions that must 
happen at the Cathode occur easily and most metals are protected by the fact that they are connected to the minus 
of the supply, (Cathodically protected). 

Two unwanted reactions that happens at the Cathode in the Chlorate cell are Hypochlorite and to a lesser extent 
Chlorate being reduced ie.converted back into Chloride. This is undesirable as it wastes current by destroying the 
wanted products. Keeping the current density high on the Cathode will decrease the amount of Cathodic reduction 
of Hypochlorite, therefor Cathodes of excessively large surface area should not be used. (Ullman, page 24 & 9) 
Use similar surface area to Anode or smaller and cover the backs of the Cathodes with a nonconductor. Using 
smooth surfaced material helps reduce actual surface area. This does not apply when making Alkali Earth metal 
Chlorates and Perchlorates as Cathodes in those cases must be kept large to stop Hydroxides from precipitating 
onto them. See this link for the result of using a very large Cathode in a Sodium Chlorate cell. 

Using Titanium metal stops the reduction of Chlorate unlike Iron which reduces Chlorate. Chromates added to the 
cell also stop Cathodic reduction as do Yttrium(III]) compounds. Fluorides and Persulphates also. 

Transition metal ions are responsible for the catalytic reduction of Hypochlorite in the bulk of the cell solution in a 
Chlorate cell. Therefor it is best to avoid Nickel, Copper, Zinc, Cobalt, etc as a Cathode material. 

Keep the current density on the 'working' side (the side of the Cathode next to the Anode) at approx. 60mA per 
square cm or more especially in 'green' cells. Use perforated material or if using large flat sheet Cathodes it would 
be best to cover the sides away from the Anode with nonconductor. This will help to stop reduction of 
Hypochlorite back to Chloride at the Cathode surface. 


This is a good Cathode material if you can get it. It won't corrode and contaminate the 
product. The metal and it's hydrides have electro catalytic effect similar to Mild Steel 
for the evolution of Hydrogen. It also has the advantage of not reducing Chlorate. It 
lasts about 2 years in commercial cells with Hydrogen embrittlement ending its life. 
Titanium Use Grade 1, 2, 3 or 4. The Grades containing Al are inclined to warp especially at 

high temperatures. There are reports of thin sheets of Grade one Ti becoming brittle 
and breaking soon after they are installed in a cell. Use sheets that are at least 1mm 
thick. 


There are many types of stainless steel. 

Food grade works good, some of the other grades will corrode a small amount and 
give your solution a yellow colour. The yellow colour is colloidal Iron and 
Chromium. The Chromium is bad news when you are using a Lead Dioxide Anode as 
it forms a thin layer on the Anode and reduces the current efficiency. Try and use a 
grade that will not corrode at all. Protect exposed surfaces of the SS at the top of the 
electrolyte using plastic or such like as most of the corrosion (when cell is running) 
takes place above the liquid line. Don't leave the Cathodes in the electrolyte with the 
power switched off, remove and wash them. 

Just about any grade of SS will do the job. Grades of SS that would be best are type 
347, 316 and food grade SS, Durimet 20, Hastelloy HB-1, Hastelloy HC-3, Hastelloy 
Ce 


Stainless 
steel 


This is cheap but it will corrode if you don't have Chromate in the electrolyte to help 
protect it. You can't use chromate's if you are using Lead Dioxide Anodes and as 
Chromate's will lower current efficiency. Some of the Cathode will have to come up 


Mild 
steel 


Copper 


Nickel 


Graphite 


Lead 
metal 


Lead 
Dioxide 


Platinum 


above the solution level so as to get a connection to it. This part should be protected 
with a plastic sleeve or something similar to stop it corroding in all cells, Chromate's 
or not. The corrosion products are not detrimental to the Chlorate product but you 
may have a yellow colour (colloidal Iron) that need extra work to get rid of. You must 
not leave the Steel in the cell if it is turned off or it will corrode even more. According 
to JES Vol.105. No.3 (1958) [bottom of last page] using mild steel drastically reduces 
current efficiency?. It has been used in industry. 


Copper is OK if you are going to use your Chlorate for bleaching! For all other uses 
of Chlorate it should be ruled out completely. 


Nickel can be used as a cathode if you can get it but it will corrode if you don't have 
Chromate's in the electrolyte for to protect it. It leaves a black mess in the Chlorate 
cell. It has been used in Perchlorate production. You can't use Chromate's with Lead 
Dioxide as the current efficiency will be lowered. You may be able to get Nickel 
welding rods as a free sample from your welding supply store. In a report from a 
home producer of Perchlorate, Nickel welding rods when used in a cell that went all 
the way from Chloride to Perchlorate suffered corrosion. 

Don't leave in a cell that is not operational. Since it is a transition metal, it's ions will 
help to reduce Hypochlorite in the solution bulk of a Chlorate cell which is 
undesirable. 


Graphite can be used for a Cathode but will blacken your product a small amount in 
the long run. Leaving them sitting in a cell when it is turned off causes it to erode 
somewhat and they shred a bit when the current is turned back on. Take them out of 
the cell when they are not in use and give them a wash. Their tendency to reduce 
Hypochlorite and Chlorate back to Chloride is unknown. 

Graphite rods are available as gouging rods from the welding supply store. Remove 
the Copper coating (if they have any) by peeling. Then run the rod in a cell as an 
Anode for a short period and dump contents. This gets rid of all Copper that may have 
been on the rods after peeling. 


Lead has never been used in industrial setup's but would make an easily fabricated 
Cathode. It's tendency to reduce Hypochlorite and Chlorate back to Chloride is 
unknown. 


Lead Dioxide should NEVER be used as a Cathode as it will dissolve in a short space 
of time 


Do not use Platinum as a Cathode. A Pt coated Niobium Cathode crumbled after 
approx. 150 hours of operation (H2 embrittlement of Niobium?). Thanks to 
"ytmachx" (YouTube) for that information. 
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Sodium Chlorate cell run using a very large Cathode 


A Sodium Chlorate cell was set up to investigate the effect (if any) of using a very large Cathode. The Cell volume 
was 2.2 litres and was pH controlled. Anode was Graphite with a surface area of 141 square cm. The Cathode was 
mild steel which was well rusted with a total surface area (2 * 352 = front + back) of 750 square cm and was 
coaxial to the Anode. There was no additives in the cell to stop reduction at the Cathode. Current was 4 Amps 
(constant) which give a current density on the Anode of 28mA per square cm and a Cathode current density of 
5.3mA per square cm (it would have been higher on the side facing the Anode and much much lower on the side 
away from the Anode. 

The cell temperature was approx. 48°C. 


The cell was let run arge rusted Cathode and Graphite # 
Ee Casa Cathode is BpETOK: 10.5cm Dia. Total area 
Cathodes for approx. A 


and acid additions to 
stabilize. The large 
Cathode was then 
inserted and the cell 
run for a further 10.4 
days. Samples were 
taken and titration's 
carried out in order to 
ascertain current 
efficiency. The current 
efficiency (CE) for the 
first 2.7 days was 
found to be greater 
than 90%. The CE was 
found to be 
NEGATIVE over the 
10.4 day period (large 
Cathode used) as there 
was 164 grams of 
Chlorate present in the 
cell at the beginning of 
the 10.4 day period and 
only 60 grams present at the end of the 10.4 day period. 


It is very important to keep Cathode size sensible when running cells with no additives (Green cells). This is 
especially true when using Graphite (and Magnetite too) as the working current density on these Anodes are low 
compared to all other Anodes which will give correspondingly low current densities on Cathodes of corresponding 
area (or bigger) to the Anode. The problem will not arise if you are using a Pt Anode with a CD of 300mA per 
square cm unless you are going to use a very very large Cathode area in relation to the Anode area. Try to have a 
current density on the Cathode at 30 mA per square cm minimum. Probably better to keep it above 60mA per 
square cm. if you are not using additives. 

The cell also demanded approx. 17% more acid than was normal in order to keep pH at around neutral (of course 
there was no point in running the damn thing at all!). 


The sides of the Cathodes that are not facing the Anode will have a much lower current density that the side facing 
the Anode especially if the Cathodes are made from fairly large flat pieces of material and go out close to the edges 
of the cell. It would be good practice to cover the sides of the Cathodes that are away from the Anodes with a 
nonconductor so that this area cannot be a possible problem for reduction of products. The problem of low current 
density on the side of Cathode away from the Anode will be even more severe if you are using a coaxial Cathode. 
Do not use coaxial Cathodes at all in Chlorate cells. 

If you do not want to cover the back sides of Cathodes with nonconductor material you could instead drill lots of 
holes (or use mesh) for the Cathode. This will increase the current density on the back side of the Cathode as there 


will be less surface area and the back side of the Cathode will 'see' more of the Voltage gradient that is distributed 
in the cell electrolyte. 

Do not be tempted to put one small Cathode in the cell as this will have implications for current distribution on the 
Anode. 


To sum up 

Keep total Cathode area in a cell to a minimum especially when using Graphite or Magnetite. Construct Cathodes 
in such a way that there will be sensible current distribution on the Anode. Cover the back side of Cathodes with 
nonconductor and or use mesh or drill holes in Cathodes. 


Industry does not have a problem with the 'back' sides of Cathodes as all industrial cells have large groups of 
electrodes and not just one single Anode sitting in a single container with two Cathodes which will have 50% of 
their area not in direct ‘line of site’ to the Anode. 
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The Sodium Chlorate cell 


One could talk for a very long time indeed about the design for a Sodium Chlorate cell. 

The amateur usually finds it difficult to know where to start when it comes to setting up a cell. It can be very confusing when one reads all the 
information available on the topic. Most of the reading material is geared toward the industrial producer (or sometimes the scientist who is 
studying the subject) who will have a different set of constraints forced upon him when compared to the amateur. The amateur will not be too 
sure how much quantity of product to make, how much money, time, effort and space to allocate to the project. Very often the starting point will 
be the power supply that is to hand, or the Anodes that can be made or purchased easily . Sometimes it will be decided to make a certain amount 
of product per time and having decided this, go on to obtain Anodes and a power supply. 

The amateur will not be terribly interested in making the cell as small as possible, getting maximum current or power efficiency or having the 
smallest possible voltage across the cell. 

The amateur will (very often) be interested in Anode wear rate, whether or not the power supply to hand is suitable or how much product will be 
produced per week. 


The amateur will be using (probably) a non pH controlled cell, this is OK. All industrial setup's use pH control. 


The amateur will probably use what is to hand which may be a cheap power supply, cheap Gouging rods etc. The cell container can come in the 
form of a bucket with a lid. The plastic that the bucket is made from must be able to withstand the cell electrolytes and fumes. A PVC bucket is 
ideal. Some holes are drilled in the lid to accommodate the electrodes and a vent tube. The vent tube is useful as it allows gasses to be vented out 
of the building in a controlled manner. A hole about 5cm in diameter is also made in the lid for looking into the cell and also for adding water or 
NaCl solution as required. A piece of plastic is needed for to cover this hole and stop fumes and mist from getting out of the cell onto 
connections etc. A stainless steel bucket could also be used. 

The electrodes should be sealed into the lid because if fumes and mist are getting on connections you will have problems trying to maintain them. 
Also gases coming to the surface of the solution generate a mist of the solution which will drift out of the cell. This mist will rust everything in 
the vicinity of the cell and beyond!. 


The design parameter that always raises it's head is the Anode current density. This parameter is important because you must keep below a certain 
Anode current density to avoid eroding the Anode. This is particularly true with Graphite. Anode current density is the Anode current (cell 
current) divided by the total surface area of the Anode which is in the electrolyte. It is usually quoted in Amps per square cm. When you have 
decided what the Anode surface area will be and what the current density on the Anode will be, you will know what the maximum current 
through your cell can be. You do not have to run this maximum, you can run less current into the cell if you so wish. 


Another design parameter that gets discussed is the ratio of the size of the cell (the liquid volume) to the current going into the cell. This in not a 
critical parameter. It has little effect on current efficiency. When the current going into the cell is raised (if you add more Anodes say and adjust 
power supply) and the cell volume is kept constant in order to shorten the run time of the cell, there will come a point where the heat generated by 
the process will not be able to escape fast enough from the cell and the temperature of the cell will be too high. If you must run a large current 
into a small volume of electrolyte you can keep the cell cool by putting it into a large container of water. Industrial setup's uses cells that are small 
in relation to the current going into them. They use cooling coils in the cells to keep the cell cool and transport heat away. This keeps the real 
estate used by the cells small. The amateurs cells can be large in comparison to the current going into them. The only disadvantage in doing this is 
that the run times of the cells can be long. This can leave the impatient amateur feeling as if nothing is happening at all as he is forced to wait 
perhaps two weeks before he can take out a crop of Chlorate. The cells WILL still be making Chlorate at the same rate as a smaller cell with the 
same Current going into it. 


The amateur very often comes up with some weird and wonderful arrangement of electrodes for to stop Chlorine gas escaping from the cell. It 
should be noted in industry that most cells use a very simple arrangement of parallel plates in a vertical arrangement. With the amateur cell the 
PH is not controlled. It is impossible for Chlorine gas to escape out of a cell which has a high pH (amateur cell). There will be a smell of Chlorine 
at the start but once the pH rises no Chlorine of any significance will come out of the cell. Add NaOH or KOH at start if there is a problem 
regarding smell of Cl2. 


The temperature of the cell (IMO) is of little importance in non pH controlled set up. All Chlorate is made by electricity (not by species meeting 
in the bulk of the electrolyte as you have in pH controlled setup's) with little or no bulk chemical reactions going on. Temperature should be kept 
at a level so that Anodes are not damaged/eroded. Very low temperatures may cause Na or K Chloride to come out of solution. 


The power supply for to supply the cell with this current will ideally be a controlled current source. With a controlled current source you set the 
power supply to put a certain current into the cell and the voltage across the cell will vary as the cell resistance varies. 

Most power supplies for sale or to hand are NOT controlled current sources. They are controlled voltage sources (either fixed or variable). 

This means that when you connect the supply to the cell the voltage across the cell in rock steady at whatever the voltage of the supply is set at 
(assuming the supply is not being abused) and the current put into the cell is dictated by that (rock steady) voltage and the resistance of the cell. If 
the supply has a variable voltage output then the current can be varied by lowering or raising the voltage of the supply. 

When the power supply is a fixed voltage output (you cannot vary the Voltage with a knob. An example is a computer power supply) then the 
only way you can vary the current is by manipulating the electrodes in the cell or you could add a resistor or a number of diodes in series with the 
line going into the cell to lower the current. With a computer supply (5 Volts output) the current going into the cell will probably be within 
acceptable limits. If you have a fixed 10 or 12 volt supply then the current will probably be excessive and you will need a resistor or diodes to 
limit current. Diodes work by dropping 0.9 Volts across themselves, they effectively lower the power supply voltage seen by the cell by 0.9 Volts. 
Another trick with a 12 volt supply, is to put two cells in series so that less current will flow into each cell. 

12 Volt battery chargers can make an acceptable supply as they tend to have controlled current characteristics. They are a half way house between 
a controlled current source and a controlled voltage source. 

You will need a current meter in the line going into your cell (or in the power supply itself) in order to measure current. Voltage across cell can 
also be noted with a meter if disired. 


Do not get obsessed with the voltage across the cell. The voltage across the cell will have a value no doubt. Some folks are inclined to latch onto 
the voltage appearing across the cell as if it were some very important, almost magical, parameter. Some times you will hear a statement like: "I 


ran my cell at 3.6 volts, therefore I was making Chlorate. I increased the voltage to 7.4 volts and I am now making Perchlorate". It is NOT the 
Voltage across the cell that decides if you are making Chlorate or Perchlorate. If the Voltage is too low not enough current will get pumped into 
the cell. This will give you slow production. If you have a bad connection which causes a large Voltage drop this will lower current going into the 
cell too. 


Cathodes 


Titanium is King when it comes to Cathodes. Use the CP grades as the alloy stuff is inclined to warp. Keep the plate fairly thick (3mm or so) as 
very thin plate can become brittle and fall apart in a short space of time due to the Hydrogen which is produced at the Cathode surface. Ti is 
relatively expensive. Stainless steels are next best but be aware that if they corrode (as when you do not have the cell in operation perhaps) they 
will release Chromium into your cell which is not wanted when using Lead Dioxide Anodes though I do not think this is much of a problem. A 
flat Anode should have a Cathode on each side so that the current is evenly distributed on the Anode surface. Keep Cathodes small as this will 
decrease reduction (unwanted) reactions that occur at the Cathode surface. 


pH Controlled cells 


If you intend to controll the pH of the cell in order to increase the current efficiency and to decrease Anode wear then you should think of the cell 
as having two distinct areas. 


1) The area next to the Anode 
2) The (so called) bulk solution area 


Different reactions take place in these areas and they should be treated differently if the maximum advantage is to be taken from controlling the 
pH. See 'Cell Chemistry’ section for details. A two compartment cell is best. The compartment containing the bulk of the liquid should be much 
larger that the area containing the Anode. The compartment containing the Anode should be kept cool (below 40C or so) for Graphite, but this is 
not so important for other anode materials. The bulk area should be allowed to get hot (70C or more) so that the bulk reactions are encouraged. 
The diagram below depicts a possible two compartment cell with a crude crystalizer. It will take quite some time before Sodium Chlorate will 
begin to appear as crystals in the bottom of the third container. 


Salt solution should be added so that salt is replensihed at a 
similar rate to which it is being used up. Evaporation will allow 
this. If level drops too much, water can be added. 


Only the first two compartments are part of the Chlorate 
making system. The third is for crystalization only. 


This pipe may need 
heating to stop crystals 
from forming in it 
The pipe at point A should be 
Evaporation insulated and may need to be 
heated to stop crystalization 
pluging it up 
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A one compartment system can be used also. It should be fairly large in relation to Anode size so that bulk reactions can take place in order to 
obtain maximum benefit from pH control. 
See Wouters page for more information on cell design. 


Some cell design examples 


Example 1 
The designer has decided that he wants to make 1Kg of Sodium Chlorate per week. he is not too strapped for cash. 


How much Anode surface area needed: 


He has no Anode(s) or no power supply yet. By looking at the run times section for Sodium Chlorate on this page the following fact is noted. 

In a typical non pH controlled Amateur cell you will get 0.00596 grams Chlorate formed per minute per Amp. 

That’s the same as 60.0768 grams formed per week per amp (There are 10,080 minutes in a week) Therefore to make 1000 Grams per week you 
will need to run 1000/60.0768 = 16.64 Amps (say 17). 

Looking at the max. allowable current densities on the different Anode materials will give figures similar(ish) to theses: Platinum 300mA/square 
cm, Graphite 30mA/square cm, Lead Dioxide 300mA/square cm, and Magnetite 30mA/square cm. He may like to run his Pt, LD, or Magnetite 
Anodes at a higher current density as the figures above are fairly conservative. He will not want to run his Graphite Anode at a higher current 
density so as to keep erosion at bay. 

Having decided what Anode material he is going to use he then sets about deciding how much surface area he needs on the Anode. Assuming 
Graphite, he will need 17/.03 = 566 square cm Min. That’s the Anode surface area that is immersed in the electrolyte remember. He then decides 
if he is going to use Gouging rods, EDM Graphite or some other Graphite. He may wish to use the Graphite at a much lower Anode current 
density to keep Anode erosion ever lower. If he wishes to halve current density, he will do so my simply doubling the Anode surface area. If 
using rod shaped electrodes be advised that as the rod wears it will have a smaller surface area, the current density will rise (assuming current into 
cell remains the same) and wear rate will increase. It may be advisable to start with a low current density so that as the Anode wears the current 
density will not go above 30mA per square cm. If using flat pieces of Graphite the Anode wear will not have much effect on the surface area of 
Anode. 


How much NaCl: 


In order to make 1Kg of Chlorate you need exactly (1000 X 0.55) grams of NaCl. The 0.55 comes from the division of the molecular weights. 
The electrolytic cell and the Anode will not operate under such clear cut conditions. You will need at least 100 grams per litre NaCl to be left in 
the cell after your run so that the conditions for Graphite Anode erosion are met. If you try to use up all the Chloride the Anode will get eaten 
away rapidly coming toward the end of the run. 

SO: We need to use at least 550 grams of salt for to be converted to Chlorate + 100 grams per litre to be left in the cell at the end of the run. He 
will need a container that will hold approx. 3 litres of solution. This is a minimum size. If you run 17 amps into this 3 litre container you will have 
problems keeping it cool. Better to just use a container that is much much bigger than this. About 25 litres would be great filled with saturated 
NaCl solution. This will stay cool. About 330 grams NaCl will dissolve in 1 litre of water. At 17 amps you will still get the same amount of 
product forming (assuming similar current efficiency which is probable). It may not suit the impatient amateur as he will not be able to draw 
product from this larger container until a few weeks have passed. He may add Chromate, Persulphate or NaF to increase current efficiency. He 
will add water to the cell to keep volume steady. He may add salt solution. If he adds salt solution he needs to factor this into the run time. 


Power supply: 


He will probably purchase his power supply. The exact output voltage of the power supply needed to drive 17 amps into the cell is unknown. It 
will be somewhere between 3 and 6 volts. He will probably purchase a DC power supply having the ability to supply at least 17 amps at a fixed 
voltage anywhere between 1 and 10 volts. The power supply will have a nice current meter to tell him what amps are going into his cell. It will 
also have (though not essential) a nice volt meter to tell him what voltage is across his cell. He will be careful that he does not become too 
obsessed with the voltage across the cell. The current going into the cell may vary a small amount as the cell runs. The temperature, ageing of 
Anodes and changing concentrations of salts will vary the resistance of the cell somewhat. He may have to adjust the voltage a bit to keep current 
at exactly 17 amps. He may choose not to worry about the fact that the current is not staying at exactly 17 amps. 

If he is very dedicated to Chlorate making he will purchase a power supply that has the ability to put a programmed current (a power supply 
which is a fixed current source) into his cell. He will set the supply to put 17 amps into his cell. There will be a meter for measuring current and 
(for interest) a meter to measure the voltage across the cell. The current going into the cell will remain rock steady at 17 amps, the voltage across 
the cell may vary a bit as the resistance of the cell varies. 


Cathodes: 


He will choose cathodes that will be at least similar surface area to the Anode(s) and place them around the Anode(s) in a sensible fashion. It is 
wise to place cathodes each side of Graphite Anodes in order to keep the current distribution on the Anode surface fairly even. If he were to place 
the Cathodes at one end of the cell, the current density on the side of the Anodes closest to the Cathodes will likely have a greater value than the 
side that is not toward the Cathodes which will have consequences for erosion, especially with Graphite. 


Example 2 
The Amateur has a computer power supply and he is thinking of purchasing some Gouging rods from EBAY and he wants to make as much 
Chlorate as he possibly can. He is rather strapped for cash. He has a multimeter. 


How much Anode surface area needed: 


Firstly test supply with a resistor to see if it is working. We have a power supply that puts out a fixed voltage of 5 volts DC and a few other 
voltage outputs (12V and others). We use the 5 volt output which is the main output. The supply also has a maximum current output on this 5 volt 
output which is hopefully stated on the supply. The maximum current that this line can supply is the maximum current you can put into you cell 
without risking damage to the supply. Calculate the Anode surface area from this maximum available current. Say the maximum current is 10 
amps this means that you need at least an Anode surface area in the electrolyte of 10/.03 = 334 square cm. (This comes from the fact that you 
want to keep the Anode current density below 30mA per square cm to keep Graphite erosion at bay). How many Gouging rods do you need to 
give you this surface area? The area of a rod is (ignoring the small circle at the bottom of the rod) Pi X Dia. X h (femember h is the length of rod 
actually in the electrolyte). Use at least this amount of rods. It would be great to use twice as many to keep Anode current density real low and 
therefore keep erosion low. This is especially true as the Gouging rods wear, their surface area will decrease, current density will increase and 


erosion will increase. 
How much NaCl: 


Use a container that is about 10 litres or larger in size filled with saturated NaCl solution. About 330 grams NaCl will dissolve in 1 litre of water. 
Use a 20 (or a 30!!) litre container if you like. Calculate the run time and keep in mind that you must stop running the cell when you have got to 
the stage where you have 100 grams per litre (definitely keep above 50) Chloride so as to keep erosion on the Graphite to a sensible limit. He 
may add Chromate, Persulphate or NaF to increase current efficiency though them do not make much difference. 


Cathodes: 


He will choose cathodes that will be at least similar surface area to the Anode(s) and place them around the Anode(s) in a sensible fashion. It is 
wise to place cathodes each side of Graphite Anodes in order to keep the current distribution on the Anode surface fairly even. If he were to place 
the Cathodes at one end of the cell, the current density on the side of the Anodes closest to the Cathodes will likely have a greater value than the 
side that is not toward the Cathodes which will have consequences for erosion, especially with Graphite. 


Running the cell: 


The supply is connected and the voltage and current is measured. The current will be measured to ascertain how much product you will be making 
per week and to see that the supply is not being abused. Be sure that the multimeter will take the current that may be flowing. It may be lower that 
the supply rated current as the supply may have heated up so much that the thermal shutdown in the supply has come into play. You can put the 
Anodes and Cathodes further apart or put diode(s) in series with the line going into the cell in order to raise the resistance seen by the supply (this 
will lower the current below the maximum that the supply can handle). Run the set-up so that the current is below the maximum (say 10% below) 
allowable for the supply. You will have 5 volts across the supply terminals at this point because the supply is a fixed voltage type of supply that 
was made to supply current at a fixed five volts. If you have used diode(s) to manipulate the current through the cell, the voltage across the cell 
will be less that the voltage across the supply by (0.9 X [number of diodes]) volts. 

The amount of Chlorate you will be making will be: 

60.0768 grams per week per amp, 9 amps will give you 540 grams per week. (assuming around 50% current efficiency. You will not be able to 
crop this amount in the first week as it stayes in solution due to the high solubity of Sodium Chlorate. It depends how much electrolyte you have 
started off with. You need to run the cell for the amount of time as described elsewhere on this page. He will add water or salt solution to the cell 
to keep the volume constant. If he uses salt solution he will need to factor this into the run time. Be patient. 


Example 3 
The designer has a Lead Dioxide Anode and a huge 12 Volt battery charger. He is not to concerned with making the maximum Chlorate possible 
per week but he is very impatient and wants Chlorate NOW. 


How much Anode surface area has the Anode: 


The amount of the Anode that will actually be in the electrolyte is used to calculate the surface area of the Anode. A current density of 300mA per 
square cm is easily accommodated with a Lead Dioxide Anode. He may wish to run his Anode at a smaller current if he so wishes but since he is 

impatient for product he may decide to run the Anode at a higher current density. Assuming the area of the Anode is 70 square cm, this will allow 
a current of 70 X 0.300 = 21 Amps to be run though cell. 


How much NaCl: 


The cell volume will be kept small so that Chlorate can be extracted as soon as possible. Looking at run times described elsewhere on this page 
he sees that with 21 amps running into the cell will give him about 21 X 0.00596 = 0.12516 grams Chlorate formed per minute, which is 180 
grams per day. He will set up his cell so that he can extract Chlorate after two days, ie. 360 grams theoretical. In order to make 360 grams 
Chlorate, 360 X 0.55 = 198 grams Chloride are needed. Since Lead Dioxide does not get eroded by low Chloride concentration there is no need to 
have a quantity of 'buffer' Chloride in the cell as far as Anode erosion is concerned. It will be impossible to convert all of the 198 grams of salt 
into 360 grams Chlorate as run times are (as described elsewhere) based on having a decent amount of Chloride in the cell at the end of each run. 
He will use 270 grams NaCl dissolved in somewhat less than one litre of water. Also if he uses too little Chloride he may get Perchlorate forming 
if the concentration of Chloride falls below (approx.) 10 grams per litre. He may add NaF or Persulphate but not Chromate to increase current 
efficiency. 


Cathodes: 


He will choose cathodes that will be at least similar surface area to the Anode and place them around the Anode in a sensible fashion. It is wise to 
place Cathodes each side of the Anode in order to keep the current distribution on the Anode surface fairly even. If he were to place the Cathodes 
at one end of the cell, the current density on the side of the Anode closest to the Cathodes will likely have a greater value than the side that is not 
toward the Cathodes which will probably have consequences for erosion. Lead Dioxide is fairly robust though. 


Running the cell: 


The cell is less than one litre is size and has 21 Amps going into it. This cell will heat up too much. The cell can be placed sitting in a large 
container of water so as to keep it cool. The power supply will be set up to run 21 amps through the cell. The open circuit voltage of the (big) 
battery charger will be approx. 13 volts. When connected to the cell it will probably send too much (more that 21 amps) into the cell. The current 
going into the cell can be decreased by adding a resistor or diodes in series with the input of the cell. The voltage across the cell will be in the 
region of 4 to 6.5 Volts (approx.) The voltage across the charger will be 12 volts nominal. The current going into the cell will not be a perfect 
smoothed DC but this is not a problem. It will be difficult to measure the exact effective current because of this. There will probably be a current 


meter on the charger which will give an accurate enough indication of the current. If a battery of reasonable quality is connected to the charger it 
will act a a huge capacitor and the set up will have a nice steady current (and Voltage) going into the cell. If no battery is available it is OK. The 
cell will be run for 2 days and the Chlorate extracted by evaporating some of the water away and letting it crystallize out. If he does not turn of 
the power after 3 days he may get Perchlorate starting to form. 

After a crop or two of Chlorate he may decide to be more patient regarding the process, use a much larger container and allow Chlorate to 
accumulate before extraction. He will add water to the cell to keep volume steady. He will not add salt solution since he want Chlorate quickly. 


Example 4 
The designer has a bench power supply with a maximum output current of 3 amps. He is going to purchase some Platinum wire or a Platinum 
clad Anode. Cash is scarce. 


How much Anode surface area should he purchase: 


This is entirely up to himself. He will look at the price of the wire and weep. If he wants to run the set-up at the max. current that his supply can 
give (looking at typical current densities used for Pt. of 300mA per square cm) he will need 3 amps/0.300 amps = 10 square cm of Platinum in the 
electrolyte. He will purchase Pt wire with a sensible diameter which will carry 3 amps. If he purchases Pt. of (say) A.W.G.(B & S) = 42 (that’s 
S.W.G. between 45 & 46) this will have a diameter of 2.5 thousands of an inch. This measly wire will not carry 3 amps. It will melt. He will 
purchase wire of approx. 25 A.W.G (26-27 S.W.G) which will carry 3 amps. This wire is still thin, around 19 A.W.G. would be nice so that the 
Anode will be self supporting. 

The surface area of a cylinder is D X Pie X L. Assuming we use 19 A.W.G. (D = 0.9119mm) we need a length of wire which is 

10/(3.142 X 0.09119) = 35 cm. He will need another inch to come up out of the cell, say 38 cm total length. He will bend the wire into a shape for 
to use as the Anode. Some like to wind the wire onto a former (say a glass tube). Winding the wire onto a tube will have some consequences for 
current distribution on the Anode. The Anode will have a very small current density on the wire next to the tube, it will have a larger current 
density on the side of the wire away from the tube. Keep this in mind. It would be good to wind the wire in a spiral of about 2 inches Dia. that is 
self supporting. 

The price of this Anode will not be small. The smaller the Dia. of the wire you use the less Dollars you need to spend to get a certain surface 
area. See the section on the Pt. Anode. You could buy half the length suggested and squeeze (run through a mandrill) or hammer the wire so that 
it's surface area is doubled (or more) thus saving Dollars. 

If he uses a Platinum clad Anode all his current carrying problems will end as the substrate of the Anode will carry 3 amps easily. He still needs 
10 cm squared of Anode area in the electrolyte. 

Since the Anode is so expensive he may decide to purchase less surface area and run the Anode at a higher current density, still running 3 amps 
into cell. Pt. will take quite a high current density without eroding. He could also purchase light wire that will not carry 3 amps but will carry (say) 
0.5 amps. He will cut this wire into 6 equal lengths and have 6 Anodes coming out of the cell connected to a bus bar (like a comb arrangement). 
Anode surface area in the electrolyte must still be 10 square cm to give similar erosion conditions to the single Anode. The 6 Anodes will save 
cash and give him more work. 


How much NaCl: 


Looking at the run time section elsewhere on this page it is noted that 3 amps will give you (0.00596 X 3) = 0.01788 grams Chlorate formed per 
minute = 180.25 grams per week (current efficiency about 50%). This will use 180.25 X 0.55 = 100 grams Chloride per week. The 0.55 comes 
from division of the molecular weights of NaCl and Na Chlorate. Assuming that he wants to harvest Chlorate once per week he will need 100 
grams Chloride in solution + (about) 100 grams Chloride per litre left at the end of the run so that erosion of the Anode is kept at bay and to keep 
current efficiency at a sensible level. Platinum will erode somewhat if used in a cell that has a low Chloride concentration in it. About 330 grams 
NaC] will dissolve in 1 litre of water. He will dissolve approx. 145 grams NaCl in about 0.45 litres water. After a week approx. 40 grams of 
Chloride will be left per 100ml solution. He will stop his cell at that point so that erosion of the Anode is kept at bay. He will add NaF, Chromate 
or Persulphate to increase current efficiency. He may decide to top up the cell with water or salt solution. If he used salt solution he must factor 
this into the run time. 


Cathodes: 


He will choose cathodes that will be at least similar surface area to the Anode(s) and place them around the Anode(s) in a sensible fashion. It is 
wise to place cathodes on all sides of Anodes in order to keep the current distribution on the Anode surface fairly even. If he were to place the 
Cathodes at one end of the cell, the current density on the side of the Anodes closest to the Cathodes will likely have a greater value than the side 
that is not toward the Cathodes which will have consequences for erosion. If he has a spiral type Anode he will place a rod inside the coil and a 
few (3 perhaps) around the outside of the coil. If he has a flat Platinised Anode he will place a sheet each side of the Anode. 


Running the cell: 


He connects his bench power supply up to the cell. + to Anode, - to Cathode. He increases the voltage until He gets 3 amps to flow. He will keep 
an eye on the current so that it does not increase above 3 amps and abuse the power supply. The current will vary somewhat as the resistance of 
the cell varies due to temperature and solute concentration changes. The voltage will be in the region of 3 to 6 volts. He may wish to connect a 
high wattage resistor (or a bulb of the correct size) in series with the power supply and increase the voltage of his power supply so that the current 
flowing will not be so dependent on the whims of the cell. Doing this will not increase the voltage across the cell. If he uses a 1 ohm resistor 
(with at least 3 watts dissipation ability) and increases the voltage of his power supply by 3 volts the current will still be 3 amps. As the resistance 
of the cell varies the current will not vary quite so much, as the added resistor 'swamps' or helps to mask the effects of changing cell resistance. 
The supply (now consisting of a voltage supply + a resistor) has some characteristics of a controlled current source. If he is not too worried about 
the current varying a little bit (or he doesn't’t know/care what the heck I am talking about) then he can leave the resistor out. 
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Power supplies 


The supply must be a DC supply with a current capability of at least what you want to run the cell at and a voltage 
somewhere between 3.5 and 10 Volts. The positive is connected to the Anode and the Negative to the Cathode. 

The power supply for making Sodium Chlorate or Perchlorate can be quite a crude affair or it can be as 
sophisticated as you like. It would be nice to have a supply that has a programmable current. This ideal supply 
would also have a fully smoothed output, built in Voltage and current meters, a Coulomb meter (measures Ampere 
hours) and be efficient. 

To buy a supply like this would be expensive. A battery charger can be utilised as a power source. You may have 
to use the six volt setting as the current may be too high if you use the twelve Volt setting. It should be noted that 
the '12 volt' setting may not be 12 volts when you connect the charger to the cell. Chargers have bad Voltage 
regulation (an necessity when it comes to charging batteries and an advantage in our application) and the voltage 
will drop when you connect it to the cell. It will depend on the actual charger type and size of charger. If your 
charger has only a twelve volt setting and it is driving too much current into the cell you could consider putting two 
cells in series. You can also use resistors or diodes to lower the current into the cell 

With battery chargers it is difficult to measure the current going onto the cell as they do not supply a fully 
regulated (smooth) DC current Voltage. You would need a true RMS meter to get a proper reading of the current 
going into the cell. Accurate measurement of current is not that important but you will need some indication of 
what the current is if you want reasonable accuracy regarding run times. If you can get a reasonable battery and 
connect this to the charger/cell set up this will have the effect of smoothing the current/voltage. Then an ordinary 
multimeter will give reasonably accurate measurements of the current. 


An AC welder is a good supply to use for a cell but the output MUST be rectified before applying it to the cell. A 
DC welder will do too. The current will not be smoothed. The welder will be a constant current generator but its 
lowest current setting may be too big for your set up (size of Anode and cell volume). There is also the 
disadvantage of the welders high open circuit voltage. When you disconnect the welder it's output voltage will rise 
to maybe 80V. If, when your cell is running, one of the connections going to the Anode or Cathode gets corroded 
the voltage will rise across this bad connection as the welder forces in the constant current. This will lead to the 
connection failing by becoming red hot. This may permanently damage your Anode or perhaps cause a 
fire/explosion. A welder makes a good supply for an established cell and setup that has good connections, but it is a 
bad supply for experimenting with. 


Be careful with supplies that do not have smooth DC output. With a Pt Anode it is recommended to have NO 
ripple on the supply as this promotes Pt Oxide to form on the Anode (according to corrosion control web sites 
anyways). Also with Titanium substrate Anodes the peaks of the Voltage may raise the current density on the 
Anode to an unwise level (Voltage too high) and this may cause the destruction of the Anode as the Ti (Valve 
metal) may get attacked at the higher Voltage. 


Computer power supplies are a cheap power supply solution for the cell. 


A suitable supply can be made from a microwave oven transformer (MOT) and a rectifier. 
See here for some info rewinding MOT's. 


It should be noted that the current/voltage going into your cell with the power transformer and rectifier will not be 
a smooth DC current/voltage. A capacitor (a few micro farads per milliamp) can be connected across the cell so as 
to smooth the current and voltage. It should be noted that using too large a capacitor can lead to problems as the 
transformer may not be able to supply the high peak current pulses that are characteristic of capacitor smoothed 
supplies. The good old unsmoothed current does the job OK though you need to be careful with Pt and Ti substrate 
Anodes as described at the top. 

There are some scope pictures here of the current and Voltage obtained accross a cell with a simple transformer 
and rectifier set up. 
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Computer Power supplies 


The 5 volt outputs can supply serious current, 25 amps and more. Some are short circuit protected some not, shorting the non protected one's will 
kill supply. They have a tendency not to come into operation if a load is not connected to the 5 Volt output and sometimes if no load is connected 
to 12v. Simply connect your cell up first and then turn on the supply or you can put a resistor across the supply to draw about 2 Amps (2.5 Ohms, 
10 Watts resistor) or a 12V bulb. This can be removed when you get the cell running. You may need to connect a load (resistor or bulb) 
permanently to the 12v if you are only using the 5v wires. It varies from unit to unit. Some of the modern units have a 3.3v supply which may 
suffice if you have a large area of electrodes in your cell. 

Sometimes 5 Volts can put too much current into your cell and in that case you can put a power diode in series with the line. The diode will drop 
about 1 volt giving you 4 volts for the cell. Make sure the Diode is capable of carrying the current and it will also need a heat sink. You can use 
two (or 3 or 4) diodes if current is still too high. You could also use a high wattage resistor. Remember Ohms law. V=I XR 


You can also use the 12 Volt outputs of the supply if the 5 Volts is not driving enough current into you cell. You will have to use diodes or 
resistors in this case to lower the Voltage seen by the cell or too much current will flow. The 12 Volt outputs cannot put out as much current as the 
5 Volt outputs but they are still capable of putting out quite a respectable current. Get a meter to measure the current and don't abuse the supply. It 
may go into shut down mode if you draw too much current. 

A good way to measure the current is to put a low value resistor in series with the line, say 0.01 Ohms. The Voltage measured across this resistor 
will be related to the current going through it by the formula (Ohms law!!) V = 1 X R, or if you like I = V/R. If you measure 0.1 Volts across the 
resistor there will be 10Amps going into cell. Make sure the resistor has high enough Wattage. It should have a minimum wattage = (max. likely 
current into cell)squared X R. You can make a resistor out of some resistance wire from an old electric fire. 


It is possible to put two of theses supplies in parallel and isolate each supply from the rest by putting in a diodes into both leads from the supply's. 
You may have to use identical units (which may be hard to come by) so that the current is shared equally between units. Do not run the combined 
units at the max. new possible combined current as the supplies will probably not share the current equally among themselves. 

Another alternative for using computer supplies in parallel is to connect all positives to the anode and connect each negative to a seperate Cathode. 
The Cathodes should be of equal size and spacing from the Anode and from each other. Diodes should also be placed in each supply to help 
isolate each supply and stop current being driven into one supply from another. 

There is lots of info about using computer power supplies as bench power supplies(cell supply) on the net. See here 


The color code for the wires is: 
Red = +5V, Black = Ground (0V), White = -5V, Yellow = +12V, Blue = -12V, Orange = +3.3V, Purple = +5V Standby (not used), Gray = power 
is on (output), and Green = Turn DC on (input, tie to Black), Brown = 3.3v sense (tie to Orange), +5VSB (ignore). 


Note about computer supplies: 


One thing about power supplies. 

In my Serup a modified computer PSU works perfect. Old UNIX servers 
sometimes have PSUs up to 250 A at 5V. While higher output voltage of 6.4 V 
instead of 5 V is not really a problem, overriding the over- and 
under-voltage protection can be a pain. With PC-PSUs it sometimes helps to 
disconnect all other voltages (12V and negatives)at the rectifier diodes to 
prevent damage. If there is even a under-voltage protection on these you 
should discard the PSU and look for another one. Follow back the massive 
copper lines for +5V on the PCB and there will normally be connected one 
small line for the loop-back (voltage regulation). Disconnect this line and 
reconnect it with a low ohmic voltage divider ca 100 Ohm to ground, 28 Ohm 
to Output). Sa that modification the PSU will think to produce 5V while 
its 6.4 V. ;- 


A very useful and simple add-on for a computer power supply is a constant current module. 
FIGURE 35: Precision Current Sinks 
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These simple high-current sinks require that the load float OP-77's high gain, high CMRR, and low TCVgg assure high 
between the power supply and the sink. In these circuits, accuracy. 


The device is small enough to fit inside the case of the computer power supply which makes the whole thing very compact. 


+12¥ 


+5¥ 
+12¥ 
75K 0.5R S50Watts 


12 0.01R ¢R1 
(blue wire) 2.7cm 14swg 
Nichrome 


A 741 can be used or an LM358 or a CA3140. The MOSFET will require a heatsink. The IRFZ44 is OK for 50 Watts which will allow it to 
supply approx. 15 Amps into a cell when using the 5 Volts output of the CPS. Use a larger device if more current is required or use a diode to help 
dissipate (drop Volts) heat elsewhere. The MOSFET should have approx. two Volts accross it so that there is a comfortable 'surplus' Voltage to 
keep the current constant should cell Voltage rise. The 0.5 Ohm resistor can be made from 4 parallel strands of 28 SWG Nichrome wire each 7cm 
long. You could also use a 6 Volt 40 or 50 Watt bulb. 

Use a switch between the green wire and earth (black) to switch the power supply on and off. 

A piece of Copper wire 1mm diameter and 50 cm long can be used for R1 if you have no 0.01 Ohm resistor or Nichrome wire to make it. The 
temperature coefficient of Copper is very poor but the current will not drift too much due to normal temperature variations. 


Computer Power supply add-on from 12AX7 


Constant Current Module 
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Circuit from 12AX7 


Current 
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The Constant Current module will work on its own if that is all you need. 

For the MOSFETS's use a IRFZ44. They have a TO-220 package whick is good for approx. 50 watts with a heatsink. They are commonly found 
in automotive apps, e.g., car amps, 12-120V inverters. An IRFP064 can be used for larger outputs. They are similar device to the IRFZ44 but have 
a bigger package (TO-247) whick allows for about 100W. The IRF3703, is along the same lines. 

Heatsinks are required on the MOSFET's. 

Do not use 741 op-amps as they suffer from 'power rail latch-up'. Use a CA3140 or LM358 or OP-77(expensive). 


The following circuit was supplied from Aqua_Fortis_100% 
It will allow you to controll the voltage supply using minimum components. It is not a regulator circuit. 
Use two 2n3055's in parallel with a small emitter resistor (0.05) in each to balance current if these's transistors are what you have. 


This circuit will work better if you leave out R1. 


VERMELHO 


POSITIVO 
OASV 


TIP41C 


R1= 100R/1W (marrom, preto, marrom). 
R2= 1K/1W (marrom, preto, vermelho). 
R3= Trim-pot 4K7 


Obs: os dois transistores deve estar afixados no 
dissipador de calor e devidamente isolados, 
Heat sink and isolate transistors 


2n3005 is a bit small if using high I NEGATIVO 


Diagram of above. 


The following is taken from http://www. instructables.com/id/EK2XAPS11GEWOF2YSD/ without kind permission. 
It was designed by "Dan's power LED projects’. It would be a useful constant current provider for a Chlorate cell. 


Specifications: 


input voltage: 2V to 18V 
output voltage: up to 0.5V less than the input voltage (0.5V dropout) 
current: 20 amps + with a large heatsink 


Maximum limits: 


the only real limit to the current source is Q2, and the power source used. Q2 acts as a variable resistor, stepping down the voltage from the power 
supply to match the need of the LED's. so Q2 will need a heatsink if there is a high LED current or if the power source voltage is a lot higher than 
the LED string voltage. with a large heatsink, this circuit can handle a LOT of power. 

The Q2 transistor specified will work up to about 18V power supply. If you want more, look at my Instructable on LED circuits to see how the 
circuit needs to change. 

With no heat sinks at all, Q2 can only dissipate about 1/2 watt before getting really hot - that's enough for a 200mA current with up to 3-volt 
difference between power supply and LED. 


Circuit function: - Q2 is used as a variable resistor. Q2 starts out turned on by R1. 

- Q1 is used as an over-current sensing switch, and R3 is the "sense resistor" or "set resistor" that triggers Q1 when too much current is flowing. 
- The main current flow is through the LED's, through Q2, and through R3. When too much current flows through R3, Q1 will start to turn on, 
which starts turning off Q2. Turning off Q2 reduces the current through the LED's and R3. So we've created a "feedback loop", which 
continuously tracks the current and keeps it exactly at the set point at all times. 
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Rewinding MOT's 


You can remove the secondary from a salvaged microwave oven transformer. Cut off the high Voltage and the 
very low Voltage winding using a hack saw or power tool. Hammer out the rest of the winding using a bolt or blunt 
punch. Remove the Iron magnetic shunts. Take care not to damage the primary (low Voltage) winding as you will 
be using it. A new output winding consisting of about 10 or so turns is wound onto the core. Now with a 10 amp 
variac you've got a variable power supply. 

It is advisable to use a variable voltage transformer (or use two MOT's with primary's connected in series) with 
microwave oven transformers because of the way they are designed. The person making the transformer KNEW 
that the transformer would ALWAYS be connected to a load (ie. the Magnetron). This allowed the designer to put 
very little windings on the primary winding. If you connect one of theses transformers directly to the mains without 
a load on them they will blow a fuse because they will draw a very high magnetizing current. If you must use them 
without a variable voltage transformer use two of them with the primaries in series. This will solve the problem. 
You can connect the outputs in series too. 

Don't mess with the high voltage end of theses beasts as they can kill, and have killed. Remove the high Voltage 
winding. A web search will obtain lots of information on MOT's. See below for more detail regarding rewinding 
transformers in general. 

By RJ. 


Some Transformer equations 


Winding your own transformer can be a cheap way to obtain a good low voltage high current supply. You will also 
need diodes to rectify the output. 

All equations below will give a transformer with good voltage regulation. ie. The voltage will remain constant or 
nearly constant as you draw different currents from it. 


The first thing that you should think about is the 'core area’ of the transformer. This is shown in the picture. The 
core area is the part of the transformer that the winding is wound around. ie. It will be the area of the thick ‘leg’ of 
the core of the transformer. 

This area ultimately dictates what power the transformer can supply. 

If you have an old microwave transformer or other core from another transformer then the core area will already be 
decided for you. 

The core area needed for a particular power (ie. the VA (Volts x Amps)) is: 


Area = [square root(VA)]/5.58 or to put it another way (if you already have a core and you want to know its VA 
ability 


VA = [5.58 x Area]squared 

Note: all areas in square inches, one square inch = 6.45 square cm. 

Now you need to know how many turns to put onto the core for the input and output 

The number of turns required in a winding (input or output) is: 

Total turns = V x 7.5/Core area (50HZ) 

Total turns = V x 6.26/Core area (60HZ) 

In the case of 750 Watt MOT (common size of oven) you will do this calculation and only get about half of 750 = 
375 Watts. The manufacturer is driving the transformer hard, there is also a fan keeping it cool. You will probably 
use the primary that was on the core already, the turns on the primary will (of course) already be decided for you. 
You must recognise that with MOT's, because the designer KNEW that there would ALWAYS be a load connected 
to the transformer and the fact that the transformer has magnetic shunts, he/she was able to put less windings on the 
primary than the above equation will give. They usually put about half the amount of windings on the primary 
when compared to the above equation. When using your MOT you can simply put half the designed input voltage 
into the transformer using a variac or use two MOT's with the primaries connected in series. (each transformer will 
then see half the supply mains supply). 


The thickness of wire you use will depend on the current that will be in the winding. You should aim to have a 
current density in the wire of 2000A/square inch (3.1A/square mm) or less. That is very conservative and you may 
get away with a greater current density particularly with the output winding as it will only be a few tums and will 


be exposed to the air where it can cool. The thickness of the wire in the primary if using the existing winding on an 
MOT will already be decided for you. 

The wire you usually see on transformers IS insulated. The insulation is transparent and you can see the Copper 
colour thought the insulation. Sometimes the wire is Aluminium (cost cutting) with Copper coloured insulation 
(cost cutting and cunning!). 

The area of wire cross section is 3.142 x [radius squared] BTW. 


An east way to find out how many turns you need on the output is by putting on a few windings and measuring the 
output voltage. You will then get an idea of what turns you actually need. Use any plastic insulated wire that is 
heavy enough to carry the current. The required number of turns must fit into the holes in the core. 


It is a good idea to put taps on the output so that you can apply different Voltages to the cell to vary the current. 
The output of the MOT must be rectified. You can use a two diode rectifier since you are using two transformers 
and you can easily access the center point of the two winding (ie. where they join). A two diode rectifier will only 
give you half of the Voltage output of the series connected output windings remember. A four diode bridge rectifier 
will give you the full Voltage that the series connected output windings are capable off. 

See here for more info on simple rectifiers. http://en.wikipedia.org/wiki/Rectifier 

If after joining the two outputs in series (don't join in parallel as your transformers will not share the current load 
equally) the output Voltage is very low or zero it is probably because you have the secondaries connected the 
wrong way around to each other. Simply reverse the connection going to one of the secondaries. 


Replacing the Iron magnetic shunts will give the transformer controlled current capabilities, it's output Voltage will 
droop quite considerably as current is increased. This is the type of supply which suits the (Per)Chlorate maker. I 
will leave it to the constructor to experiment. 


Low voltage 
winding 


Split here for center 
tap if you ¥ 


The above picture shows the inputs of two 230 Volt input microwave oven transformers connected together in 
series for connection to the 230 Volt mains supply. Since the core areas are not exactly the same and the input 
winding have not exactly the same number of windings on them (difficult to count), more input voltage was 
dropped across one input winding than the other. 130 Volts on one and 100 Volts on the other. This is not a 
problem. The output windings were placed where the high Voltage secondary used to be and the Voltage simply 
measured to find out what the 'turns per Volt' value of each transformer was. Then you can put on the amount of 
turns on each to give a reasonably balanced voltage coming from each secondary. You may like to split the wire 
where the secondaries join (mid point) and use two diodes to rectify the output. This will give you a Voltage to the 
cell of approx. what each transformer is putting out. If you use a bridge rectifier (4 diodes) and not use the mid 
point, then your cell will see the Voltage that both transformers are putting out. ie. twice the Voltage of the last 
case. This may suit if you have 4 (as opposed to 2) diodes. You can tap the windings anywhere you like to give 
whatever Voltage suits your set up. In fact you don't have to put in permanent taps. If you wire is reasonably 
flexible you can simply put in a winding (or two or three...) each side of the center point to give you more Voltage 
if you need it. You can take out winding to reduce Voltage. Don't cut the wire, leave it so that you can put in and 
take out winding as you so wish. Not the tidiest of set up, but its a (Per)Chlorate power supply we are making, not 
an exhibit in a beauty pageant. If you are using a Variac the taps are not really relevant. (You can never have 
enough Variac's you know!) Remember if little or no Voltage appears from the joined secondaries they are 
probably connected the wrong way around. Unwind one transformer secondary and wind the opposite way. 
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Current and Voltage waveforms of a Sodium Chlorate cell powered with 
an MOT transformer, bridge rectifier and capacitor 


A cell was set up with a large Graphite 
Anode and Copper Cathodes to 
investigate current and Voltage 
waveforms. The Anode current density 
was approx. 40 to 48mA per square cm. 
The cell was cold at approx. 14°C. 
Current was measured by monitoring the 
Voltage across a 0.001 Ohm resistor 
placed next to the cell. Current was also 
measured using a large 50 Amp moving 
Iron meter placed after the rectifier. A 
Variac was also on the input of the 
transformer. The transformer was a 

| rewound MOT with 12 turns of 10 
squared mm cable with PVC insulation. 
Each turn on the transformer give 0. 895 
Volts. The winding is not very tidy as I 
attempted to place too many windings 
onto the core. The core area of the 
transformer was 22.3cm squared. The 

} output Voltage held up well when the 
transformer V was loaded to 50 Amps. It give 9.71 Volts out when loaded at 50 Amps into a resistor. The Voltage 
rose to 10.45 Volts when the load was removed. 

The following figures give an indication of Iron losses occurring in the transformer with NO load attached, as the 
input Voltage was increased with the Variac. A 'Kil-a-watt' meter was used to measure the loss. 

140 Volts------- 11 Watts, 170 Volts------ 20 Watts, 200 Volts------ 45 Watts, 215 Volts------ 84 Watts, 230 Volts--- 
---136 Watts and 236 Volts------ 171 Watts 

This transformer runs hot when full mains Voltage is applied with no load on the output. It runs less hot when a 
load is on the output. It does not actually blow any fuses but it may get hot enough to melt/damage PVC insulation 
on a home wound output winding. Be aware of this fact. The number of input windings on MOT transformers are at 
a minimum as the oven maker knew that the transformer would always be connected to a load, which allows the 
minimum number of input winding turns to be used. 


0.5 V/Div 50Hz 


Current into cell 


Zero-AMps 
The traces above show the current and Voltage waveforms at the Chlorate cell when 
supplied with raw DC from a rectifier (no smoothing capacitor). The Voltage 
waveform across the cell looks a bit strange. There is a sloping part between Voltage 
pulses (when current is at Zero). The current appears to stop going into the cell when 
the Voltage goes down to 2.85 Volts. Perhaps this indicates the (often mentioned in 
the scientific literature and measured with a third, 'reference’, electrode) minimum 
Voltage required to make Chlorate. The slope that can be seen would appear to be an 
exponential Voltage drop down to 1.3 Volts where battery action keeps the Voltage across the cell at 1.3 Volts 
(Graphite Anode, Copper Cathode). The exponential nature of the slope is noticed when the supply is disconnected 
from the cell and the scope line is seen to drop down to 1.3 Volts over a period of approx. three seconds in an 


exponential fashion. A magnified view of the slope is shown at left and is of no practical significance to the home 
Chlorate producer. 


Voltage accross cell 


0.5¥/Div SOHz 
Micro F Cap, 


23.5 Amps into cell 


68k micro F Cap. 


23.5 Amps into cell 


Zero. AMPs 
The scope traces above show the current and Voltage waveforms when a 60K Micro Farad capacitor is connected 
across the cell. This capacitance is capable of keeping the cell Voltage high enough so that the current through the 
cell never goes to Zero. The average current (measured with a moving Iron meter) through the cell increases from 
20 Amps to 23.5 Amps. It is worth while adding this capacitor or a larger one. 


A large transformer with a core area of 49 cm squared with 24 turns on the core (inductor of 0.73mH as measure 
with a multimeter with no DC current going through the inductor) was available and used in order to see how much 
it would help to give a smoother current into the cell along with the capacitor. The current ripple decreased by 
approx. half but the total current into the cell (on moving Iron meter) decreased down to approx. 9 Amps. The 
Variac was used to bring back the cell current to 23.5 Amps. Since most home Chlorate makers will not have 
access to a transformer core of this size and since it does not have a very dramatic or useful effect on the current 
drawn by the cell, the addition of an inductor was not investigated any further. 

Using an MOT with some turns of heavy wire, had no visible effect on the current drawn by the cell. It was 
pointless trying to obtain a smoother current as the inductance available from an MOT core (air gapped or not) was 
far too small. 


The circuit below shows the setup for this discussion. 


Moving Iron 
Inductor added 


temporally 


MOT 0.001 Ohm 


Core area 22.3cm? 
12 turns output 


68K Micro F 
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Run time for Sodium Chlorate cell 


How long to run a cell can be a difficult question to answer. 

It will depend on the amount of NaCl that you started off with, how low you want to decrease the Chloride 
concentration to (Anode wear considerations), the current entering the cell and the current efficiency . 

The current efficiency achieved in industrial plant (with pH control) is in the region of 95%. For the amateur it will 
be much less as pH control is not usually performed. With Platinum, Graphite, MMO and MnO2 45% to 55% for a 
typical set up without pH control will be achieved, assuming you are not running your cell to a low Chloride 
concentration, say 60g/I or less. Magnetite needs pH control for to achieve sensible CE. 

With MMO good efficiency's are achieved even when the cell is let run to low (40g/l) Chloride levels. With Lead 
Dioxide low CE's without pH control are obtained. 


Small lesson on electricity 


The way the Chlorate maker should look at electricity that enters the cell is in terms of the total number of 
electrons that has entered the cell over a period of time (that's the total charge, that has entered the cell). Amps are 
the RATE of flow of charge. (like gallons per second is to water).There are a number of different units that are 
used to describe the number of electrons (charge). (This is similar to the fact that there are a number of different 
ways to describe, for example, length, the Meter, Mile, Foot, Yard, etc ) 


The Coulomb, (C) [pronounced cool-em] 

The ampere hour,(Ah) 

The ampere minute, (Am) 

Ampere seconds, (As) 

The Faraday, (Named after Michael Faraday) = One mole of electrons. 
See What is a mole 

All the above units are equivalent and are related thus: 


The units we usually work in are ampere hours and (when we want to understand what is happening inside our 
cell) we may wish to talk in terms of moles of electrons. 

When our cell is converting Chloride into Chlorate at 100% current efficiency it means that every six mole's of 
electrons that enters our cell is used to convert one mole of NaCl into one mole of NaClO3. It takes six electrons to 
stick’ the three Oxygen atoms onto the Chloride. 

When Charge is flowing at a rate of one Coulomb per second this is called one Amp. As stated above the Amp is 
the RATE of flow of Charge. The length of time needed for a current of one Amp to shift one mole of Electrons is 
26.802 Hours. 

Their are 58.443 grams NaCl (74.55g KCl) in one mole. 


The following table is taken from Mike Browns page and shows the time for a Sodium Chlorate cell running at 
100% current efficiency, to convert all of the Chloride in the cell to Chlorate. 

If you run your cell for the amount of time in the (100% efficiency) run time table you will get somewhere between 
45% and 55% of the NaCl turned into Chlorate for a cell that is not pH controlled. That is what we call 45 to 55% 
current efficiency. The other 45 to 55% of the electrons are 'lost' to other processes in the cell. 


When your cell is working, some water is used up in the reactions and some will evaporate. This volume loss will 

have to be replaced or the cell contents will get small in volume and leave your Anode and Cathode not immersed 
as far as you would like. You can either add water or salt solution. If you want to separate Sodium Chlorate out of 
your cell as solid product then it is essential to keep topping up your cell with NaCl solution. You will have a high 
concentration of Sodium Chlorate in your electrolyte when you are finished which will give you some solid 


Chlorate ppt. 

Know what the concentration of the top up solution is and keep a note of how much you add. 

If you have a lid on the cell there will be little evaporation and therefor no room for adding salt solution. 

If you run your cell with no lid, a Salt/Chlorate mist will descend on everything around the cell. The mist gets 
created by the bubbles of Hydrogen leaving the cell. It may be necessary to operate the cell outside or better to 
have some sort of cover that will allow evaporation but trap the dreaded mist. 


It depends on what you are doing. You will also have to take into consideration what type of Anode you are using, 
ie. if using Graphite the salt concentration should not be let fall low or excessive erosion will occur. If Sodium 
Perchlorate is the target, with no separation of intermediate Chlorate, then you will be letting it run for a long time 
and it is difficult to give a figure off hand, see the 'Sodium Perchlorate’ section. 

If you are making KCIO3 by adding KCl, things are not very critical and you can let it run for the amount of time 
in the 

Sodium Chlorate cell run time calculation. This formula will give you the practical run times for a cell that is 
working at various efficiencies. The formula insures that there will be about 100g/1 of NaCl in the cell that is 
unconverted to Chlorate at the end of the run. This is OK, as it means that you will have gotten sensible current 
efficiencies throughout the run of the cell because you have not run your cell to very low Chloride concentrations 
where you would have gotten ridiculously low current efficiencies. It also means that you will not have eroded you 
Anodes excessively, especially Graphite. 

You then add KCl, filter and start again. There will be 100g/l of Sodium Chloride left in the cell when you use the 
run times given by the formula. That’s why the cell volume is included in the formula. 


For the person who wants to separate out solid Sodium Chlorate from the cell you should run your cell for the 
amount of time in the 

Sodium Chlorate cell run time calculation. (same as above) 

Include the NaCl that was added when topping up the cell in the run time calculation. 


When removing product from the cell by crystallization, the appropriate mutual solubility diagram should be 
consulted. An explanation of how to interpret mutual solubility diagrams is in How to Design Fractional 


Crystallization Processes. 
Also the book "Aqueous Solutions and the Phase Diagram" by FREDERICK FIELD PURDON and VICTOR 
WALLACE SLATER, is very useful reading. It is available in Google Books. 


From Swede: 
If you know the amount of dry solid product you have produced (grams) from a run you can calculate the CE using 
the following simple formula: 


Process [Formula for CE in % 


Na Chloride to Chlorate [151.08 * Weight/Ah 
Na Chlorate to Perchlorate [43.78 * Weight/Ah 
K Chloride to Chlorate [131.22 * Weight/Ah 
K Chlorate to Perchlorate [38.69 * Weight/Ah 


Na Chloride to Perchlorate [175.10 * Weight/Ah 


For Perchlorate cell runtimes see the 'Sodium Perchlorate' section. 
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What is a Mole 


The following attempts to illustrate what a Mole of a substance is. 


A mole of any substance is the weight of the substance that contains a certain number of molecules (or atoms) of 


the substance. One mole of a substance contains 6 X 102? molecules (atoms if its an element). A molecule of a 
compound will have a certain very very small weigh, and the smaller the weight of each molecule (or atom) the 
smaller the total weight of the substance you will need to give you a certain number of molecules. 


The mole is used because when you speak of a mole of something you are talking about a certain number of 
molecules (or atoms) of that substance and is very handy when you are trying to figure out how much of one 
substance you need to mix with another substance so that each molecule (or atom) will have a ‘partner’. 


In lots of cases one molecule of a (greedy) substance will demand two 'partners' or more and its simply a matter of 
giving one mole of that (greedy) substance two moles (or three or...) of the other substance. 

How do you get a mole of something? 

If you are dealing with an element, you simply take its atomic weight and take that amount of grams of the 
substance in order to have a mole. 

With compounds you must add up the contribution of each element in the molecule so that you get the total atomic 
weight and that number in grams in a mole of the compound. 


With electrons (electricity) its not so easy as you cannot take (say) "20 grams" of electricity and add it to our cell. 
Electricity is a flow of electrons and amps is the measure of the amount of electrons that flow every second. So in 
order to get a certain number of electrons, one mole we are interested in, we must let one amp flow for 26.8 hours 
to get one mole of electrons. Thats called 26.8 Ah (Ampere hours). If we have a current of 10 amps we only need 
to let that current flow for 2.68 hours for to get our mole of electrons. (NOTE: 2.68 hours = 2 hours: 41 minutes) 


1 | 231/39.1_| 40_| 137.34 [35.45 | 16 | 14 


| Flement PH] Nal kK | ca} Ba | ci | o[N 


3 


“sqms K 


atoms Ba. 


You will have one mole of K if you have 39.1 grams of K, which means that you will have 6.02 x 10° 
You will have one mole of Ba if you have 137.34 grams of Ba which means that you will have 6.02 x 1 


With compounds it is a bit more complicated. You need to add the indnaidual weights of the atoms together 
and the number of each (if there is more than one of them). All the atomic weights added up is called the 
molecular weight. 


Take for example KCIO, (potassium chlorate) Take for example Ba(CIO,), (barium chlorate) 


KC IO There is one Ba atom = 137.34 
3 
J \ —~ There are two Cl atoms = 2 X 35.45 = 70.9 


There are six oxygens= 6 X16 = 96 
1x 32a —— 


There will be 304.24 grams 304.24 


39.1 in one mole of Ba chlorate. 
35.45 
+ Ag There will be the same number of molecules in 122.55 
grams K Chlorate as there is in 304.24 grams of Ba Chlorate. 
122.55 


There will be 122.55 grams That's 6.02 X 10**molecules, The Avogadro number. 
in one mole KCIO, 
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This run time table is theoretical. 
It does not reflect the low (approx. 50%) current efficiency of the typical Na Chlorate cell. 


Molecular weight 
of NaCl 


Run time in 
minutes per 


gram Nacl 


9648Am (amper minutes) to convert one mole 
salt into chlorate (100% current effeciency) 


1 
= «CK:SCOC96A8B. 


58.5 
amps into cell 
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NaCl —> NaClO3 Run Time in hours:minutes (100% current efficiency, all the way to zero chloride concentration) 
[Amperes _—|[PerGramofNaCl —s__si| Per Ounce of NaCl Per Pound of NaCl 
[2 jf ea 980” 624:02 
[ 3 | o55 | 26:00 416:02 
5 0:33 15:36 249:37 
[ 6 jf oa ff 13800 208:01 
[7 to 178:18 
9 0:18 8:40 138:40 
[ 1 jf of 74800] 124:48 
f ou ft 113:28 
13 0:13 6:00 96:00 
[4 ot 8 89:09 
fs fet 83:12 
18 0:09 4:20 69:20 
[ 1 | oo8 4:06 65:42 
20 0:08 3:54 62:24 


Practical run time calculation 


A quick way to calculate run time is to note how many moles of ‘available Chloride’ there is in the cell. It will take 
6 moles of electricity per mole of ‘available Chloride’ to finish the cell @ 100% current efficiency]. 

With 50% CE it will take twice as long. 

To put it another way it will take 161 Amper Hours to convert each 58.5 grams NaCl into Chlorate @ 100% CE. 


The formula gives the run time's for a Sodium Chlorate cell, based on the number of amps and the total amount of 
Chloride that you have added to the cell. When this run time is used you will not get all of the Chloride converted 
into Chlorate. The time is calculated such that there will be about 100¢/1 of salt left in the electrolyte when the run is 
complete. 

100¢/1 of NaCl is a lower limit for industrial set up and you may wish to run your cell to lower concentrations of 
Chloride. CE and Anode erosion are the main factors to consider when deciding what level to reduce the Chloride 
to. See the Anode section for sensible lower limits. The total amount of salt in the cell minus the amount you are not 
going to convert is called the ‘available Chloride’. 


The higher the current efficiency the shorter the run times. 


If you are using salt solution (recommended if you are going to take out a crop of solid chlorate) to top up your 
electrolyte, it simply means that you will have to recalculate your run time each time you add some solution taking 
into account the extra salt that you have added to the cell. If the cell has a lid this will not be realizable as there will 
not be enough evaporation. 


Time || salt added cell in liters table 


{in minutes) 


Run — [Total grams — (100 x Volume of ) x Figure in 


| __ Figure in minutes(decimal) per (‘available’)gram NaCl for different current efficiency's 
[Amps| 02% Current efficiency 96 eufentefeney [5076 current effcieney|@0% current efficiency 
[ 4 | 103.07 | 76.35 68.72 51.54 
[ 15 | 27.49 | 20.36 18.32 13.74 


[ 50 | 8.25 | 6.12 5.50 4.12 
[ 150 | 2.75 | 2.04 1.83 1.374 


Molecular weight 9648Am (amper minutes) to convert one mole 
of NaCcl salt into chlorate (100% current effeciency) 

1 

—— X 9648. 


Figure — 100 x 58.5 
intable ~ current effeciency amps into cell 


Another form of the above formula can be useful: 

Run time in hours = (16080 X Weight of starting Chloride to convert) / (Molecular weight of starting Chloride X 
Amps X %CE) 

There is a small spreadsheet here using the formula which may be useful. 


It can be illuminating to know how much Chlorate you are getting per minute of operation of your cell. If you are 
getting 54% current efficiency you will get 1 gram of Sodium Chlorate per amp going into your cell every 167.76 
minutes, or if you like, 0.00596 grams Chlorate formed per minute per amp. 

So if you are running your cell at 10 amps you will get 10 grams Sodium Chlorate every 167.76 minutes, or 0.0596 
grams per minute. At 100 amps you will get 0.596 grams per minute of Chlorate forming, that's 858 grams per day. 


The following is a useful little program for calculating run times for cells and also will tell you at the press of a 
button what amounts of Chlorate to expect from your cell in a given time. 


Chlorate cell calculation program (106K). 


It is not a good idea to download programs from the INTERNET "willy nilly" and run them, as they may contain 
viruses 
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cell 


Reaction equations and cell chemistry in the Chlorate 


There is not much to be said here that has not been said elsewhere. The reactions that 
occur inside a Chlorate cell are not easy explained by the non-professional to the 
non-professional. What actually happens, how fast it happens and what way it 
happens depends on a lot of factors including: pH of bulk solution, temperature, 
concentration of starting, intermediate and end products, stirring of cell contents, 
current density on electrodes and current concentration in the cell, additives in cell, 
ratio of total volume of cell to area of electrodes, spacing and arrangement of 
electrodes, type of electrodes, cell voltage...and more. 

To complicate matters more the effects of each of the parameters cannot be studied 
in isolation as all the parameters interact with one another in a complicated way. You 
also have the added complication of how YOU would like your system to behave. 
The industrial manufacturer will be very concerned with power consumption. The 
Amateur will not be very concerned. 

All theses factors create a lot of healthy debate. 


It should be noted that the Non-Professional cell will probably be operated at a high 
pH (ie. no pH control). When this is the case, practically all of the Chlorate is made 
by electricity and therefor there will be no chemical conversion of intermediates into 
Chlorate in the bulk of the solution, and therefor the temperature of the bulk solution 
will be somewhat irrelevant. Also the maximum possible current efficiency in this 
situation is 66.7% 

If pH control is to be realised, you will have to set up a system to drop HCl into the 
cell continuously. Throwing a 'slash' of 10 or 20% HCl into the cell every half day or 
so is not sufficient. 


The diagrams below attempts to show the overall reaction in a simplified manner 
See What is a mole if you don't know what a mole of a substance is. 


Some Relevant species 


Dichlorine Oxide  Cl20 
Chlorine Dioxide ClO2 
Chlorine Trioxide ClO3 
Petree 0 
Hydrochloric acid HCl 
Hypochlorous acid HClO 
Hypochlorous ion ClO” 
Chlorous acid HC102 
Chloric acid HCI1O3 
Perchloric acid HC104 


Sodium salts 


Sodium Chloride NaCl 
Sodium 

Hypochlorite eae 
Sodium Chlorite NaClo2 
Sodium Chlorate NaClO3 
Sodium Perchlorate _NaClO4 


re ames, 
NaCl + 3H,O + 6e- NaClO; + 


=.=: eS = 


The above is what happens when 700% current efficiency (CE) occurs 


There is a good discussion of Chlorate cell chemistry in the 'Further Reading Section' , Ullman. Chlorine Oxygen 
acids and Salts. 
See also 


Comprehensive Treatise of Electro chemistry Vol. 2 Electrochemical Processing. J.O. M. Bockris, B. E. Conway, E. Yeager, R. E. White. 
Plenum Press, N.Y. 1981, also The Kirk-Othmer Encyclopedia of Chemical Tech. 


Chemistry of pH controlled versus non pH controlled cells 


In all cells, Chlorine is produced at the Anode where it reacts with water to form HCIO. Hydroxyl ions are produced at the 
Cathode and must mix with the electrolyte. 
To the pH controlled cell some of the Hypochlorous acid decomposes (disassocuates) unto Hypochlorous Ion + H Ton as per reaction (A) 
: + 
HCIO ==> CIO" +H (A) 


The Hypochlorous Ion (C1O™) produced reacts vath more Hypochlorous acid to form Chlorate Ion as per reacuon (B) 
- = . + 
2HCIO + CIO” ==> CIO + 2Cl + 2H (B) 


Chlorate has now been produced. 6 Electrons are needed per Ion of Chlorate (6 Moles Electrons per Mole Chlorate). Thus is 100% current 
efficaency (CE). Reactions (A) & (B) are often referred to as the bulk reactions as they take place in the bulk of the cell away from the Anode. 
They happen slovdy and are favoured by high temperuatures. The (B) reaction 1s favoured by a ratio of HCIO to CIO” of 2 to 1, which 
occurs at a pH of approx. 6.7. Reaction (A)+ (B) is often referred to as Chemical Chlorate formation or Autoxidation. 


When the bulk of the cell solution is at a high pH (no pH control), ALL of the HCIO disassociates so that only ClO™ 
exists and reaction (B) cannot happen. The only way Chlorate can form is for this ClO” to come into contact with 
the Anode and for another reaction (C) to happen. 


3CIO + 1.5H,0 ===> ClO; + 3H" + 2Cl +0.750,+3e (C) 


A further three Electrons are required for this reaction to occur. That 1s 9 Electrons in total compared to 6 af Chlorate 1s made by the bulk 
reaction route. Therefor the maxumum CE possible wath this route 1s 66.66%. Thus is the route that most Amateur cells vall go to make 
Chlorate (1. not pH controlled). Reaction (C) is often referred to as Anodic Chlorate formation. It is undesirable in industry. 
Other side reactions occur. Hypochlorous Ion and Chlorate Ion get reduced at the Cathode. Oxygen gets produced at the Anode and bubbles 
out of the cell, Chlorine gas escaping from the cell is what causes the pH to rise. 
Anode material must have cathylitic effect to producd Chlorine in the pH controlled cell. In the non pH 
controlled cell it must also have cathylitic effect to make reaction (C) happen. 


A distribution of 2 of Hypochlorous acid to 1 of 
Hypochlorite Ion is what favours 'Bulk’ Reaction 


100% 


15% 


50% 


25% 
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Diagram on left shows the dependency of the 
concentration of intermediate species in the chlorate cell 
on pH. At a low pH the cell will generate Chlorine gas 
which will escape out of the cell and this will cause the pH 
to increase. As the pH rises the ease with which Chlorine 
can escape out of the cell gets less and less and the cell 
will stabilize at a pH of about 9 or 10. At this high pH, 
practically all Chlorate is made by electricity by the 
Anodic Oxidation of the Hypochlorous ion (Anodic 
Chlorate formation) at a maximum possible current 
efficiency of 66.66%, the nine electron route. Adding acid 
lowers the pH which will decrease the concentration of the 
Hypochlorous ion and increase the concentration of the 
Hypochlorous acid. Thus it will be possible for Chlorate to 
form in the bulk of the solution by these species combining 
(Chemical Chlorate formation), the six electron route. 


G 
Distribution of Cl2 in electrolysis of 68 pH 
1M Chioride Solution 


OK Ok OK OK OK Ok ok 


The pH of the cell increases if you do not add acid to the 
cell. This is caused by Chlorine gas escaping from the cell. 
As the pH rises up to about 9 or 10 the Chlorine is no 
longer able to escape and the pH will stabilize. 

If you want you can control the pH of your cell. This will 
dramatically increase current efficiency and also give much 
much less erosion if you are using Graphite Anodes. It will 
decrease erosion on all Anode typed IMO. I have seen 
reports of acid being added to cell every 24 hours in order 
to control pH. This should be considered a maximum time 
interval to use and better to add acid 3 or 4 times daily. 
Better still to set up a system to drop dilute HCI into the 
cell. A pH probe that is permanently immersed in the cell (a 
pH stat) and that is capable of withstanding cell condition 
will have a high cost. The best strategy for the Amateur is 
to simply drop/pump HCl into the cell at a rate that will 
hold pH in the wanted region. The pH can be checked 
periodically using an standard pH meter. 

The cell chemistry changes dramatically when the pH is 
held at the optimum and the optimum cell design changes 
too. When you are controlling pH it is good to have a fairly 
large bulk of solution in your cell so that there is plenty of 
space away from the anode for the bulk reactions to take 
place. Industrial set up have two main parts to a Chlorate 
cell. The first part (cool temperature) has the electrodes 
closely arranged so that the solution spends minimal time 
between the electrodes. The solution (now rich in 
intermediates) flows into a bigger tank where bulk reactions 


take place and this is maintained at a high temperature. 
When the cell is pH controlled the current efficiency goes up as temperature goes up. As a rough figure you can 
expect a 6% increase in current efficiency as you increase the temperature of your cell from 30 to 80C. 


If you are not controlling pH there is little point in having conditions favorable to bulk reactions IMO. Most of the 
Chlorate will be made by electricity alone, therefor temperature will not have much effect on current efficiency. Note 
that Magnetite Anodes will not make Chlorate at a sensible CE if there is no pH control. 


100 


4s can be seen from the diagram the sides of the curve are 
steep and therefor if you are going to control pH you should 
aim to keep pH between the arrows. 
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efficiency, % 


Current 
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The pH of the cell will always 
drift in this direction and will 
stabalize at about 9 if acid is 
not added. 
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5 5.5 6 6.5 r 7.5 8 
pH : 
Current efficiency as a function of pH at 60 C 
Current density on anode was 30mA/CM42 Anode 
230g) NaCl + 2g1 Sodium Dichromate 
From Journal of Electrochemical Technology 6 (1968) 402 
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Effects of temperature on acid consumption obtained at a pH of 6.75 


Current density on anode 30mA‘cm*2 Magnetite anode. ) 


Electrolyte, 230g/I NaCl + 2g/l Sodium Dichromate 
From: Electrochemical Technology 6 (196€) 402 


This table shows the effect of pH control on current efficiency and acid consumption 


Quality of 
pH control 


35% HCl consumed 


. = 0) 
pH drift Current efficiency, % kg/ton - NaC103 


Medium 6.0 to 7.8 74.4 87.5 


Good 6.7 to 6.8 . 62.5 


From: Electrochemical Technology. 6 (1968) 402. Magnetite Anode was used. 


As can be seen from the above diagrams and 
From: Electrochemical Tech. 6 (4968) 402 tables, it is very beneficial to operate a pH 
controlled cell at a high temperature 
(assuming it will not erode the anode). Not 
alone does this increase current efficiency 
directly (by helping the bulk reaction take 
place) but it also lowers the amount of acid 
required to produce a given amount of 
Chlorate. 
It is also beneficial to control the pH 
accurately. This increases current efficiency 
directly and it also decreases the total acid 
requirement for a given amount of Chlorate 
produced. 
The acid requirement for a given amount of 
Chlorate produced will go down as current 
efficiency goes up. 
With the pH of the cell at the optimum, the 
quantity of Chlorine escaping from the cell 
will be greater than a similar cell run at a pH of ~9-10 (pH not controlled). This represents a current loss (ie. some 
current is wasted producing Chlorine for no good reason). It also represents a molar loss. The extra amount of 
Chlorine escaping from the cell is very small as can be seen from the graph. 


Current loss due Chlorine escapeing from cell, % 
— 


pH 
5 5.5 6 65 7 15 8 


Figures from industry vary greatly as to the amount of acid used per KG Na Chlorate produced with a range from 40 
to 110 Kilo of 35% HCl per Ton of Sodium Chlorate produced (40 to 110 grams 35% HCl per KG Na Chlorate). 

If you assume that a CE of (say) 85% will be achieved in your cell you can calculate the amount of acid to add, per 
amp per hour, that equates to the figures in KG acid per Ton Na Chlorate. The actual figures calculated from the data 
above give an addition rate of 12% HCl of from 0.062ml to 0.17ml per amp per hour. (Assuming CE of 85%, density 
of 12% HCl 1.058g/cc). 

Some actual practical figures used in amateur cells are: 


* 0.35ml per hour per amp, 12% HCl (Magnetite Anode in a very small Na cell running one amp). 

¢ 0.13ml per hour per amp, 12% HCl (Graphite Anode in a 2L Na cell running five amps). 

* 0.09ml per hour per amp, 12% HCl (Lead Dioxide Anode with no additive in a 2.3 liter cell running 6 amps). 

* Quote from Swede: 
HCI: With "T-Cell Jr" (KCI, 19L, 50 amps) I had the dosing timer set up to turn on 6 times per day for one 
minute, and each cycle of the dosing pump delivered 12-15 ml, so somewhere around 100 ml per day of 21% 
acid worked. I could probably have added more, the pH was more often than not around 7.5 rather than 6.8, 
but I was very pleased at the stability. Once it was "forced" down to near neutral, there was no tendency to 
rapidly climb; periodic acid dosing as a concept works, and I believe it is a good alternative to full pH 
control with an immersed probe, with its associated probe poisoning problems. 


[This works out at approx. 0.146ml 12% HCl per amp per hour. An MMO Anode was used. ] 


It would appear that small cells require more acid than larger cells. Also approx. three times more acid is required to 
keep pH under control at the start of the cell run, decreasing to the above 'steady state’ amounts after approx. two 
days. See the Graphite and LD Anode sections for some examples of pH controlled cells. When Chloride level gets 
to approx. 50 to 40 grams per liter the pH will stay around the wanted band without any addition of acid. This may 
be a useful indication of the end of the cell run. 

Note that if a large excess of acid is added to the cell it will produce large amounts of Chlorine gas which may be a 
danger. Bear this in mind and set up pumping so that only a certain maximum of acid can enter cell should the timer 
malfunction and/or use good ventilation. 

Various schemes have been suggested for adding acid to cells. A pump and timer as above is good or a small 
reservoir and a solenoid on a timer would suffice. There are some simple gravity systems here. 


Reaction equations and cell chemistry in the 
Perchlorate cell 


All the reactions in a Perchlorate cell take place at the surface of the electrodes with no 'bulk' reactions taking place. 
The overall reaction can be describes thus: 


ClO3° + H20 =====> ClO4 + 2H (2 Electrons are needed) 


The two most usual reactions at the Anode can best be described by quoting from the JOURNAL OF APPLIED 
ELECTROCHEMISTRY 17 (1987) page 45 


perro the mechanism of Anodic oxidation of (Sodium) Chlorate to Perchlorate on Ti substrate Beta Pb02 Anodes 
involves the Anodic oxidation of water in a one-electron transfer step to give an adsorbed (OH) radical as the rate- 
determining step. Perchlorate ion is produced by a subsequent fast oxidation step involving either the Chlorate ion or 
an adsorbed Chlorate radical and the adsorbed (OH) radical. Schematically, this may be illustrated as follows:" 


foER QH O O, + 4H+ + 4e) Unwanted 02 Evolution Reaction) 
2 V2 


H,O —+ (OH),, + H* +e 
Current (OH).4 - ClOy — ClO; + H* + € ees 


into 
Anode 


ClOF =— (CIO ),4 + e —(lischarge of Chlorate ion to form the Chlorate 
radical on electrode surface) 


H,O — (OH),4 + H* + e 


(C1O;),4 + (OH),4 == ClO; + Ht 


(Note: ad = adsorbed = to form a thin film (on electrode surface)) 


Hydrogen is produced at the Cathode. Very little unwanted reactions (Chlorate or Perchlorate being destroyed) occur 
at the Cathode. Quoting from the above study (page 39) 

"It was established that Cathodic Hydrogen evolution occurred at 100% current efficiency during the electrolysis of 
NaCI03 + NaCI04 solutions. In other words, the Cathodic reduction of Perchlorate to Chlorate, or of Chlorate to 
Chloride does not take place to any significant extent. The assay of the solution before and after electrolysis for 
Chloride, Chlorate and Perchlorate confirmed these conclusions." 

One unwanted reaction that occurs at the Cathode when making Mg, Ca, Sr and Ba Perchlorates is the metal 
Hydroxide depositing on the Cathode and causing current to stop flowing. 


The study quoted above used a Lead Dioxide Anode. According to another study, [JOURNAL OF APPLIED 
ELECTROCHEMISTRY 25 (1995) 126-136 Mechanism of Anodic Oxidation of Chlorate to Perchlorate on 
Platinum electrodes], the mechanism for Perchlorate formation at a Pt Anode is the same as the first mechanism 
(above the blue 'OR') depicted in the reactions above. 


One further reaction route that can occur, (according to JAE 22 page 879, See Mg Perk. section) when the electrolyte 
is highly alkaline, is: 


(CIO,),, + OH” ===> ClO, +H* +e 


The main problem with Perchlorate production is that Oxygen is also produced (evolved) at the Anode as an 
unwanted reaction and wastes current (and erodes Anodes). The theoretical reaction Voltages for the wanted 
reactions and the O2 evolution reaction are close. The rate of the wanted reactions increase more that the rate of the 
Oxygen evolution reaction as the Anode current density (Anode potential) is increased so that Perchlorate production 
goes up as Anode current density goes up. The (OH)ad seems to form a film on the Anode at high Anode CD which 
reduces O2 evolution. Sodium Fluoride (and other additives) are sometimes used to increase the Anode potential for 
Oxygen evolution so that less Oxygen is produced. 

Ozone is also produced at the Anode when Chlorate concentration gets low. 

To keep CE high you need a high concentration of Chlorate in the cell which does not suit Amateur one-off batch 
runs. 

The current efficiency also increases as the ionic strength of the solution increases (higher concentrations of salts). 
There is an advantage to having both high Chlorate and high Perchlorate concentrations in the cell. This also does not 
suit the Amateur who will probably run a single cell from start (high Chlorate concentration and zero Perchlorate 
concentration) to completion (low Chlorate concentration and high Perchlorate concentration) and start again with a 
fresh new Perchlorate cell. This may have some implications for production of Potassium Perchlorate directly from K 
Chlorate as the solubilities are lower that the Sodium salts. 

The current efficiency is not dependent on pH (pH between 2 and 10). Commercials Perchlorate cells are pH 
controlled and this may be for reasons regarding Anode or equipment corrosion. Remember the only way to control 
the pH of a Perchlorate cell without adding Chloride is to use Perchloric acid (to reduce pH). NaOH or KOH can be 
used to increase pH. 


2K OK KK ok ok ok ok 


Various additives are used in the Sodium Chlorate and Perchlorate cell. 
Sodium Dichromate is the main additive used in industrial Chlorate cells. It is not suitable for use with Lead Dioxide. 
It has several roles. 


¢ Helps prevent corrosion of Fe Cathodes. 

¢ Helps to buffer the electrolyte in the pH range 5 to 7 (pH control used). 

¢ Inhibits Oxygen evolution at the Anode. 

¢ Suppresses ClO” and ClO3° reduction reactions by forming a Cr304 film on the Cathode. 

¢ Supresses Perchlorate formation at high Chlorate concentrations in the Chlorate cell. (according to JAE 1 


(1971) 207-212) 


Dichromate lowers CE in the Perchlorate cell with both Pt and LD Anodes but not by a drastic amount.(JES 116 No. 
1 page 150) 

Fluoride in the form of Sodium Fluoride plays a similar role to Chromate and is compatible with Lead Dioxide. 
Fluorine also raises the Oxygen over-potential at the Anode (less Oxygen gets produced) giving greater CE in both 
Chlorate and Perchlorate production. Several sources have stated that Titanium Substrate Lead Dioxide Anodes and 
also MMO Anodes can be damaged by Fluoride containing electrolyte, therefor Fluoride (IMO) is not recommended 
when using Ti substrate Anodes. Fluoridated water has very little Fluoride in it and appears to give no problems. 
Persulphate and Sulphuric acid is also said to increase CE with Lead Dioxide in Perchlorate cells. 

Yttrium is also stated to have a similar role to Chromate and is not toxic (Thesis of Linda Nylén). 

Sodium Molybdate is also a possible alternative to Sodium Dichromate. (Journal of Applied Electrochem, Volume 
37, Number 4 / April, 2007) 

Another patent (Google PCT/EP2006/069079) describes using Phosphates in conjunction with Fe-Mo alloy coated 
Cathodes for buffering electrolyte and to stop Cathodic reduction thus eliminating Chromates. 

Chlorate cells that have been run by Amateur operators have shown that additives do not contribute a large increase 
in CE and can be left out (‘green cells') without any great consequence so long as Cathodes have a sensibly large 
current density when working (keep above 60mA per square cm, see Cathode section). 
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